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PREFACE TO THE FOURTH EDITION 


This work has been revised so tliat it may be used advantageously 
with the United States PharmacojKxda XIII and National Formulary 
VIII by students of pharmacy and pharmacists. 

It will be noted that several important changes have been made 
in the content of the book. Quantitative determinations have 
been deleted. A reference is made to or a cursory descrij)tion is 
given of commercial methods of manufac^ture that are of historical 
value only. Industrial processes in current use are described in 
more or less detail. The chemical properties and pharmacological 
actions of the elements and their compounds have been elaborated 
upon. Also, the discussions of the therapeutic value and uses of 
the individual compounds and their pharmaceutical preparations 
have been extended. Only those official salts of organic acids in 
which the inorganic portion of the molecule contributes the thera- 
peutic activity have been included for discussion. For example: 
sodium salicylate has been deleted, whereas mercuric salicylate has 
been retained. In addition, however, there are a number of com- 
pounds of an inorganic-organic nature, c. g., organic combinations 
with I, An, Ilg, As, Sb, Bi, etc., whose therapeutic activity dej)ends 
upon the inorganic portion of the molecule. Such combinations 
have been effected in order to (1) minimize toxi(‘ity and (2) to give 
a retarded or delayed action to the inorganic C()mi)onent of the 
molecule. The authors believe that discussions of this type of 
com])ound do not fall within the scope of this text. For informa- 
tion about these compounds, reference should be made t(^ standard 
textl)ooks in the organic held. There has also been included a 
number of interesting non-official inorganic com])ounds ha\’ing some 
therapeutic valu(‘. In inorganic pharmaceutical chemistry courses, 
it is customary for the instructor to assign a nuinl)er of problems. 
Therefore, a table of four place logarithms is appended for the 
convenience of the student. 

A number of our contemporaries and also chemical and pharma- 
ceutical manufacturers have been very helpful by keeping us advised 
of new developments in their fields. They have our sincere thanks. 
Especially do we want to express our appreciation and thanks to 
Dean Emeritus S. C. Lind for bringing the chapter on Radioactivity 
and The Radioactive Elements up-to-date. 

Charles H. Rogers 
Taito O. Soine 
Charles 0. Wilson 


(.)) 


Minneapolis, Minnesota 
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CHAPTER I 
OXYGEN AND OZONE 

OXYGEN 

ih'inrn, r. s. p. xiii 

Symhol, O. N'aicncc, 2. Atomic Weight, 10; Atomic Number, 8 

History.- Duckworth’s stiuiy of an old work on chemistry by 
Klaproth led him to conclude that the Chinese, as early as the 
eighth century, re<‘ognized the existence of an active element in 
tlu‘ air. They designated it as ync and belie\'ed it to be a compo- 
nent of wat(*r. Its action upon various metals and also its })ower 
to combine with sulfur and carbon were known to them. Eurther- 
more, the\' made th(‘ substance by heating saltpeter and certain 
minerals, such as native manganese dioxide. 

The phenomenon of combustion was studied during the fifteenth 
century by Leonardo da \ inci. In 1()()8, Wayow determined the 
amount of a particular gas present in the atmosphere, and showed 
that it was consumed during oxidation and during the respiration 
of animals. He concluded that these processes were analogous. In 
1727, Steven Hales obtained oxygen by strongly heating minium 
(PbaOd, but apparently did not realize that he had obtained a 
new element. In 1774, Bayen obtained the gas from mercuric oxide. 
In August of the same year, J. Priestley published a description of 
the })roperties of a gas which he obtained by heating mercuric oxide. 
He called it '‘dephlogisticated air.” K. W. Scheele, a Swedish 
apothecary, working independently during the years 1771 io 1773, 
also announced in 1777 the discovery of this element which he 
called “empyreal air.” He prepared the gas from nitrates, observed 
many of its properties and contributed much to the knowledge of 
this element. A. L. Lavoisier, a French chemist of great renown, 
repeated Priestley’s experiments and correctly interpreted the part 
played by oxygen in combustion, respiration, etc. Because of the 
acidic nature of man>' of the compounds formed by the combustion 
of substances in this gas, he named the element “oxygen,” from 
the (xreck: ojes, sour; yei'uao), I produce. 


( 19 ) 
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Occurrence. —Oxygen in the free state constitutes 20.9 per cent 
by volume (nearly 23.1 per cent by weight) of the atmosphere. In 
combination with other elements it is found in very large quantities. 
About 88.81 per cent by weight of water is oxygen and nearly 
50 per cent by weight of terrestrial matter is composed of it. Grow- 
ing plants possess the power of absorbing carbon dioxide from the 
air, assimilating the carbon and liberating the oxygen. Oxygen is 
necessary to animal life in every form. 

Physical Properties.— Oxygen is a colorless, tasteless and odorless 
gas. It is slightly heavier than air, its density being 1.10532 
(air = 1). One liter of oxygen weighs 1.429 Gin. at 0° C. and 
760 mm. pressure. Oxygen can be liquefied when cooled below 
— 118.82° C., which is its critical temperature. The critical tern,- 
peratme of a gas is that temperature at or below which it can be 
liquefied by pressure, but above which it cannot be liquefied regard- 
less of the pressure applied. The critical pressure of a gas is that 
pressure which will just liquefy a gas at its critical temperature. 
Liquid oxygen has a density of 1.13, boils at —182.96° C., and 
may be frozen to a light blue solid which melts at —218.4° C. 
One volume of oxygen dissolves in approximately 32 volumes of 
water and in about 7 volumes of alcohol, at 20° G. and at 700 mm. 
pressure. It quite readily dissolves also in some molten metals, 
especially silver. 

Chemical Properties.- Oxygen is one of the most active elements. 
It unites directly with most metals and non-metals, the rapidity 
of the reactions depending upon the purity and temiierature of the 
gas. The presence of a catalyst' greatly stimulates the combina- 
tion. Non-metals, e. g.y sulfur, phosphorus, and carbon, combine 
with oxygen to form oxides (1,2 and 3), 

(1) S + O 2 SO 2 

(2) 4P + 5 O 2 -> 2 P 2 O 5 

(3) C + O 2 CO 2 

At high temperatures, oxygen unites with several other non- 
rnetals (silicon, boron and arsenic). I nion between oxygen and 
nitrogen takes place only at exceedingly high temperatures 
(1900 C.) and then only to a limited degree (1 per cent or less). 
Oxygen does not combine directly with the halogens or the inert 
gases (lie, Ne, A, Kr, Xe, Kn), although the oxides of chlorine 
and iodine can be prepared by other chemical methods. All of 
the common metals, excepting gold, silver, and platinum, when 
heated, combine with oxygen with varying degrees of avidity. 

Official Tests for Identity. — 1. A glowing splinter of wood bursts 
into flame when it is introduced into oxygen. 

^ A catalytic agent is “a substance which accelerates whether positively or nega- 
tively, the speed of a chemical reaction by contact or by entering into the reaction, 
the agent having the same chemical composition at the end of the change as at the 
beginning.” (General Inorganic Chemistry, by Sneed and Maynard, p. 75.) 
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2. If a small coil of iron picture wire is heated to redness and then 
inserted into a vessel containing oxygen, it will burn with great 
brilliance. 

Tests for Purity.- The U. S. PharmacopaMa XIII recognizes oxy- 
gen under the title Oxygen (Oxygenium), requires that it contain 

99 per cent by volume of (b, aiul limits the presence of carbon 
dioxide, halogens, acids or alkalies, and oxidizing substances. 
Notk.-^ Cylinders containing oxygen must be kept at a temperature 
of 25° C. =^2° for at least six hours before the Oxygen is withdrawn 
for the following determinations. Oas volumes for the following 
tests and assays are to be (‘orrected to a i)ressure of 7()0 mm. and 
a temperature of 25° C. 

Acids or -Dilute 9.3 cc. of methyl red T.S. with 400 cc. 

of boiling water, and boil the solution for five minutes. Pour 

100 cc. of the boiling solution into each of three color-comparator 

tubes of clear glass, of approximately the same size and marked 
‘^A,” “B,” and “C,’’ respectively. Add 0.2 cc. of 0.01 N hydro- 
chloric acid to tube “B,” and 0.4 cc. of 0.01 N hydrochloric acid 
to tube Stopper each of the tubes, and cool them to room 

temperature. Pass 2000 cc. of Oxygen through the solution in 
tube “B^’ at a rate requiring about thirty minutes for the passage 
of the gas. The color of the solution in tube ‘'BJ’ is no deeper 
red than that of the solution in tube “C’' and no deeper yellow 
than that of the solution in tube “A”. Comparisons are l)est 
made using a colorimeter. Tube “B” contains 0.0000729 Gm. of 
hydrogen chloride, if the alkali impurity were ammonia gas the 
maximum allowable would be 0.000034 Gm. of ammonia in the 
2000 cc. of Oxygen sample. In the same way the gaseous acid 
component could not be more than 0.0000729 (im. of gaseous 
hydrogen chloride or 0.000128 Gm. of gaseous sulfur dioxide. 

Carbon Dioxide . — Pass 1000 cc. of OxA^gen through 50 cc. of 
barium hydroxide T.S. The test solution must be devoid of turbid- 
ity prior to the test. If carbon dioxide is present a white pre- 
(‘ipitate forms (4). 


(4) ( 0*2 Ba(OII)2 — ^ Ba( 'O3I, T II2O 

Regulate the flow so as to require fifteen minutes for the delivery 
of 1000 cc. of gas. The delivery tube must have an orifice approxi- 
mately 1 mm. in diameter and must extend to within 2 mm. of 
the bottom of the vessel containing the barium hydroxide solution. 
The vessel employed must give a hydrostatic column of from 12 
to 14 cm. with the 50 cc. of the solution. The turbidity produced, 
if any, does not exceed that produced when 1 cc. ofi a solutioj 
prepared by dissolving 0.1 Gm. of sodiui^^arbonai^n lOfl 
of freshly boiled and cooled distilled wai^^is a| 

50 cc. portion of barium hydroxide T.S. imde^ 
conditions (5). 

(5) Na2C03 + Ba(OII)2 BaCO^i + 2NaOH 




22 


OXYGEN AND OZONE 


For a more precise control use the tiirbidimetric technique, 
U. S. P. XIII, page 7(M). 

Oxidizing Pass 20()() cc. of Oxygen, under conditions 

coinparahle to those' in the test for carbon dioxide^ through 15 ('(*. 
of freshly prepared starch-potassium iodide T.S. to which has been 
added 1 droj) of glacial ace'tic acid. The (‘olor of the test solution 
is not altered by the passage of the Oxygen, as shown by comparing 
it with another portion of the acidified starch-potassium iodide 
T.S. through which the gas has not been passed. Oxidizing sub- 
stances present as impurities may be detected by the blue color 
which they produce in an acidified starch-iodide d\S. 'Phe possible 
reaction may be represented as follows: 

KI + ll.>0 KOII + HI 
2111 + (O) I 2 + I1,>0 

Starch + I 2 Sta,r(*h-iodide (Bine) 

Halogens, l^iss 2()()() (*(*. of Oxygen under conditions comparable 
to those in the test for carbon dioxide, through a mixture of 100 cc. 
of distilled water and 1 cc. of silver nitrate T.S. The liquid shows 
no greater degrc'c of opialescence than does a mixture of 100 cc. 
of distilled water and 1 cc. of silver nitrate T.S., prepared at the 
same time as that through which the gas passes, the observation 
being made in 100 cc., low-form Xessler tubes, which are (*losely 
similar in all respects. A positive ti'st using chlorine as the lialo- 
gen is (0). 

(b) ('I 2 + 21 I 2 O ^ ibo+ + n- + 11(10 
11,0+ + ( 1- IIoO + 11(1 
AgXO, + lid Agdl + UNO, {White) 

Carbon Monoxide.— 0\\^o\\ meets the requirements of the test 
for Carbon Monoxide in Oxygen, page ()2() of U. S. P. XIII. Nitro- 
gen which is negative to the test for Carbon Monoxide under Ethylene, 
page 211 of V. S. P. XIII, shall be considered as carbon monoxide- 
free for the purpose of this test. The test depends upon the reac- 
tion between sodium hydrosulfite and oxygen in a closed system (7) 

(7) Na 2 S 204 + 2(0) + IbO NallSO, + NaIIS 04 

which results in leaving any carbon monoxide present mixed with 
nitrogen which is introduced during the assay. Upon the addition 
of diluted blood to the mixture of gases, a pink or bright red color 
develops if carbon monoxide is present. 

Pyrogallic acid-tannic acid mixture causes a dirty olive-green 
precipitate with the oxyhemoglobin when carbon monoxide hemo- 
globin is absent. 

Commercial Manufacture. — Oxygen is now or has been manufac- 
tured on a large scale for commercial purposes by the following 
processes: (1) By the fractionation of liquid air; (2) the electrolysis 
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of water; (3) the Boussingault-Briii Brothers’ process; (4) the 
Thessie du Motay-Marechal process. 

I . I he h ractmiation of Liquid Air- -Linde Proem.— This process 
is based upon the fractional distillation of liquefied air and has 
sup(*rsed(‘d all otlua* processes lor the commercial production of 
oxygen. When air is liquefied in a suitable apparatus, it boils at 
a temperature of about —101° The boiling-point of liquid air 
( — 191° J .) is higher than the boiling-point of liquid nitrogen 
(“”105.8 C.) and lower than the boiling-point of liquid oxygen 
( — 182.9()° ('.), hence the nitrogen evaporates from liquid air much 
more rapidly than does the oxygen. The ‘T)oiling off” of the nitro- 
g(‘n from ]h\\ii(1 air may be so thoroughly accomplished that a liquid 
oxygen of b(4ter than 9G per cent purity may be obtained. 

The commercial production of oxygen from air involves two 
gt‘neral pr()C(‘dures, viz.: (a) The 'purification and compression of 
air, and (h) the liquefaction and fractionation of the product. 

{(t) Before going to the compressors, all dust and carbon dioxide 
must be removed from the air. Atmospheric moisture is removed 
at some several stages during the compression. The dust and 
carbon dioxide arc taken out by passing the air upward through 
two towers working in series. These towers are packed with coke 
over which trickles a solution of caustic soda or potash. After its 
downward passage over the coke, the caustic liquor is returned to 
the top of the towers and used over again. Over 99 per (?ent of 
the moisture in the air is removed by liquefaction as the air is 
cooled in its passage from one compression cylinder to another. 
The small amount of water still remaining in the so-called “fourth- 
stage air” is removed in a cylindrical vessel, using the counter-llow 
principle, with fused calcium chloride or caustic potash. The 
compressing of the purified air is accomplished in either four- or 
five-stage compressors (depending on the output of the plant). In 
its passage from one cylinder to the next in the compressor, the 
air passes through a set of (‘oils immersed in running cold water so 
that it enters the next cylinder at practically room temperature. 
In the compressor the air is reduced to about 2 per cent of its vol- 
ume and is under a pressure of about 2900 j)ounds per square incli 
(about 200 atmo.spheres). 

(b) The clcjin, dry carl)on dioxide-free, high-])ressure air is now 
rcjidy to be liquefied and fractionated. These operations are 
usually effected in a combination liciuefier and fractioucitor. Due 
to the consumption of heat necessary to overcome molecular cohe- 
sion, all gases upon expansion become somewhat cooled. The 
lower the temperature of a gas, the greater is the attraction between 
the molecules. Because more heat is required to overcome this 
increased cohesion, the cooling eftect upon expansion is greater. 
The various processes for the liquefaction of air are based upon 
this principle. Referring to Figure 1, the high-pressure air enters 
the Linde system (buble column liquefier and separator at 1, and 
passes through the exchanger through coil 2. In the exchanger 
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the incoming air loses heat to the outgoing oxygen and nitrogen 
contained in their respective tubes, so that when it reaches the ex- 
pansion valve at 3, it liquefies and flows down over the plates in 
the lower coliinin. A li(juid rich in oxygen collects at 4 and a 

liquid high in nitrogen 



reaches the top of the 
lower column, is cooled, 
and collects at 7 ; from 
where it passes through 
the valve 8 and to the top 
of the upper column. The 
licphd rich in oxygen, on 
the other hand, passes 
through the valve and tube 
10 to the middle of the up- 
per fractionating column. 
As this liquid passes down 
through the upper column 
it loses its nitrogen and 
collects at 5. 44ie nitrogen 
being the more volatile of 
the two liquids leaves at 
the top of the upper col- 
umn. Both of the gases 
leave the system through 
the exchanger ma their re- 
spective conduits, 0 and 9. 
The oxygen is delivered 
either to a large tank or 
directly to a three-stage 
compressor which com- 
presses the gas in seamless 
steel cylinders under a 
pressure of 2000 pounds to 
the square inch. Liquid 
oxygen is now being de- 
livered as such to large 
users of the gas. 

2. The Electrolysis of 
Water.— In those plants 
where both oxygen and hy- 
drogen are needed, this 


Fig. 1. — Combined liquefier and separator, method may be UScd SUC- 
(From Riegel’s Industrial Chemistry -An Intro- cessfullv. A direct current 
duction, Publ. Chemical Catalog Co., Inc.) jg between iron or 

steel electrodes that are 


immersed in 15 per cent aqueous solution of sodium or potassium 
hydroxide, using an asbestos cloth diaphragm. Oxygen is generated 
at the anode and hydrogen at the cathode; the method of collecting 
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the gases depending upon the construction of the cell. Water only 
must be added to the cell during the electrolysis. The efficiency 
of this type of cell (said to yield an average of about 7.5 cubic feet 
of hydrogen and 8.S cubic feet of oxygen per kilowatt hour) is 
increased by carrying out the electrolysis under pressure. 

3. The Boussingault-Brin Brother, s' Proce.s,s. — Although practi- 
cally obsolete, the Boussingault process, as modified by the Brin 
brothers, is of historical interest. It was carried out by heating 
barium oxide to dull redness in retorts into which clean dry air, free 
from carbon dioxide, was forced under a pressure of about 15 pounds 
to the square inch. Linder these conditions, 1 molecule of barium 
oxide combined with 1 atom of oxygen to form barium peroxide (8). 
When the reaction was complete, the pressure was released and 
most of tlie uncombined nitrogen escaped. While the temperature 
of the barium peroxide was still very high, a vacuum of about 
27 inches was produced in the retort by a suitable pump. Under 
these conditions. 2 molecules of the peroxide yielded 1 molecule 
of oxygen and were reconverted to the oxide (9). The process was 
a continuous one, the barium oxide being ehanged about once every 
() months. 

(8) 2BaO + 0, -> 2Ba02 

(9) 2Ba()2 21hi() + (>>1 

4. The Thessie du Motaij-Marcclud Process. '44iis proeess is also 
of historical interest rather than of industrial importance. 

It consisted of making sodium manganate by passing dry air over 
a heated mixture of manganese dioxide and sodium hydroxide (10). 
When the mass was mixed with a little cuprous oxide to insure 
regularity in the reaction and heated to 450*^ C. in a current of 
steam, manganese dioxide and sodium hydroxide were regenerated 
and oxygen was liberated. 

(10) 2Mn0‘2 -h 4NaOH -f- O 2 2 Na‘ 2 iVIn 04 -j- 2 H 2 O 

The oxygen was washed with a cold alkaline solution and collected 
in gasometers, from which it was subsequently compressed in steel 
cylinders at about 1800 pounds pressure. 

Physiological Properties and Medicinal Uses. —Oxygen is essential 
to all animal life. During respiration it combines with the hemo- 
globin of the blood to form oxyhemoglobin, in which form it is 
distributed to the tissues of the body, where compounds containing 
carbon and hydrogen are slowly oxidized to carbon dioxide and 
water, and heat (energy) is developed. Oxygen is widely used in 
medical practice as well as in surgery. All pathological conditions, 
e. g,y pneumonia, angina, asthma, bronchitis, etc., that are accom- 
panied by cyanosis and dyspnea (difficulty in breathing) are relieved 
by inhalations of the gas, using the “oxygen tent” or other suitable 
devices. It is administered in chloroform poisoning and in threat- 
ened death from inhalations of coal gas or nitrous oxide (q. v,). 
Oxygen is used in the resuscitation of individuals apparently 
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drowned. Under conditions in which tliere is a scarcity of oxygen, 
e. g., in airplanes at high altitudes, in diving hells and in suhniarines, 
this essential gas is supplied from tanks. 

Oxygeti is of great importance in industry because of its use in 
oxyacetylene torches for steel welding and stec'l cutting. LiQuid 
oxygen mixed with powdered charcoal has to some extcFit been 
used as an explosi\'e but as su(‘h has not lu'cii ver}' widely used. 
Itecently liquid oxygen has been most useful as an ingredient in 
the fuel of rockets. 

OZONE 

I^'ormnla, 0.^. Molecular Weight, IS 

History.' hi ITSo, \ an iMarum, a Dutch (‘luanist, (tailed att(Uition 
to the fact that oxygen or air, through which eh^ctric sparks had 
been passed, possessed a peculiar, irritating odor and also tin* 
property of tarnishing mercury, in bSdO, the (lermaii chemist, 
Scininbein, demonstrated that these ph(*nomena were ('aus(*d by a 
new gaseous substance formed from oxygen during the electrical 
discharge, and he named it ozo/ie from the (ireek, to funell. lie 
prepared fairl,y high concentrations of the gas in oxygen by tin* 
elec'trolysis of water and also by the slow combustion of ])hosphorus. 
In 185(), Andrews establish(‘d the constitution of ozone. 

Occurrence. Ozone is found in very small (piantities in tin* 
atmosphere. Electrical discharges through tin* air (lightning) pro- 
duce ozone. The characteristic odor of the gas is usually very 
pronounced around electrical generating machines in operation. 

Physical Properties.— Ozone is a bluish gas having a p(*culiar, irri- 
tating odor (suggesting sulfur dioxide). One liter of ozone weighs 
2.144 Gm. at (U ( \ and 7()0 nun., and is, th(T(4ore, one and a half 
times heavier than oxygen (1.429 (bn. to the liter). W1ien a mix- 
ture of ozone and oxygen is (‘ooled with liquid oxyg(‘n, the ozoiu* 
condenses to a blue liquid, which boils at —112° V. and freezes at 
— 251° C. Both liquid ozone and liquid oxygen are strongly mag- 
netic. Ozone dissolves in and unites with oil of turpentine, oil of 
cinnamon and olive oil to form ozonides, some of which possess anti- 
septic properties.^ 

Chemical Properties. — d'he transformation of oxygen into ozone 
involves the changing of electrical energy into chemical energy. 
The energy, expressed as heat units, required to change 8 molecules 
(9b) of ox>^gen into 2 molecules (90) of ozone is 08,820 calories (1). 

(I) 3 O 2 + 08,820 calories 20;i 

Oxygen Ozone 

(90) (90) 

(3 volumes) (2 volumes) 

From this therino-chernical equation it is evident that a definite 
weight of ozone contains more internal energy than does an equal 

1 J. A. Ph. A. Sci. Kd., 36, 278 (1947). 
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weight of oxygen, and it may he correctly concluded that ozone is 
a more active chemical agent than is oxygen. Unlike oxygen, ozone 
at ordinary temperatures oxidizes certain metals, c. q., mercury (2) 
and silver (d). 

(2) Ilg + (), > IlgO + (), 

(d) 2Ag + 20;) — > Ag 2()2 (silver peroxide) + -Oo 

hrom ecpiations (2) and (d) it ma.y appear that one-third of the 
“oxygen’ of ozone is more active than the remaining two-thirds. 
However, the fact that ] molecule of ozone completely oxidizes 
d molec'ules of sulfur dioxide to sulfur trioxide (4) indicates that 
(ill of th(‘ “oxygen” of ozone is chemically active and not merely 
on(‘-third, as miglit he concluded from the above ecpiations. 

(4) dSO. + O, dSO, 

Ozone is fairly stable at \'ery low temperatures. At ordinary 
temperaturt's it slowly decomposes into oxygen. The velocity of 
this eh(‘mieal change increases as the temperature increases until, 
at about 2r)(U U., the decomposition is complete. Van’t Ilotf’s law 
of mobile ecpiilibrium states that when the temperature of a system 
in (‘(luilibrium is raised, the equilibrium is displaced in the direc- 
tion tliat absorbs heat. From this law it follows according to the 
therino-chcmical equation (1) that more* ozone is formed the higher 
oxyg(‘n is luxated. The presenct‘ of a catalyst causes ozone to 
d(‘Comj)osc violtmtly. 

Tests for Identity. 1. Ozone in the atmosphere may be identified 
b\' its characteristic odor. 

2. ^Vh(m a pie(*e of absorbent paper that has been moistened 
with starch test solution containing a little sodium or potassium 
iodide is introduced into an atmosphere containing ozone, the starch 
is colored blue due to liberated iodine (5). 

(5) 21- + 0, + II 2 O -> I 2 + O 2 + 20H- 

Oxides of nitrogen, the halogens, and particularly acidulated 
hydrogen peroxide liberate iodine from iodides and are, therefore, 
i n t erf er i ng subst anees . 

d. A piece of red litmus jiaper, one-half of which has been dipped 
into a solution of potassium iodide, will turn blue when la Id in an 
atmosphere containing ozone. This is (paused by the hydroxide 
formed by the action of ozone upon potassium iodide (5). 

4. Slightly heated silver is tarnished by ozone. 

Preparation of Ozone. — 1. Ozone is prepared by subjecting cold, 
dry oxygen or air to an electric discharge. The apparatus used for 
this purj)ose is called a,n ozonizer, and consists of 2 glass tubes, one 
within the other. ^ The outside of the outer tube is covered with 
tin-foil and the inner tube is lined with the same material. The 

^ See Tiudal Ozonizer in Thompson’s Tlicoretical and Applied lOlcetroeliemistry . 

p. 616 . 
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electrical discharge is produced through the space between the tubes 
by connecting the foils with the poles of an induction coil. Cold, 
dry, carbon dioxide-free oxygen or air is slowly passed between the 
tubes where, under ordinary conditions, from 5 to (i per cent of the 
oxygen is converted into ozone. Under the most favorable condi- 
tions, e, g.f using a silent discharge, low temperature and very pure, 
dry oxygen, the }'ield of ozone can he increased to better than 
18 per cent. 

2. Ozone is formed in small quantities by: (a) Slow oxidation 
(especially of phosphorus and zinc); (b) by the electrolysis of dilute 
sulfuric acid; (c) by the action of an active acid, e. g., sulfuric acid 
upon a highly oxidized compound, e. barium peroxide (()); (d) 
by burning hydrogen in oxygen; {e) by plunging a heated platinum 
coil into liquid oxygen; and (/) by the decomposition of potassium 
chlorate. 

(6) 2II2SO4 + 2Ba02 — > 2BaS04 + 2II2O + O2 (with high per 
cent of ozone) 

Uses.— The more improved industrial methods for preparing this 
active oxidizing agent have made possible its utilization in the 
a^ts and industries. Ozone per se is rarely used, but air or oxygen 
containing it is employed as a bleaching agent for oils, waxes, 
delicate silk or wool fabrics, flour, starcli, ivory, etc.; as a disinfec- 
tant for drinking water; and as a deodorant of foul animal matter, 
especially in ventilating large public halls and food warehouses. It 
is also used in the manufacture of synthetic (*amphor and many 
other organic com{X)unds. It is said that 1!^ parts of ozone per 
1,000,000 is necessary for an antiseptic action.^ One part of ozone 
per 1,000,000 is tolerated by man. Ten parts per 1 ,()()(),( )00 when 
inhaled for fifteen minutes produces headache and sore throat, and 
exposure to this concentration for several hours is dangerous to life. 
Unlike carbon monoxide, ample warning is given by headache, 
cough and general pulmonary irritation. 


1 Proc. Hoy. Soc„ 84, 404, 573 (1911). 
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HYDROGEN 

Symbol, 11. Valence, 1. Atomic Weight, 1.008; Atomic Number, 1 

History.- There is evidence that hydrogen was recognized by 
Paracelsus in the sixteenth century. During the seventeenth 
century, Turquet de Mayenne called attention to its combustible 
nature, and in 1700 N. Lemery showed that upon ignition a mixture 
of hydrogen and air detonated. The first experiments to determine 
the nature of hydrogen were made by Cavendish in 1766. He 
produced it by the action of dilute hydrochloric or sulfuric acids 
upon certain metals, and called the gas ''inflammable air,'' which 
name conformed to the generally accepted “phlogiston" theory of 
the day. (See p. 83.) Later (1*781), Cavendish and Watt showed 
that water was the only substance produced when hydrogen was 
burned in air or oxygen and, as oxygen was then known to be the 
substance with which combustibles united, they correctly concluded 
that water was a compound of hydrogen and ox}’gen. In 1783, 
Lavoisier named the gas hydrogeuy from the Greek, e5a>p, water, 
and yevpaetvy to produce. 

Occurrence.— Very small quantities of hydrogen are found in the 
free state in some volcanic gases, in fumaroles and in pockets in 
carnallite and rock salt deposits. It also occurs in very small 
quantities in the air, in some meteorites, in the stars and nebulai 
and in the envelopes of the sun. Hydrogen is sometimes a product 
of the decomposition of organic matter. It is produced also by 
anaerobic fermentation. Hydrogen is an integral part of many 
compounds, minerals, and most animal and vegetable tissues. It 
is an essential constituent of all acids. 

Physical Properties. — Pure hydrogen is a colorless, tasteless and 
odorless gas. It has a specific gravity of 0,06947 (air = 1) and is, 
therefore, about fourteen and a half times lighter than air. One 
liter of hydrogen weighs 0.08987 Gm., whereas the same volume of 
air weighs 1.293 Gm. At its critical temperature of -239.9'' C. 
hydrogen may be liquefied by a pressure of 12.8 atmospheres. 
Liquid hydrogen is colorless and has a boiling-point of -252.7° C. 
Hydrogen has been solidified to a colorless solid melting at —259.14° 
C. The specific heat of hydrogen gas is 3.4041 (water = 1). Hydro- 
gen is only sparingly soluble in water (1.8 cc. dissolves in 100 cc. 
of water at 15° C.). It diffuses very rapidly through porous mem- 
branes and through some metals at red heat. Hydrogen is absorbed 
or “occluded'' by many metals. The quantity of gas “taken up" 
depends upon the metal, its physical condition, and upon the 
temperature and pressure during the operation. At ordinary tern- 
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peratures and pressures, 1 volume of palladium black absorbs 87d 
volumes of hydrogen, whereas finely divided iron, gold, and plati- 
num occlude 19.2, 4()..‘l and 49.8 volumes of the gas, respectively. 

Chemical Properties.— At ordinary temperatures hydrogen is 
chemically inactive. Its activity may be greatly increased by 
passing it through an ozonizer (r/. z?.), by subjecting it to high poten- 
tial electrical discharges in vacuum, or by exposing it to the action 
of alpha-rays from radium emanations. At high temperatures or 
in one of its activated forms hydrogen is a powerful reducing agent. 
When molecular hydrogen (ll 2 )is passed through an electric arc it 
forms atomic hydrogen (II) which again recombines to form mo- 
lecular hydrogen (II 2 ), liberating much heat. This knowledge is 
made use of in atomic hydrogen welding torches which develop 
temperatures of 4000° to 5000° C. 

Hydrogen burns in air with a pale blue, non-luminous fhuiH'. 
When mixed with oxygen in a suitable burner (oxyhydrogen torch) 
and ignited, it burns with a dame giving very little light but a 
temperature of over 2500"^ (\ The oxyhydrogen dame will melt 
all metals, even platinum. When this dame is directed upon a 
piece of quicklime ((5iO), the latter becomes white-hot at the point 
of contact. The emitted light is called a ^‘calcium” or “lime light.” 

Hydrogen and oxygen unite very slowly at ordinary temperatures. 
However, if dnely divided platinum is held in the mixture, the union 
is hastened and the heat of the reaction is suffic ient to make the 
platinum glow, thereby causing the explosion of the mass. Auto- 
matic lighters for illuminating gas operate on this })rinciple. 

Occluded hydrogen or hydrogen in its activated state is a vigorous 
reducing agent. Thc^ gas occluded by palladium (1 xolume of 
palladium absorbs up to <S78 volumes of hydrogen) is especially 
active in this respect and readily reduces ferric salts to ferrous 
salts, chlorates to chlorides, nitrate's to nitrites and ammonia, etc. 
One of the most important uses of hydrogen with palladium (nickel, 
or platinum) is for the reduction of organic compounds. Hydrogen 
unites with many metals and non-metals to form innumerable com- 
pounds, c. ITS, NH3, PIT, CH4, HCl, ( 5iH.>, Nall, etc. 

Commercial Manufacture.^- Hydrogen has become of increasing 
industrial and military value, and its manufacture has likewi.sc' 
assumed importance. Because it is not economical to ship unlique- 
fied gases for long distances, the manufacture of hydrogen (a diffi- 
cultly compressible gas) is, of necessity, a more or less local under- 
taking. Thus, the method of manufacture depemds on the required 
purity, raw materials, power supply, etc., of tiui area being supplied 
by the hydrogen plant. 

Hydrogen may be obtained by (1) the fractionation of water gas 
or coke oven gas; (2) catalytieally oxidizing CO of water gas with 
steam; (3) passing steam over incandescent iron; (4) the “Silicol” 
process from ferrosilicon and caustic soda; (5) electrolysis of water 


^ Bulk Production of Hydrogen, Ind. and Eng. Chem., 30, 1139 (193S). 
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containing caustic soda; (()) pyrolysis or breaking down of hydro- 
carbons at relativ^ely high temperatures; (7) fermentation of corn 
mash in the production of acetone and butanol; (8) the reaction of 
water on some metals; (0) the action of caustic on some metals; 

(10) the decomposition of some metallic hydrides with water; and 

(11) catalytically breaking down ammonia. (12) It is also a by- 
product of the electrolytic caustic cell. 

1. Water gas (a mixture of approximately equal parts of CO 
and IIl>) is cooled and compressed by the Linde method to the 
point where the CO liquefies and can be removed as a liquid. ^J'he 
same is true oi coke oven gas which is a mixture composed largely 
of hydrogen togc'ther with other gases (mainly CH 4 , N., CO, C 2 II 4 , 
and CO 2 ). 

2. The carbon monoxide in water gas is removed by catalytically 
oxidizing it with steam to carbon dioxide, which is then dissolved 
out compl(‘tely under prc'ssure in (‘old water followed by a scrubbing 
with caustic soda. During the oxidation additional hydrogen is 
prodiK’cd (1). 

(1) CO + ILO-. (XL + IL 

3. It is claimed that by the Messerschniidt proc(‘ss hydrogen of 
better than 0!) per cent jmrity may be obtained. The proc(\ss is of 
particular importaiu'c in the preparation of hydrogen W the 
hydrogenation of oils, wh(‘re it is said that as littl(‘ as 0.20 per cent 
CO in th(‘ hydrog(‘n retards the hydrogenation. The proc(\ss is 
bas('d upon the decomposition of superhc'ated steam by metallic 
iron with the subs(‘quent reduction of the iron oxides so formed by 
a. mixture* of carbon monoxide and hydrogen (blue water gas). 
.\ diagrammatic repivsentation of the Messersc/hmidt hydrogen gen- 
(Tator max' be found on page ()()<S of lingers’ Indvsirial Chemistry, 
I'ourth Edition. Iron oxide is charge^d into the cylindrical iron 
retort and heated to a temperature of between 70(E and S()(E C. 
by burning water gas in the presence of air introduced into the 
clu‘cker('d, brick filling. At this temperature, iron oxide reacts 
with tlu' carbon monoxide and hydrogen of the water gas to form 
metallic iron, carbon dioxide and water (2). 

(2) Vi<).Vv,0, + 2(^0 + 2II., :iFe + 2 CO 2 T + 2I1,>()T 

When this reaction is comi)lete the water gas and air are shut off 
and steam is intrculuced. The steam is superheated in its passag(‘ 
through the outer jacket, and as it ascends through the luxated iron, 
it is reduced, producing magiu^tic iron oxide and generating hydro- 
gen (3). 

(8) 3Ee + 41 LO 41 LT + Fe.A 

The hydrogen passes out of the apparatus and is cooled and freed 
from dust by washing with a spray of water. ( arbon dic^xide is 
rernovt'd with lime and any hydrogen sulfide j)resent is taken out 
with oxide of iron. 
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4. In the so-called SilicoV process, powdered ferrosilicon (FeSi), 
made by the reduction of iron ores high in silicon, is added to a 
20 per cent solution of caustic soda kept at a temperature between 
8(f and W C. In order to reduce the possibility of an explosion 
in the generator, the powdered ferrosilicon is sometimes made into 
a paste with water, which decomposes the phosphides present, and 
then is allowed to drop into the caustic liquor. This method is a 
rapid one for making a very pure hydrogen. It is one of the 
methods in use by the U. S. Army and Navy. 

The reaction involved in the generation of Ho is that of caustic 
soda on silicon or an iron alloy of silicon (4). 

(4) Si + 2NaOri + 11,0 -> NaoSiO, + 211,1 

5. When electric po\\er is available at low rates, and particularly 
when oxygen as well as Indrogen can be marketed, the electrolysis 
of water is the preferred process for preparing hydrogen. A very 
pure hydrogen is obtained by passing a direct current between iron 
electrodes immersed in a 10 to 25 per cent caustic soda solution. 
Hydrogen by this process is used mostly for making synthetic 
ammonia. 

6. Carbon and hydrogen are the ultimate products obtained by 
the pyrolysis of all hydrocarbons. The various processes differ 
materially from one another and are dependent principally upon the 
type of carbon (carbon black, lampblack, etc.) desired. In general, 
methane or natural gas is heated either with or without a catalyst 
at relatively high temperatures. When either of these gases is 
passed through an alundum tube heated to 1300° to 1700° C., hydro- 
gen and carbon, uncontaminated with intermediate products, are 
produced. In some of the other processes, iron, cobalt, and nickel 
(if kept clean of accumulated carbon) are employed to catalyze 
the production of carbon and hydrogen. 

7. The production of acetone and butanol by fermenting a mash 
of ground, low-grade corn with the microorganism, Clostridium 
acetohutylicuvi, yields large quantities of a very pure mixture of 
hydrogen and carbon dioxide. The separation of the carbon dioxide 
from the hydrogen is effected almost completely by passing the 
gas mixture under pressure through a tower down which water 
trickles. The remaining traces of CO, may be completely removed 
with caustic soda. By burning part of this hydrogen in air, nitrogen 
is produced and is used, together with the hydrogen, to synthesize 
ammonia. If the mixed gases are passed over heated charcoal, a 
carbon monoxide-hydrogen mixture is obtained. This may be 
utilized to catalytically synthesize methanol. The energy required 
to separate the carbon dioxide from the hydrogen may be partly 
recovered by passing the solution of carbon dioxide through a 
Pelton wheel. 

8. Certain metals, notably potassium and sodium, react very 
energetically with water to form the respective alkali hydroxides 
and hydrogen. Although sodium is the least active of the two, it 
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generates sufficient heat on contact with water to ignite the escap- 

hydrogen and cause an explosion. Howev^cr, when sodium is 
ainaigainated with mercury, or alloyed with other metals^ its activ- 
ity is reduced to a usable rate. An alloy, hydrone, composed of 
sodium and lead, is av^ailable commercially, and furnishes a con- 
venient hut expensive source of pure hydrogen. 

Sodium amalgams are used as reducing agents in organic chem- 
istry. 

9. Some metals, e. g., Zn, AI, Li, are acted upon l)y caustic and 
produce hydrogen (5). 

(5) Zn + 2NaOII ILT + Na,Zn02 

10. Because of the low dry-weight of Lill and the high proportion 
of hydrogen, this compound is used to produce hydrogen for war 
use. Only heat or water is necessary to decompose the hydride. 
Of the other hydrides, Can 2 (hydrolyte) is of use in furnishing 
a quick, pure source of hydrogen according to the following equa- 
tion (6). 

(6) CalL + 2ILO -> (^a(OH)o -h 211. 

11. When heated ammonia gas is passed over an iron catalyst it 
breaks down to N 2 and II 2 . Liquid ammonia is the source of hydro- 
gen for atomic hydrogen torches (see p. 30). 

12. f^lectrolytic caustic soda production is attended by the forma- 
tion of hydrogen (cathode) and chlorine (anode) as by-products. 
This hydrogen, formerly wasted, is now being utilized. Not infre- 
quently, it is combined with the anodic chlorine to form a very 
pure hydrogen chloride which is dissolved in water to give a high 
quality hydrochloric acid. 

Hydrogen-ion Concentration or pH.-- The hydrogen ion (symbol 
I!"*") is a hydrogen atom with a positive electric charge resulting 
from the loss of the one and only electron from its outer shell. 
Strictly speaking, it is a proton. According to modern ideas of 
ionization of acids it is believed that the hydrogen ion, as such, 
exists only to a very limited extent in solution because protons 
cannot exist in polar^ soh ents without combining with the solvent. 
For example, in aqueous solutions the proton of an acid combines 
with a molecule of water resulting in the hydronium ion (H^O*^) 
according to the following reaction (7): 

(7) H(;i -f ILO Fr30+ + 

This combination of a proton with solvent is also true of other 
polar solvents sucli as alcohol which is of considerable pharma- 
ceutical importance (8). 

(8) iici + (UI5O11 ^ (^2ii50iiir+ + ( 1- 

‘ Polar compounds are those in wliicli the centers of nesative and positive electricity 
do not coincide, thus creating an electrical field about the molecule. The molecules 
may be considered as differentially charged lx)dies, somewhat similar to small mag- 
nets (positive at one end and negative at the other) . 

3 
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However, hydrocarbons such as benzene, etc., are not polar and 
and are incapable (in an anhydrous form) of accepting protons. 
They are spoken of as aprotonic solvents, and acids dissoh'cd in 
them exist in a wholly undissociated form and do not behave as 
acids in the usually accepted sense of the word. 

For the sake of simplicity this discussion will b(‘ confin(‘d to 
aqueous solutions because they illustrate ionization phenoniena as 
well as any solvent. Thus, to be exact in cliscussinjir the ionization 
of acids in water the hydronium-ion concentration should be spoken 
of rather than the hydrogen-ion concentration. The Jiydronium 
ion characterizes all acids, is responsible for their acidic properties 
when in aqueous solution, and may be taken as an index of the rate 
at which a metal will dissolve in the solution, the rate at which 
cane sugar will be inverted in the acid solution, etc. 

The hydroxyl ion (symbol Oil") is a radi(*al composed of a 
hydrogen atom, an oxy gen atom, and an electron giving the radical 
a negative electric charge. It is the hydroxyl ion which is n'spon- 
sible for the chemical properties of all alkalies. 

The modern Brbnsted-Lowry^ concept of acids and ba.ses (/. e., 
‘\an acid is a substance, molecular or ionic, capable of giving up 
a proton to another substance, and a base is a substance, ionic or 
molecular, capable of combining with a i)roton”) is generally 
accepted as most completely expre.ssing the relationship of acid's 
and bases. Acids ionize according to the following reaction forming 
a hydrogen ion and a conjugate base: 

HA ^ 11+ + A- 

Acid CJonjugate 

ba.so • 

Acids will act as acids only when the soK'ent has basic properties 
enabling it to accept the proton as, for instance, water: 

IIA + 11,0 <=^ 11,0' + A- 

Bases will “dissociate” only when the solvent has acidic properties 
enabling the base to pick up i)rotons. A typical example is am- 
nionia which will combine with the protons liberated by water to 
give the ammonium ion and the hydroxyl ion as follows: 

NH, + H,0 NIB+ + on- 

Ba.sPi Acidi Acidj Ba.scz 

From the preceding discussion it is apparent that water may act 
either as an acid or as a base and is therefore spoken of as being 
amphoteric or amphiprotic. 'I’his is illustrated bv the equation 
for the ionization of water: 

HA) + IIA) 1 1,0+ + OH- 

Aoidi lia.se I Acitb Ba.so2 

When I molecule of water ionizes as shown above, it forms one 


‘ Chem. Rev., 6. 231 (1923). 
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hydroniuni ion and one hydroxyl ion. Thus, pure water is always 
neutral beeause it contains just as many hydroniuni ions as hydroxy l 
ions. If a solution contains a greater number of hydroniuni ions 
than hydroxyl ions it is acidic (acid), and if it contains less hydro- 
niiiin ions than hydroxyl ions it is basic (alkaline). There is always 
a constant relationship between the concentrations (expressed as 
tionnnlity) oi the two ions present^ imnwly, the product of the 
con (rutrnti OIOS i.s ctpuil to a constant. 

^ ino* X CoH- = ^ 

Ff)r f)iire water the constant K = (1 X lO”^) (1 X 10“') = 1 X 

(l(Kl.(KKl.(m,(K»l,(»K) 'I'l''"--'™'. 

if one concentration is high the other must necessarily be low in 
order that the i)rodiict of the two concentrations will always be the 
same, namely 1 X 10“ 'b For exainj)le, if the concentration of 
(expresses! as ('11,0. or |lI:i(F]) is 1 X 10 then the concentration 
of (]II' ((\)n- or [on j) must be 1 X 10 in older to equal the 
constant.^ Thus, 

(1 X 10-3) (j X jo-ii) ^ 1 X ](H4-(-ii) 1 == ] X lO-i^* = K. 

Ih cause of this definite mathematical relationship it can be readily 
seen that the hydroxyl-ion concentration is being stated indirectly 
whenever the hydroniuni-ioii eoncentration is given. 

A possible source of confusion in considering hydroniurn-ion 
concentration lies in the fact that acids can be and are thought 
of in two ways: 

1. Total (Tifratable) ncn/iVy.— Expressing acidity in this way 
simply means that the acid concentration is stated in terms of 
the amount of the acid substance present in a definite amount of 
the solution. For example, we may consider 0.1 N solutions of 
IKd and (TI/'OOII. There is no difference in the total acid 
(concentration of these two solutions. This expression of concen- 
tration does not show what portion of the acid is dissociated, but 
merely the total amount of acid, dissociated and undissoeiated, 
that is present. This acidity is commonly expressed in terms of 
per cent (by weight), (Im. per 100 cc., molarity,- molality,^ or 
normality.'* Procedures for the determination of these expressions 
are known as aeidimetry and alkalimetry. 

^ In multiplying two powers of the hame number, the exponents are added to get 
the exponent of the product, and in dividing two powers of the same number the 
exponent of the divisor is subtracttMl from the exponent of the dividend to get the 
exponent of the quotient. 

’ A molar solution eontain.s a gram-moleeular weight of the siiV)stance in 1000 e(‘. 
of solution. 

* A molal solution contains a gram-mole<-ul;ir weight of tin* substance in 1000 Gm 
of solvent. 

< A normal solution contains a gram-equivalent weight of substance in 1000 cc. 
of solution. A gram-etiuivalent weight of a substance is the gram-molecular weight 
divided by a number representing tJie number of gram-atomi(^ weights of hydrogen 
or its equivalent present in the compound. 
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2. Hydronium-wn expressic^ 


whereas the “weak’' acids are those which are ionized only slightly 
(<?. g., HCN, H3BO3, organic acids, etc.). Therefore, although we 
find no difference in total acidity between 0.1 N HCl and 0.1 N 
CH3COOH, there is a considerable difference in the hydronium-ion 
concentration because HCl in that concentration is almost com- 
pletely ionized, and CHgCOOII is ionized very little. Bases, also, 
are designated as being '"strong” and "weak” depending upon the 
extent of ionization. Hydronium-ion concentration can be ex- 
pressed in the same way as total acidity, c. //., as grams of hydro- 
nium ion per 100 cc. of solution, or more commonly as gram-equiva- 
lents of HsO'^ per liter. 

The expression of hydroniuni-ion concentration in aqueous solu- 
tion is limited by the ionization constant of water to a range of 
between I X 10® and 1 X 10~*^ (not including the extreme limits). 
Because the numbers expressing hydronium-ion concentration are 
mathematically cumbersome to use in expressing acidity, it was 
suggested by Sorenson that they could be more practicably ex- 
pressed as negative logarithms to the base 10. This number (the 
negative log) is called the "hydrogen-ion exponent” and is desig- 
nated by the symbol pH. Therefore, w(^ ha\'e th(‘ following rela- 
tionships:- 

pH = -l..g[IH] = -login., 0+] = logjjj 

The calculation of pH from the hydronium-ion (concentration and 
lice versa offers some difficulty to the average student, usually 
because of unfamiliarity with logarithmic manipulations. The 
authors have taught a rather simplified method of calculation for 
a number of years with considerable succ('ss. Briefly, for the 
conversion of [HsO^] expressed in normality to pH it consists of the 
following steps: 

1 . Obtain the [H3O+] as gram-equivalents per liter (normality). 

2. Convert the decimal expression of normality to the exponential 
form {i. e., to a number multiplying a whc^le number power of 10). 

3. Take the log of the number and add it to the exponent. 

4. Change the sign of the exponent and call it pH. 

(Ihe conversion of pH to [H3O+] is essentially the converse). 

To illustrate: What is the pH of a solution containing 0.0000343 
gram-equivalents of H3O+ per liter? 

‘ Often designated as hydrogen-ion concentration but in keeping with Uie preceding 
discu.ssion the above nomenclature is preferred. 

* The reader will note that in agreement with the previous discussion the [HsO'^J 
is to be considered and, indeed, in aqueous solutions it is immaterial whether the 
expression hydronium ions or “hydrogen ions” is used. Exceptions arise only 
when other solvents are considered. 


the one representing the actual acidic intensii} 01 a 
which in turn depends upon the amount of hydronium-ion present 
through dissociation of the acid molecules. Acids are iisual/.v 
spoken of as being “strong” or “weak.” The “strong are 

whn-h are hifirhlv ionized (e. a., HCl, HNO3, H2vS(J4, etc.), 
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Stej^ L 

The information is already given, the [IIaO+] being 0.0000343 N. 
Step £. 

[11,0+] = 0.0()()()343 X - 3.43 X 1()~^ N 
Step 3. 

log of 3.43 = iUA 

[H3O+] = 3.43 X 10--^ = 1 X 10^-^-+0M) ^ 1Q~4.46 

Step 4- 

[II3O+J = 1 X 10 
.*. pll = 4.40. 

To illustrate the (*onv(‘rsion of pi I to 

Cah'ulate the of a solution having a j)!! of 11.50). 

Step L- Chatufe the ,si{jn of the ])If and make it a power of lO. 

pH = 11.50 
[IWK] = 1 X 10'^^^^ 

Step 2. — Convert the exponent to a negative whole number and a posi- 
tive log having a zero charaeterisfic. 

[H,0+] = 1 X 10“''"‘’ = 1 X 

Step 3. — Con vert the log to a number and remove from the exponent. 
[H,0+J = 1 X = 2.8 X 10-'-’ 

Step 4-'- ('(invert the exponent form of the number to the decimal form. 
[1130+] = 2.8 X 10-'- X = 0.000()000000()28 X 

As further typical examj)les of the solution of these problems the 
following may bt* solved by three methods: (.1) the above method, 
(B) the use of the negative log of [Il.iO^], (C) the use of the log of 
the reciprocal of the [II.i()+]. 

1. What is the j)!! of a solution containing 0.00001 gram-equiva- 
lents of H./K per liter? 

A. [11,0+] - 0.00001 X = 1 X 10- 
pH = 5 

0. pH = -logO.OOOOl - -[-5] = 5 

P" = O.oLl = ix\o- = " 

2. What is the pll of a solution containing 2.8() X lO"-* gram- 
equivalents of II3O+ per liter? 

A. [H,,()+] = 2.SI) X 10-^ = 1 X = 1 X 10-’ 

pii - 3.54 

B. pll = -log (2.8(1 X 10-") = -[0.40 -h (-4)] = -[-3.54] 

= 3..54 

C. pH - ^ - I..S I0--1OR2.8G 

= 4 _ 0.46 = 3.54 
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3. What is the hydroniuin-ion concentration of a solution haviiiK 
a pH of 5.62? 

A. [PI 3 O+] = ] X = 1 X 1 ()<-«+"•”*’ = 2.4 X l()-“ 

n. pH = -]o#/ 30 +i 

5.62 = —logllhO'^] 

-5.62 = (-6 + 0.38) = log[ll:>()+J 
[11,0+] = 2.4 X ]0-» 

pH = log 

5.62 = log 

= log 1 - loglIl,C)+J 

= 0 - log 1H:.()+J = - log [IhO+J, etc., as in H 

4. What is the pll of a 0.1 N solution of NIl 4 ()II if it is 1.81 per 
eent ionized? 

A. Note.— A t this point we may introdiiec a new term, pOH, 
which is a term expressing the hN'droxyl-ion concentration 
in the same way that pH expresses hydronium-ion con- 
centration. It is easily obtained by subtracting the pll 
from 14. 4'herefore: 
pOH = 14 - pll 
or pH = 14 — pOH 


This problem is readily solved by attacking it as a pH })roblem, 
but solving for pOH instead and then finally subtracting the pOH 
from 14 to get the pH, 

0.1 N X 1.31% = 0,00131 N (with rc'spect to Oil”) 

[OH-] = 1.31 X 10-' = 1 X 10'-3-fo.i2) ^ 1 y 10-2.88 
.‘.pOH = 2.88 
pH = 14 - 2,88 = 11.12 

B. [OH-] = 0.1 N X 1.31% = 0.00131 N 
and, sinc_*e [H.^O+j [OH-| = 10^^“* 

10-14 10 14 

= [Olli = 0.<.0.31 
pH = -(log 10-'^ - log().(K)131) 
log l()-w = -14 = 6-20 
log 0.00131 = 7.12 - 10 
pH = -[6-20-(7.12-10)] = 11.12 
(). 0.1 N X 1.31% = 0.00131 N, the OH-ion concentration. 
IQ-o 4- 0.00131 = 7.63 X 10~‘^ N, the H.)()+ concentration. 


pH = log 


1 

7.63 X 10-'^ 


11.12 


Hydronium-ion conc'entration can be measured by three greatly 
different methods: colorimetric, electrometric and chemical. 

The colorimetric method utilizes reagents called indicators. 
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Indicators are usually weak organic acids or bases in which the 
undissociated molecule has one color, and the anion or cation 
prf)duced by dissociation has another color. This may be illus- 
trated by considering the ionization of a typical weak acid, brorn- 
phcnol blu(‘, which exhibits a yellow color in the acid form, and a 
blue color in the basic form. Representing bromphenol blue by 
the general formula (Hfnd) for an indicator acid we have: 


Hind + II, () 

Aci<l form 


H:,0+ + Ind- 

Basio 


\\‘II()W moleeul(‘s + 1 1,0 ^ II.^O*" + Blue Anions. 

Tin? law of mass action when applied to the first ecpiation^ gives us: 


[11,0+] [Ind-j 
[Hind] [H,0] 


K; 


1 11 , 0 +] [Ind- 
[Hlnd] 


1V[H,0], - Iv: 


or 

[11,0^ ^ [Hind] ^ [Yellow Molecules] 
Ki [Ind“] [Blue Anions] 


From the above mathematical exijression it is apparent that since 
Ki is constant, the variation of [H 3 O+] changes the ratio of yellow 
molecules to blue anions. If the [11,0+] becomes smaller, then 
the ratio of yellow molecules to blue anions must change so that 
we have relatively more blue anions than yellow molecules. The 
reverse would Ix^ true if the [11,0^] becomes larger. The qualities 
desired in an indicator are: that there be a sharp contrast between 
the two colors and that the color change be effected by a small 
change of pH. There is a sufficient number of indicators to cover 
the whole range of hydrogen-ion concentration, with a satisfactory 
amount of overlapping and duplication. 

In the following table is given a number of the more common 
indicators, together with their respective ranges of pH and color 
changes. 


Indicator 

Meta cresol-piirpli* 
Ih'llig(* orange 
Bromphenol blue 
Methyl orange 
Hroineresol green 
M(*thyl red 
('hlor|)li(MH)l led and 
hroineresol purjile 
Ib'ointhyino] hliK* 
Phenol nnl 
("resol red 
Thymol lihie 
Phenolphthalein 
Thymolphth.Mh'in 
Nitro y('llo\> 

\’iolet 


Range of pH and Color Cluvigcs 

1.2 (red) to 2.8 (yellow) 

2.() (red) to 4.2 (yellow) 

:bO (green) to 4.0 (blue) 

.‘hi (red) to 4.4 (yellow) 

4.0 (yellow) to .5.0 (blue) 

4.2 (red) to 0..4 (yellow) 

5.2 (green) to 0.8 (purple) 

0.0 (yellow) to 7.0 (blue) 

0.8 (yellow) to 8.4 (red) 

7.2 (yellow) to 8.8 (red) 

8.0 (yellow) to 9.0 (blue) 

8.8 (colorless) to 10.0 (red) 

9.4 (colorless) to 10.0 (blue) 

10.0 (faint yellow) to 11.0 (dee[) yellow) 

12.0 (purple) to 18.0 (blue') 


' Sinco IlaO is vtM V ncaily cMnsiarU in .solution';, it may UtMufoi pi^ratod into 

the f<>nstant K to a m*w <*o!jstant Ki. 
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The technique of measuring pll by the colorimetric method 
involves matching the color of the unknown solution treated with 
a proper indicator to the colors of solutions of known pH treated 

with the same indicator. When the 
solution of wJiich the pH is to be 
measured is colored, the color must 
he du])lieated in the comparison 
solutions of known pll. This is 
accomplished by putting an equal 
volume of the solution in the lin(‘ 
ol the light ])assing through the 
standard colors. 

Various apparatus have been pro- 
duced commercially to facilitiite the 
colorimetric nieasurement of j)II. 
higures 2 arid show two forms 
of the LalVIotte comparators in 

whi(‘h the standard colors are sup- 

1ig, 2 sealed test-tubes. 44ie 

standard solutions are not per- 
imiuent and, therefore, must he replaced after a j>eriod of time 
somewhat greater than a year. Figures 4 and 5 sliow side and front 
views of the Helhge comparator which uses disks containing little 
windows of glass having colons that are e.xacth- the same as the 
colors ot solutions of known pH whicli ha^■e heJn treatixl with the 




Fig. 3 


indicators corresponding to the particular color disk. One of the 
disks IS also shown. These standard disks have the advantage of 
being permanent. Figure 6 shows a hloc-k containing a suffident 
number of indicators to cover a considerable portion of the pH 
range, a he colorimetric method of measuring pH is widely used 
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in industry. For convenience, the colorimetric method of deter- 
mining hydrogen-ion concentration has been adopted for pharma- 
copoeia! purposes and is to be employed where pigments and pro- 
teins present in the solution do not vitiate its use. 



Fig. 4 



Fig. 5 


The eledrontetric or imientiometric method is based upon the m«is- 
urenient of the voltage developed between special electrodes when 
immersed in the solution. The difference m potential is measured 
with a potentiometer and since this difference is directly dependent 
upon the presence of n.,0+ in the solution it is eqiiiva ent to deter- 
mining the concentration of H3O+ The voltmeter, or its equivalent. 
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is frequently graduated to read directly in pll on instruinents de- 
signed specificnUy for this purpose (Fig. 7). The elec’trometric 
method is increasing in importance he(*ause it is rapid, can he ns('d 
in solutions containing pigments a/id protoins, and hrniusr it cnn 
be used, with the aid of relays, to control a chcinirnl n'action in 
which the pll must be carethily established arid innintnined. (Sec 



Fzo. 7 
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brochure on pi I measurements published by American Society for 
Testing Materials, 1910 Race Street, Philadelphia, 3, Pa.) 

The chemical method for measuring hydrogen-ion concentration 
is only of scientific interest and is not used practically as a method 
for determining pll. It is impractical because it involves the ad- 
dition of chemicals to the solution of unknown pH and which by 
themselves, change the hydrogen-ion concentration of the solution. 
One means of determining pH chemically is to compare the rate 
of inversion of sucrose with the rate at which an acid of known 
hydrogen-ion con(‘entration inverts the sucrose under the same 
conditions. This j)articular reaction is convenient because the 
in\'(‘rsi()n of the sucrose^ can be measured in a polariscope. 

In addition to the three well-defined, exact methods of pH 
d(‘term illation, there is a less exact but more practical variation 
of the colorimetric method in which strips of paper are impregnated 
with an indicator. ^Merely dipping the paper in the unknown 
solution ])rodiK‘es a (*olor on the paper which can be compared 
with charts suj)plied by the manufacturer. These are of value to 
diabetic j)ati(‘nts for testing the actual acidity of the urine, and 
also to the chemist and pharmacist. Examples of these papers are 
the “Nitrazine” paper (Squibb), “pHydrion” paper (Central Sci- 
(‘ntifi(* Co.), “Alkacid Test Eibbon” (Fisher Scientific Co.), and 
“rniversal })H Indicator Paper” (Braun-Knecht-Heimann Co.). 

The imjiortance of controlling the pH in solutions has been 
re(‘ognized for a long time. I nfortunately, the pH of a solution, 
cN'cii wh(*n carefully adjusted, will not remain at that point indefi- 
nitely becaus(‘ of extraneous factors such as alkali in the glass from 
which cheap bottles are made, COo in the air, etc. To remedy 
this situation, us(‘ is made of baffer mixtures. A bufler mixture (or 
buffer pair) is usually a -solution composed of a weak acid and a 
salt of the w(‘ak acid or a weak base and its salt. The latter is not 
widely used bt'c-ause of greater sensitivity to temperature changes. 
A bull' er(‘d solution will resist any great change in the pH which 
ma\' be caused by the addition of small amounts of acids or bases. 

As an example, a typical acetic acid-sodium acetate buffer 
mixture will clearly show the mechanism of buff'ering. Upon the 
addition of HCl to a buffer of this composition we have the intro- 
duction of ])otentially enough hydronium ions to change the pH 
tremendously. However, in the buffer we have acetate ions (fur- 
nished by the sodium acetate) which are strong bases and are 
(‘a})able of combining with the hydronium ion to form relatively 
non-ionized acetic acid molecules. This effectively removes the 
acidic hydronium ions and prevents them from exerting their activ- 
ity. In effect, we have converted a “strong” acid to a “weak” 
acid according to the following equations: 

11.^0+ + CH,(X10~ ^ CH.COOH + lU) 

or written molecularly, 

UC\ + CHaCCKlNa ^ CJhCOOll + NaCl 
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Addition of an alkali, such as NaOH, to this buffer mixture sets 
up a different chain of events to take care of the excess hydroxy 
ions. The acetic acid in the buft'er mixture, while not greatly 
ionized, furnishes enough hydroniuin ions to combine with the 
added hydroxyl ion to form water, which is practically non-ionized 
insofar as affecting the pH is concerned, l^his is illustrated by the 
following reactions: 

CH3COOH + H2O ^ CHsCOO- + H3O+ 

II3O+ + OH- ;;:± H./) + H ,>0 


or written molecularly, 

CH/ (X)U + NaOH ^ CHaf ’OONa + H.>0 


Tlie adjustment and stabilization of pH in solutions is of wide- 
spread importance in many ffelds of work. In pharmacy the close 
control of pH in many pharmaceutical preparations is of utmost 
concern. The stability of preparations such as tinctures of aconite 
and digitalis, fluidextract of ergot, and others is dependent upon 
adjustment of the pH to a relatively acidic reading, because the 
deterioration of these preparations is greatly ac’celerated under 
alkaline conditions. Aqueous and dilute alcoholic solutions of 
most of the vitamin B group, particularly thiamine hydrochloride, 
are sensitive to a pH over 5 and for maximum stability should have 
a pH ranging from 3.5 to 4.5. wSolutions of alkaloidal salts should 
be kept on the acid side of the pH scale to prevent precapitation 
of the free alkaloid. Maintenance of a good (*oloration in many 
galenical preparations is dependent upon the control of pH. It 
is important to note that certain drugs used in prescription work 
may be unstable in either acidic or alkaline media. Among the 
common drugs affected, Wyss^ lists the following: 


Alkali Unstable 
Acetanilid 
Acetophenetidin 
Chloral Hydrate 
Phenobarbital and other 
barbiturates 
Guaiacol Compounds 
Hydrogen Peroxide 
Mercuric Chloride 
Mercurous Chloride 
Strophanthin 
Pectin 
Pepsin 
Resorcinol 

Resorcinol Mono-acetate 

Salol 

Santonin 

Tannic Acid 


Acid Uihstable 
Diluted HCN 
Salts of Organic Acids 
Arsphenarnine 

Diphenyl Hydantoin Sodium 
(Dilantin Sodium) 
Pancreatin 
Paraldehyde 
Sodium Nitrite 
Sodium Thiosulfate 

Acid and Alkali IJnslahle 
Acetylsalicylic Acid 
Antipyrine 
Atropine 

Creosote Carbonate 


The adjustment of pH in prescriptions is carried out by the follow- 
ing practical method.^ 


* Wyss, A. P., The ImiK>rtance of pH in ProHcriptions, Mernk Report, p. 10 
April, 1945. 
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Practical Adjustment of — Step /.—The prescription ingredi- 
ents are combined and the preparation is brought to within \ to 
1 fluid ounce of the desired volume. Using an indicator paper of 
wide pH range, the approximate pH value of the mixture is deter- 
mined by moistening the paper with a drop of the preparation and 
comparing the resulting color with the standards provided. This 
step serves to indicate whether acid or alkali will be needed for the 
adjustment and to show approximately how far the pH of the 
mixture is from the desired range. 

Step //.—Small pieces of indicator paper, especially suitable for 
showing differences of pH over a narrow range of pH, then are 
j)laced on a pill tile or other convenient surface. Let it be assumed, 
for example, that the desired pH is to be approximately 4, with 
an upper limit of 5 and a lower limit of 3. A drop of each of three 
standard buffer solutions is placed on individual pieces of the indi- 
cator paper —one buffer solution representing the upper limit of 
the desired pH range (pH 5), one the lower limit (pH 3), and one 
the median value (pH 4). The colors thus produced will serve as 
guides in adjusting the pH of the finished prescription. 

Step III.- Dilute hydrochloric acid or sodium hydroxide of 
known strength is added in measured small amounts to exactly 
10 cc. of the prescribed mixture as the case requires. Each addi- 
tion is followed by thorough mixing and testing on fresh portions 
of indicator paper until the color obtained shows the pH of the 
sample to compare favorably with that produced by the specified 
standard buffer solution (pH 4). From the amount of acid (or 
alkali) required for the 10 cc. portion of the prescribed mixture, 
the volume needed for the remainder of the prescription may be 
calculated. 

iS/cp /U.— The calculated volume of acid (or alkali) is combined 
with the rest of the mixture, the above portion which was sub- 
jected to the preliminary adjustment is added, and sufficient 
vehicle is used to yield the final volume. The completed prepara- 
tion is mixed thoroughly and subjected to a final check of the pH 
value; if satisfactory, the product is packaged properly and labeled, 
with complete instructions to the patient concerning proper condi- 
tions of storage and use.” 

Isotopes of Hydrogen.- Two isotopes^ of hydrogen occur in Nature, 
these having mass 1 and 2. Of these, is by far the most abun- 
dant. -’ll (known as Deuterium) is estimated to be present in 
ordinary hydrogen in the concentration of about 1 part in 5000. 

Because of the fact that its vapor pressure in the liquid phase is 
slightly lower than that of liquefied hydrogen (^H), deuterium lends 
itself to concentration and, by the application of this property. 
Prof. IT. C. Urey of Oolumbia Imiversity succeeded in isolating 
a small quantity of the pure isotope by the careful fractional dis- 
tillation of liquid hydrogen. Most of the pure isotope which is 

^ An isotope is one of several possible forms of an element, all forma having identi- 
cal chemical properties but different atomic weights. 
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produced at the present time is used in exi)eriinents dralinKn ith 
the bombardment of molecular nuclei, and some very intercstinjr 
results have been obtained. For example: 

- 2'He 

m + ‘^^Na = “^Na + 

The isotope of sodium (^^Na) produced in the last rea(*tioii is sjiid 
to he radioactive for a period of about fifteen hours. Salts <^f 
radioacti\'e sodium have been made and there is the possibility 
that they may be administered internally. (See p. ()59.) 

Just how the introduction of one or more atoms of deuterium 
into a molecule will affect the therapeutic activity of the resulting 
substance has not been determined, but it is predicted that these 
substances will be influenced markedly by the presence of this atom. 

Deuterium Oxide (Heavy Water). — Pure deuterium oxifle may be 
prepared by burning pure deuterium in oxygen or by the electrolysis 
of ordinary water. In the latter method the water which contains 
hydrogen with mass 1 is broken down first and the hydrogen aufl 
oxygen are liberated at the electrodes (ni(‘kel electrodes O.o molar 
sodium hydroxide as electrolyte— Taylor). As this process is al- 
lowed to continue the per cent of deuterium oxide (IW)) in the 
water becomes greater and greater and thus it is possible to obtain 
almost pure TM). This method was proposed by T rey and was 
used by G, X. Lewis of California in the preparation of “Heavy 
Water,'' the physical constants of whi(‘h are rei)orte(l to be: 

1. Density, 1.1059 at 20° C. 

2. Freezing-point, 3.82° C. 

3. Boiling-point, 101.42° C. 

4. Heat of fusion, 1510 calories. 

5. Heat of vaporization at 25° (\, 10,743 calories. 

6. Temperature of maximum density, 1 1.0° C. 

7. It is about 25 per cent more viscous than ordinary water. 

8. Salts are about 10 per cent less soluble in it than they are in 
ordinary water. 

9. Salts dissolved in heavy water are ionized to a lesser degree 
than when dissolved in ordinary water. 

The facts that certain seeds failed to germinate and that tadpoles 
and guppies could not liv^e when placed in heavy water gave rise 
to the supposition that this form of water was toxic to all forms of 
life. In an attempt to prove or disprove its toxicity a number 
of persons have drunk variable quantities of this water each day 
for varying lengths of time and, to date, no untoward results have 
been recorded. If, as is indicated by the results of these experi- 
ments, this water is not toxic to human beings then some other 
explanation for its toxicity to seeds and lower forms of life must 
be made. It is possible that this may !)e attributed to the same 
phenomenon which causes certain seeds to sprout and grow better 
in water obtained from melting ice than they will in water which 
is obtained by condensing steam. 
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Metliods lin ve been developed for the detection of minute amounts 
of ])•() in ordinary water. This has made it possible to use it as a 
iiom' (‘(jinpoinid in chemical and physiological compounds. 

Uses. Ilydrcjgen is used in the Ilaher process for nitrogen fixa- 
tion {(j. V.}, for infiating balloons; for the production of high tem- 
peratur(‘s wlam burned with oxygen; and for the hydrogenation 
of oils us(‘d for edible and other purposes. 

Idle work of J)r. Irwin I.angmuir of the General Electric Com- 
pany made it possible to obtain one of the highest temperatures 
ev er produced and also to effect a weld in a reducing atmosphere. 
Hydrogen is passed through an electric arc wherein molecular 
hydrogen is eonv(‘rt(*d into atomic hydrogen (9). Immediately 
upon issuing from th(‘ arc the atomic hydrogen combines to form 
molecular h\(lrogen and a tremendous quantity of heat is evolved. 
This h\drog(‘n then burns with the oxygen of the air. In short, 
the flame consists of a micl(Mis of combining hydrogen atoms sur- 
rounded l)y a shell of burning molecular hydrogen. A temperature 
of about oOOO'^ C. lias Ix'en ofitained. 

(9) 11, + 9S,()()0cal. ^11 + II 

('tluT than its use in th(‘ activated state as a laboratory agent in 
tb(‘ pr(‘j)aration of many chemical compounds (see Iteduced Iron 
p. t)10), it is n('\er u^ed in pharmacy or medicine. 
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WATER AND HYDROGEN PEROXIDE . 

WATER 

Formula, FRO. Molecular Weight, 18.016 

History.— The nature of water was held to be elementary until 
the latter part of the eighteenth century. In Robert Boyle’s time 
(1627-1691) it was known that some metals, e. g., tin, iron, zinc, 
etc., dissolved in aqueous solutions of hydrogen chloride with the 
evolution of a vile-smelling gas, which was thought to be air con- 
taminated with ‘'obnoxious oils.” This view was held by all 
chemists until 1781, when Cavendish showed that the evolved gas 
could be purihed of its odor and then possessed constant physical 
and chemical properties differing widely from those of air. He not 
only demonstrated that this gas burned in air with the evolution of 
heat and the formation of water, but also determined the quanti- 
tative relations and found that it took nearly 1000 volumes of air 
to burn 423 volumes of “hydrogen” gas. This important discov- 
ery was conhrrned by the subsequent experiments of Humboldt 
and Gay-Lussac. In 1783 Lavoisier decomposed water into its 
elements and showed that it was composed of about 1 part by 
weight of hydrogen and about 8 parts by weight of oxygen. It was 
not until 1805 that Gay-Lussac and Humboldt proved the volume 
composition of water. 

Occurrence.— The ocean is by far the most abundant of all natural 
sources of water. About 25 per cent of the water vapor rising 
therefrom is condensed to rain, snow, sleet, etc., and precipitated 
on the land. In this way lakes and rivers are formed; or the water 
is absorbed by the soil and used by plant life; or, perhaps, it re- 
appears again in springs, etc. Mineral waters are natural spring or 
well waters which contain in solution sufficient quantities of mineral 
or gaseous matter to render them unfit for domestic use. The 
nature and quantity of the dissolved substances make these waters 
of more or less value as medicinal agents. The Council on Pharmacy 
and Chemistry of the American Medical Association has this to 
say about the therapeutic values of mineral waters: “The Council 
has declared artificial mineral waters to be non-essential modifica- 
tions of natural waters, that natural mineral waters are only one 
feature prescribed by spas and health resorts and that mineral 
waters are not eligible for consideration for acceptance as individual 
products, since there is no convincing evidence to show that the 
many therapeutic claims which are made for these preparations as 
bottled for individual use are valid.” They are usually designated 
( 48 ) 



WA TER 


49 


according to the character of their most important medicinal con- 
stituent. Thus: 

Alkaline waters usually contain appreciable quantities of sodium 
and magnesium sulfates together with some sodium bicarbonate. 
Apollinaris, \ ichy and the waters from the Capon Springs (W. Va.) 
are examples. 

Carbonated waters are tliose wdiich have been charged while in the 
earth with carbon dioxide under pressure. They usually effervesce 
on coining to the surface. Such w^aters contain calcium and mag- 
nesium (*arbonates in solution as bicarbonates. Springs in Colorado 
and \ cllowstone Park (Wyoming) yield waters of this class. Arti- 
ficial carbonated waters may be made by charging water under 
pressure w ith carbon dioxide. 

(diolybrate leaters contain iron in solution or in suspension and 
ar(‘ c‘hara(‘terized by a ferruginous taste. Upon exposure to the 
atinosphen* the iron is usually jirecipitated as hydroxide or oxide. 
Sjiring and well waters containing iron are very common. 

Lithin waters, as a rule, do not contain appreciable quantities of 
lithium. If present, it occairs in the form of the (‘arbonate or chloride. 

Saline waters are sometimes called “purgative W'aters” and con- 
tain relativel}^ large amounts of magnesium and sodium sulfates 
with sodium chloride. The waters from springs located at Saratoga 
S])rings, N, Y., and from the Blue Lick Springs in Kentucky are 
examples. 

Haifa r waters contain hydrogen sulfide. These waters, e. g., the 
waters from White Sulf)hur Springs, W. Va., Richfield Springs, 
N. 'V., etc., deposit sulfur upon exposure to the atmosphere. 

Siliceoas waters occur in Yellow^stone Park and Iceland and con- 
tain very small quantities of soluble alkali silicates. 

Water constitutes from 75 to 90 per cent of green plants; from 80 
to 98 per cent of fruits; and about 65 per cent of the animal body. 
In the form of water of hydration it enters into the composition of 
many chemicals. 

Physical Properties.— l^ure w^ater is a tasteless, odorless, limpid 
liquid which is colorless in small quantities but greenish-blue in 
deep layers. It is only slightly compressible and is a poor conductor 
of heat and electricity. At atmospheric pressure (760 mm.) water 
exists as a liquid beWeen 0° and 100° C., reaching its greatest 
density at 4° C. Below' 0° C. it becomes a solid and above 100° C. 
a vapor. When water passes from one physical state to that of 
another, heat ((mergy) is either consumed or liberated. Thus, when 
1 (hn. of ice at 0” U. changes to 1 (hn. of water at 0° C., 79.71 cal- 
ories of heat are ret[uired to effect the transformation (heat of fusion 
of ice). Likewise, when 1 (lin. of w^ater at 100° (h turns to 1 dm. of 
steam at 100° (\, 589.55 calories of heat are consumed (heat of 
vaporization). These temperatures are known as melting- or frep- 
ing-point (solids to li(|uids or mce versa) and as boiling-point (liquids 
to vapors), respe(‘tively. The boiling-point of a liquid is that tem- 
perature at w hich the pressure of its saturated vapor is equal to the 
4 
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stShdard atmospheric pressure (760 mm.). The specific heat of a 
substance is that quantity of heat expressed in calories required to 
raise 1 Gm. of it 1 ° C. The specific heat of water at 14.5 C. is 1. 
The unit quantity of heat is called the calorie (cal.). It^ is the 
amount of heat required to raise 1 Gm. of water at 14.5° ( . to 
a temperature of 15.5° C. The large calorie, or kilocalorie, is 1000 
times larger than the calorie. 

The dissolved impurities in all ordinary potable waters amount 
to very little, usually less than 0.1 of 1 per cent. One of the chifef 
factors that determines the value of a water for domestic and com- 
mercial purposes is its hardness. This property is occasioned by 
the presence in solution of varying amounts of calcium, iron and 
magnesium salts, which convert the ordinary soap (water-soluble 
sodium and/or potassium salts of high molecular weight fatty acids) 
into water-insoluble calcium, iron, and/or magnesium salts of the 
fatty acids (1). 

(1) 2RCOONa + CaS04 -> (RCOO)2Ca j + Na2S()4 

Water-soluble Hardening Water-insoluble 

soap agent soap 

Only when all of the hardening substances have been precipitated 
as a water-insoluble curd by the above mechanism will the soap 
begin to lather. It is apparent that hard water may be undesirable 
in many respects and, therefore, methods of removing hardness 
have received much attention. Water may possess teviporary or 
permanent hardness or both. 

Temporary hardness is caused by the presence in the water of 
soluble calcium or magnesium bicarbonates. These biearbonates 
are formed by the action of water charged with carbon dioxide 
percolating through limestone deposits to cause the following reac- 
tion to take place (2), 

(2) CaCOs + H2O + CO2 Ca(HC():02 

Water-insoluble Water-soluble 

Temporarily hard water may be softened” by the following 
procedures : 

1. Boding carbon dioxide that has held the insoluble cal- 
cium and magnesium carbonates in solution as bicarbonates is 
driven off by boiling and the insoluble normal carbonate is precipi- 
tated (3). 

(3) Ca(HC03)2 + heat -> CaCO, j -f H2O + CO2 T 

This method, of course, is not too satisfactory when large volumes 
of ‘‘softened” water are needed. 

2. Clark's Lime Process,— Clark, in 1841, suggested that slaked 
lime, in quantities just suflficient to react with the bicarbonate ion, 
be added to the water, thus precipitating the normal carbonate (4). 

(4) Ca(HC03)2 + Ca(OH)2 2CaC03 i + 2H2O 
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Care must be taken not to jidd too much slaked lime since this will 
impart a new hardness to the water which is more difficult to remove 
than the original. 

3. Addition of Soluble Alkali Carbonates or Hydroxides, — Sodium 
carbonate, for example, when added to temporarily hard water will 
precipitate the normal carbonate (5). 

(5) Ca(HC03)2 + NaoCOa -> CaCO, j + 2NaHC03 

This manner of softening water is familiar to the housewife through 
the use of ^cashing soda (Na2C03. IOH2O) as a water softener in 
the laundry. 

By furnishing hydroxyl ions, sodium hydroxide, on the other 
hand, converts the bicarbonates to slaked lime (0) which reacts 
with the calcium or magnesium bicarbonate still remaining (4). 

(()) 2Na()lI + Ca(TIC()3)2 ra(OII )2 + 2 NanC 03 

4. Addition of Household ammonia is also used for 

softening water (7). 

(7) Ca(IlC03)2 + 2NH3->CaC()3i + (NH4)2C03 

5. Pervndit Process.— An artificial zeolite, called j^cnnutit, was 
introduced by Cans (1910) as a means of softening both tempo- 
rarily and permanently hard waters. Permutit makes use of an 
ion-exchange reaction for softening water. It is a sodium aluminum 
silicate (said to be Na2H6Al2Si20]]), and may be simply represented 
by the symbol, Na2Perm. By passing the hard water through the 
permutit, an exchange of the “water-hardening” cations is made 
for “non-hardening” sodium ions (8). 

(8) NaoPerm + Ca(II(X)3)2 — > CaPerm + 2NaHC03 

When the permutit is all (‘onvcrted to the CaPerm form it obviously 
can no longer furnish sodium ions. To restore its activity a strong 
solution of sodium chloride is allowed to flow through the inacti- 
vated permutit, converting it to the sodium form again (9). 

(9) CaPerm + 2NaCl Na2Pcrm + CaCb 

6. De-ionization of IPa/^r. -The latest method for softening both 
types of water is an outgrowth of the desire to obtain water approxi- 
mating distilled water in purity without going through the wasteful 
and expensive distillation procedure. Practically all of the pro- 
cedures previously mentioned leave some chemical in the water, 
although the water may be “softened” in the ordinary sense of the 
word. The presence of salts in water is undesirable in many manu- 
facturing processes. The development of commercial resinous-ion 
exchangers in 1935 made possible the removal of both cations and 
anions from water. The removal of salts from water by this 
process consists of two steps. The first step is a removal of the 
cations by passing the water through a hydrogen-exchange resin 
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(HResin) which converts any salt to the corresponding acid l)y 
giving up a hydrogen ion in exchange for the metal ion (10). 

(10) 2HResin + Ca (HC03)2 -> Ca(Resin)2 + 2112003 (2II2O + 

2CO2 T ) 

So effectively is the salt changed to the corresponding acid that a 
“salt machine’' has been devised/ whereby a sample of water is 
poured through the resin and the effluate titrated with standard 
alkali to determine its acid content. Knowing the stoichiometric 
relationship between a salt and the acid which it forms, the concen- 
tration of salt in the original water (*an be determined. The results 
agree \xry closely with those obtained by gravimetric procedures. 
The second step accomplishes the removal of all anions (now in the 
form of acids) by passage of the water through another resin (usu- 
ally an amine-formaldehyde resin) wlu'reby the —NIK groups 
neutralize the acids (11). 

(11) Resin-NHo + IICl Resin -Nil,. I ICl 

The water which finally issues from the de-ionizer compares very 
favorably with distilled water in purity and it can be produced at 
a lower cost. 

Permanent hardness is caused by the presence in solution of the 
sulfates, chlorides or hydroxides of cal(‘ium or magnesium. These 
objectionable salts (*annot be removed by boiling or by lime treat- 
ment of the water. Permanently hard water may be softened by 
the following procedures. 

1. Addition of Sokdde Carbonates. -By adding soluble carbonates 
(e. g., Na-iKO.s) to the hard water the insoluble carbonates of ealeiuin 
and magnesium are precipitated (12). 

(12) MgS04(or CaS04) + -> Mg(X).(or CiiCih) j + 

Na,S()4 

2. Permvtit Process. — As previously indicated, this process applies 
(equally well to temporarily and permanently hard waters (13). 

(18) NaiPerm -f- CaS04 — > CaPerin + Na2S()4 

3. De -ionization of fPa/er. — The resinous-ion exchangers also soften 
both types of water, inasmuch as all anions and cations are removed 
irrespective of the salts, '^bhe removal of CaS04 from permanently 
hard water is carried out by the typical two-step mechanism (14) 
(15). 

(14) 2IIResin + (^iS()4 - > (\i(Resin), + I1.>S()4 

(15) 21{esin -NIT, + II,S()4 - > (Resin— NIK),. IKS()4 

It is interesting to note that during World War II the resinous-ion 
exchangers were used as a source of drinking water on life rafts. 

The hardness of water is variously expressed. On Clark’s scale 
(English) it is the number of grains of calcium carbonate per 

‘ Ion-exchange Resins, Ind. and Eng. Chem., 35, S59 (1943). 
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gallon of 70,000 grains of water; in (jcrinany, it is expressed as the 
number of parts of calcium oxide per 100,000 parts of water; and in 
France as the numl)er of parts of calcium carbonate per 100,000 
parts of water. In th(' I nited States, hardness is represented 
as 1 part ol calcium carbonate or its equivalent in 1,000,()00 parts 
of water (I milligram ])er liter). Hardness is determined by shak- 
ing a measured quantity of the sample of water with gradually 
added portions of a soa]) solution (standardized against known 
calcium chloride solution) until a permanent lather is produced. 

Chemical Properties. — In most chemical reactions, water plays 
merely a rnec^hanictal part, viz., that of a solvent for reac^ting sub- 
stances. Nevertheless, this relatively stable substance does possess 
(certain well-defined chemical properties which are exhibiterl on 
certain occasions. For example, it eombines with many oxides to 
form acids and bases (16 and 17); 

(16) SO3 + H20^H.S()4 

(17) Na^O + 11,0 2Na()H 

it unites with many salts to form hydrates (18); 

(18) 1^)4 + 711,0 ^ FeS04-7H,0 

and it also reacts chemically with some substances in such a manner 
that double decomposition (metathesis) takes place (19). Su(*h an 
interaction is called hydrolysis. 

(19) Pda + 311,0 P(OII)a + 3HC1 

A mere trace of moisture very often exerts what is thought to be 
a catalytic influence upon many chemi(*al changes. For exainjde, 
perfectly dry hydrogen and oxygen (‘annot be made to unite when 
exposed to the action of an electric spark. However, under like 
conditions, a trace of moisture causes them to combine with explo- 
sive violence. 

Recognition of Water by U. S. P. Xm and N. F. Vm With Tests for 
Purity.— The U. S. P. XIH recognizes Watkr (Acpia), Distilled 
Water (Aqua Destillata), Sterile Distilled Water (Aqua Des- 
tillata Sterilis) and Water for Injection (Aqua Pro Injectione).— 
The National Formulary MI recognized Redistilled Water 
(Aqua Redestillata) and, in addition, gave specifications for Ampul 
Water. 

1. Water (Aqua) (11,0), II. S. P. XIH, must conform to the 
following requirements and tests: It is a clear, colorless, practically 
tasteless and odorless liquid. 

It should have a range of hydrogen-ion concentration correspond- 
ing to a pH of not less than 5.6 and not more than 8.3. The limit 
of the former may be determined by adding 2 drops of methyl red 
pH indicator (transition interval, 4.2 [red] to 6.3 [yellow] pH) to 
10 cc. of water contained in a clean test-tube. No red color should 
be produced. The latter limit may be determined by adding 2 drops 
of phenolphthalein T.S. (transition interval, 8.3 [colorless] to 10.0 
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[red] pH) to another 10 cc. portion of water contained in a clean 
test-tube. No pink or red color should develop. 

When heated nearly to the boiling-point and agitated, water 
should not evolve a disagreeable odor. The soluble impurities 
should not exceed 100 mg. per 100 cc. 

Dissolved carboB dioxide in water attacks untarnished lead, 
copper and some other heavy metal surfaces and forms soluble 
bicarbonates which may be poisonous. Therefore, the limit of the 
amount of heavy metals present in Water is specified and tested for 
as follows: 1 cc. of diluted acetic acid and then 10 (;c. of freshly 
prepared hydrogen sulfide T.S. are added to 40 cc. of Water, heated 
to 5(V C., and allowed to stand for ten minutes. The color of the 
liquid when viewed downward over a white surface is no darker 
than the color of a mixture of 40 cc. of the same Water with 10 cc. 
of distilled water using matched Nessler tubes for the comparison. 

The limit of soluble zinc salts is tested for as follows: 3 drops of 
glacial acetic acid, then 0.5 cc. of potassium ferrocyanide T.S. are 
added to 50 cc. of Water contained in a glass tube. The solution 
should not show more turbidity than that produced by 50 cc. of 
distilled water in a similar glass tube, treated in the same manner, 
and viewed downward over a dark surfa(‘e (20). 

(20) K4h>(CN)6 + 2ZnS()4 ZmlMCN)c i (white) + 2 K 2 SO 4 

The U. S. P. XIII requires that Water meet the standards for 
freedom from coliforvi orgmviwi^ recpiired for potable water by the 
Ihiited States Public Health Service. 

2. Distilled Water, U. S. P. XIII (Aqua Destillata), is defined 
as “water purified by distillation.’^ The present revision of the 
U. S. Pharmacopoeia does not include a method for its preparation. 

Official distilled water is described as “a colorless, clear liquid, 
without odor or taste.” It should have a pH of not less than 5.0, 
as determined by no red color developing when 2 cc. of neutral 
methyl red pH indicator is added to 10 cc. of Distilled Water con- 
tained in a test-tube. Also, it should have a pH of not more than 
7.0 as evidenced by no blue color being produced when 5 drops 
of bromthymol blue pH indicator (transition interval, 6.0 [yellow] 
to 7.6 [blue] pH) added to 10 cc. of Distilled Water. One hundred 
cubic centimeters of Distilled Water when evaporated on a water- 
bath and dried to constant weight at 100° C., should not leave a 
residue weighing more than 1 mg. Distilled Water should not 
respond to appropriate limit tests for sulfate, chloride, calcium, 
ammonia, carbon dioxide, heavy metals and oxidizable substances 
(see U. S. Pharmacopoeia XIII, p. 600). When Distilled Water is 
allowed to stand, minute stringy or flocculent particles occasionally 
make their appearance. These particles are microscopic plants 
(conferva?) developed from spores which have fallen into the dis- 
tilled water. They may be minimized or entirely prevented by 
allowing only air that has been passed through a pledget of cotton, 
to come in contact with the distilled water. 
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3. Sterile I^lstilled Water, U. S. P. XIII (Aqua Destillata 
Sterilis) is prepared by placing Distilled Water in suitable con- 
tainers, properly closing and sealing them, and then sterilizing 
preferably by Process C. (See U. S. P. XIII, p. 692.) 

Sterile Distilled Water and Distilled Water are not to be used 
for parenteral administration or in preparations to be used paren- 
terally. For such purposes Water for Injection should be used. 

4. Water for Injection, U. S. P. XIII (Aqua Pro Injectione). — 
This product must be dispensed whenever sterile water’’ or “ sterile 
distilled water” for parenteral use is required or is dispensed as a 
vehicle, solvent, or diluent for substances to be administered paren- 
terally. This water is distilled and collected in clean (preferably 
sterile) containers which have been rinsed with Water for Injection 
or with freshl}^ distilled water. This water may be used for paren- 
teral solutions iinniediately, following suitable treatment, or it 
may be kept overnight at temperatures preventing bacterial growth 
or deterioration. In addition, it may be packaged and sterilized 
for future use, the product thus packaged being required to meet 
certain specifications as to sterility and clarity. It is not permissible 
to use any bacteriostatic or preservative agents in Water for Injec- 
tion. This water must be free of pyrogenic substances as specified 
under the Pyrogen Test, U. S. P. XIII, page 679. 

ddie N. V, VIl described a “Redistilled Water.” It was deleted 
from the N. P. VIII because it served no useful purpose, and was 
more or less replaced by “Water for Injection” (U. S. P. XIII). 
It has been noted that with a less stringent requirement, the test 
for oxidizable substances, formerly in the monograph for “Redis- 
tilled Water,” now appears as a new requirement for “Distilled 
Water” (U. S. P. XIII). 

Medicinal -Water in its several official forms plays an 

important part in pharmaceutical and medical practice. The 
specification for Water insures water of a reasonable purity for 
allaying thirst and for bathing purposes. In addition, when water 
is taken internally in large quantities it assists in the elimination 
through the kidneys of impurities in the body by its diuretic effect. 
In such a capacity, it exercises a decided medicinal influence upon 
those conditions caused by perverted metabolism. Distilled Water, 
of course, is universally used in prescription work calling for water as 
a solvent because of its freedom from chemical impurities. Sterile 
Distilled Water is suitable for rinsing surgical incisions, instruments, 
etc., and for other topical applications. Water for injectiem, as the 
name implies, is the vehicle for parenteral injections requiring water 
as a solvent. 

HYDROGEN PEROXIDE 

Formula, H 2 O 2 . Molecular Weight, 34.02 

History.— I lydrogeii dioxide was discovered by L. J. Thenard in 
1818 and he designated it as “oxygenated water.” He prepared 
it by the action of hydrochloric acid on barium peroxide (1). 

(1) Ba02 + 2IIC1 BaCl. + H 2 ()> 
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Occurrence. — Because of its instability, hydrogen dioxide is found 
occurring naturally only in very small quantities in air, dew, rain, 
and snow. 

Physical Properties. Bure (100 })er cent) hydrogtai dioxide is a 
colorless, astringent, syrupy licpiid having a specific gravity ol 
1.4631 (O'" C.). Even at. a temperature as low as 20'^’ (2, pure 
hydrogen dioxide will decompose slowly. When heated to 100"^ C. it 
decomposes with explosive violence to form water and oxygen (2). 

( 2 ) 2H2O0 2II2O + O2 T 

It may be separated with very little decomposition fn)m its aqueous 
solutions by fractional distillation under reduced pressure. When 
a concentrated solution (96 per cent) of hydrogen dioxide is (‘ooled 
to 10° C., colorless, transparent, prismatic crystals separate out. 
These crystals melt at —1.7° C. Cryoscopic determinations show 
its molecular weight to he 34.016 and its formula II2O2. At ordinary 
temperatures hydrogen dioxide is miscible in all proportions with 
water, alcohol and ether. It is more soluble in ether than in water 
and, therefore, may be extracted from its aqueous solntioii by 
shaking the two liquids in a separatory funnel. 

Chemical Properties.— Hydrogen dioxide in aqueous solution is a 
feeble acid and as such enters readily into double decomposition to 
form peroxidates (peroxides or salts of hydrogen peroxide), which 
easily become hydrated and appear as (crystalline ])reci})itates (3 
and 4). 

(3) Ba(OII)2 + II.2O2 21120 + Ba().> 

(4) Ba02 + 8H2O ^ Ba()2.8H2() 

When powdered metals, manganese dioxide, charcoal or organic 
compounds are added to an acjucous solution of hydrogen dioxide, 
decomposition into water and free (Oxygen takes place with the 
evolution of 23,100 (‘alories of heat. This is due to their catalytic 
action. Alkalies and most salts have a similar action upon hydro- 
gen dioxide. The fact that hydrogen dioxide contains a large 
amount of internal energy and liberates oxygen when it decomposes, 
indicates that it is a much more active oxidizing agent than is free 
oxygen. Thus, in the presence of dilute aqueous solutions of 
hydrogen dioxide, lead sulfide is converted into lead sulfate (5); 
iodine is liberated from solutions of hydrogen iodide (6); the hy- 
droxides of the alkaline earth metals are converted into hydrated 
peroxides (7); and sulfurous acid is oxidized to sulfuric acid (8). 
Hydrogen dioxide changes some organic coloring agents into colorless 
compounds and, therefore, i s used for bleac hiii g hair, J al^ics, etc. 

(5) BbS + 4H2O2 BbS04 + 4ILO 

(6) 2HI -f H2O2 -> 2H2O + I2 

(7) Sr(OH)2 + H2O2 Sr02 + 2H2() 

(8) H2SO3 + H2O2 H2SO4 + H2O 
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Hydrogen dioxide a(;ts also as a reducing agent. Silver oxide is 
reduced with a rapid evolution of oxygen (9); potassium perman- 
ganate, in acid (lIoSOi) solution, is rapidly changed to mangaiu'se 
sulfate, potcissinm sulfate and oxygen (10); and hoth hydrogen 
dioxide and ozone ar(‘ reduced wIhmi they interact (11). In gejieral, 
hydrogen dioxide acts as a reducing agent usually with those m(‘tallic 
oxidi's which easily lost' all or ])art of their oxygeni, r. t/., Ag/). 

(9) Ag,() + 1 1,(1, 2Ag + 11,0 + ()., t 

(10) 2K]\In()4 + 3II.S()4 + 5IIA Iv,S 04 + 2 MnS 04 + 

cSTl,0 + 50, t 

(11) 11,0, + O, -->11,0 + 20, t 

Official Tests for Identity.- 1 . When 1 cc. of a solution of hydrog(*n 
dioxide is sliaken witli 10 (*c. of distilled water containing 1 drop of 
diluted sulfuric acid, and then 2 c(‘. of ether and a droj) of i)otas- 
sium dichromate test solution added, an evanescent blue color will 
appear in the aqueous layer. I'he color may be transferred to the 
etlier layer l)y shaking the liquid and allowing it to stand. When 
sulfuric acid acts upon potassium dichromate, dichromic acid and 
potassium sulfate are formed (12). 

(12) K,Cr,()7 + 11,S()4 IT,(h',()7 + KoSO, 

The dichromic acid then reacts with the hydrogen dioxide to form a 
perehromic acid, thought to have the formula (ll())i(/r(()()ll )3 (blue 
(*olor). This f)erchromi(! acid is more soluble in ether than in water 
and in ethereal solution the blue (‘olor is mu(‘li more permanent. 

2. When a solution (jf hydrogen dioxid(‘ is added to a, mixture of a 
diluted tincture of guaiac and malt infusion, a blue color is ])roduced. 

ik For chara(‘teristic oxidation and reduction reactions of liydro- 
gen dioxide, see Chemical Properties, j). 5(>. 

Commercial Manufacture.-— The coinmereial manufacture of hydro- 
gen peroxide was inffuenceil greatly by World War II. The most 
significant progress was not made in methods of synthesis, but 
rather in the large scale methods for (‘oncentrating hydrogen jier- 
oxide by distillation under rediu'ed pressure. Solutions containing 
35 per cent of II,(), were the higliest concentrations available in 
(commercial quantities previous to the war, but now it is possible 
to obtain 80 to 90 per cent concentrations manufactured by methods 
developed by Cerinan engineers under the stress of the war. Cer- 
tain pre-war teclinical developments, v. e., the perfection of corrosion 
resistant stainless steels by Krupp and the development of special 
resins suitable for gaskets and tubing, made it possible for Cerniany 
to produce highly concentrated peroxide during the war. Because 
of the explosive instability of hy(lrogen peroxide in strong solutions, 
previous attempts to produce such solutions in commercial quan- 
tities had proved impractical. In addition to finding methods of 
concentrating hydrogen peroxide solutions, the (xermans also in- 
vestigated conditions of storing them. It was found that for 
practical purposes, aluminum (at least 99.5 per cent pure) tank 
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cars and storage tanks were the best to maintain maximum stability. 
For example, 80 per cent peroxide solutions stored in aluminum 
tanks under ordinary outside climatic conditions were found to lose 
less than 1 per cent of their activity in one year. 

Highly concentrated peroxide was of great war-time importance 
because of its use as a fuel for jet propelled missiles. At first, high 
concentration peroxide was used merely for the superheated steam 
and oxygen formed during its decomposition and which was capable 
of driving turbines. Later development, however, utilized the oxy- 
gen with liquid fuel. This type of peroxide-fuel combination was 
used for jet propulsion purposes for rockets, etc. Torpedoes and 
submarines fueled with hydrogen peroxide had the advantage of 
producing no distinguishable line of air bubbles when in motion. 

The methods used for the commercial production of hydrogen 
peroxide for medicinal and industrial use may be divided into two 
major classifications: (1) the non-electrolytic and (2) the electrolytic. 

N on-electrolytic hydrogen peroxide is made (1) by the action of 
sulfuric or phosphoric acid on hydrated barium peroxide, (2) by 
the action of sulfuric acid upon a solution of sodium peroxide, 
(3) by reduction and subsequent oxidation of 2-ethyl anthraquinone 
and (4) by direct synthesis from hydrogen and oxygen influenced 
either by a high-frequency electric discharge or by a suitable 
catalyst. 

1. Barium peroxide is produced by passing dry air over barium 
oxide that has been heated to about ()()()° C. In order that the 
reaction with sulfuric or phosphoric acid can go to completion, 
the peroxide is hydrated by a special steam treatment which^ gives 
a white, crystalline hydrate of the approximate formula, Ba02. 8H2(). 
When this is suspended in distilled water contained in a large glass- 
lined steel tank and dilute sulfuric or phosphoric acid added, 
hydrogen peroxide is liberated and barium sulfate or normal barium 
phosphate is precipitated (13) (14). When sulfuric acid is used, 
the hydrated barium peroxide is sometimes subjected to a pre- 
liminary treatment with hydrochloric acid to effect a more com- 
plete reaction. The precipitated barium sulfate (blanc fixe) is 
filter-pressed and washed. It is used in the paper industry and 
as a pigment. The hydrogen peroxide is distilled and adjusted to 
the desired strength by the addition of distilled water. 

(13) Ba()2.8H20 + H2SO4 BaS()4 + II2O2 + 8H2O 

(14) 3Ba02.8H20 + 2H3PO4 Ba3(P()4)2 + 3H2()2 + 24H2O 

2. Higher concentrations of hydrogen peroxide for industrial use 
(bleaching) are often made by treating a solution of sodium peroxide 
with sulfuric acid (15), removing all but about 3 per cent of the 
mineral matter by adding sodium fluoride and cooling to about 
~2^C. 

(15) Na202 + H 2 SO 4 H 2 O 2 + Na 2 S 04 

Although hydrogen peroxide by this method is unfit for medicinal 
use, the impurities present do not preclude its industrial use. 
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3. Because of shortage of electrical power due to intensive Allied 
bombing during the war/ the reduction of 2-ethyl anthraquinone 
(16) and the subsequent oxidation (17) of the resultant 2-ethyl 
anthranol offered an attractive non-electrolytic peroxide synthesis 
to German chemists. 

(16) 


OH 



OH O 


While actual production of hydrogen peroxide by this method had 
not had time to expand before the end of the war, the method 
nevertheless offers a good, non-electrolytic process not requiring 
an elaborate setup. The chief disadvantage of this method lies 
in the difficulty of removing all organic material from the peroxide 
solutions. The presence of this organic material results in a some- 
what unstable and dangerously explosive product. 

4. The direct synthesis of hydrogen peroxide from hydrogen and 
oxygen is a desirable method because the product is exceptionally 
pure and labor costs are at a minimum due to automatic operation. 
The most important method of direct synthesis is that developed 
by the Electrochemische Werke (a German firm) in which hydrogen 
and oxygen are made to (rombine directly under the influence of a 
high-frequency electric discharge. The operation is continuous 
and is said to require very little attention once it has started. 

An interesting method for the preparation of H 2 O 2 by direct 
combination of the elements H 2 and O 2 appeared in a recent patent.^ 
The synthesis is dependent upon the activity of catalytic surfaces 
(particularly tubes with smooth, dense surfaces coated with fused 
boric acid or metal borates) which cause the union of H 2 and O 2 . 
Hydrogen and air (approximately 20 per cent O 2 ) are passed through 
the heated (52T^ C.) reaction tube. The following equations (18) 
(19) are thought to represent the reactions taking place in this 
synthesis. 

(18) H + O 2 + M HO 2 + M + 52 kilocalories (or more) 

(19) HO 2 + H 2 — > H 2 O 2 + H — 18 kilocalories 

^ Axis Manufacture of Hydrogen Peroxide, Chem. Ind., 68, 957, (1946). 

« U. S. Patent 2,368,640; see also J. Chem. Ed., 22, 286 (1945). 
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M is any third molecule in the gas phase or surface of the reaction 
vessel. 

Electrolytic hydrogen peroxide is prepared (1) by the electrolysis 
of sulfuric acid to persulfuric acid which is hydrolyzed to yield the 
product and (2) by the electrolysis of ammonium bisulfate solutions 
to ammonium persulfate which may be treated in various ways to 
yield hydrogen peroxide. 

1. In this process sulfuric acid is oxidized anodically to persulfuric 
acid, H2S2O8, (20) which, in turn, is hydrolyzed to hydrogen per- 
oxide and sulfuric acid (21). 

( 20 ) 21I2SO4 H2S2O8 + n. 

(21) H0S2O8 + 2Ho() ^ 2112804 + II2O2 

2. A more usual way is to mix ammonium sulfate and sulfuric 
acid in the proportions to form ammonium bisulfate (22) and 
electrolyze the cold solution to form ammonium persulfate (23) at 
the anode. 

(22) (NH4)2S04 + 112804 -> 2NH4n804 

(23) 2NII4II8O4 -> (NH4)28208 + H2 

The ammonium persulfate that is formed is usually treated in one 
of three ways to yield hydrogen peroxide. 

(a) It may be reacted with potassium bisulfate (24) to form 
relatively insoluble potassium persulfate which can be hydrolyzed 
by live steam to yield hydrogen peroxide and potassium l)isulfate 
(25), the vapors being condensed and rectified to obtain the hydro- 
gen peroxide. 

(24) (NH4)28208 + 2KII8O4 -> K282O8 + 2NII4H8O4 

(25) K282O8 + 2II2O -> 2KH8O4 + Il20> 

{b) The ammonium persulfate may be treated with sulfuric acid 
and distilled at reduced pressures to give a distillate of water and 
hydrogen peroxide (26) (27). 

(26) (NH4)2S208 + H2SO4 II2S2O8 + (NH4)2804 

(27) H2S2O8 + 2H2O 2H2SO4 + II2O2 

(c) According to the Kufstein procedure hydrogen peroxide may 
be distilled directly from the ammonium persulfate solution (28). 

(28) (NH4)2S208 + 2 H 2 O 2 NII 4 HSO 4 + H 2 O 2 

All of the foregoing procedures, non-electrolytic and electrolytic, 
produce a solution of hydrogen peroxide which may be concentrated 
by distillation under reduced pressure in a suitable apparatus to 
produce concentrations up to 90 per cent H2O2. 

Laboratory Preparation.— Introduce 3 Gm. of hydrated barium 
peroxide into an Erlenmeyer flask and add 50 cc. of cold distilled 
water in divided portions, shaking the flask after each addition. 
Agitate the mixture frequently for one-half hour. In another flask 
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dilute 1 cc. of phosphoric acid with 25 cc. of distilled water and cool 
the mixture in an ice-bath. Now add small portions of the suspen- 
sion of hydrated barium peroxide to the dilute acid solution, keep 
the mixture cold in an ice-bath and shake it well after each addition. 
Allow the precipitate to settle, decant the supernatant liquid by 
means of a glass syphoning tube and filter the remainder. To the 
filtrate add diluted sulfuric acid drop by drop as long as any pre- 
cipitate forms. Mix sufficient starch with the liquid to make it 
appear milky, shake it well and filter rapidly. Collect the filtrate 
in a bottle of suitable size and stopper immediately. 

Note. — Because of difficulties in filtering the large volumes of 
precipitate formed when an official 3 per cent peroxide is made in 
small quantities, this method gives^ a solution approximately one- 
tenth the strength of the official. 

Pharmaceutical Preparations and Uses.— 1. Hydrogen Peroxide 
Solution (Liquor ITydrogcnii Beroxidi, Hydrogen Dioxide Solution), 
U. S. P. XIIT, is an aqueous solution containing, in each 100 cc., 
not less than 2.5 Gm. and not more than 3.5 (irn. of ILO-i- It is 
a colorless liquid, odorless or having an odor resembling that of 
ozone. The solution, when free from impurities, keeps fairly well. 

A trace of free acid and acetanilid iiKTeases its stability by catal^^ti- 
cally retarding its decomposition. When exposed to the air at 
ordinary temperatures or when heated on a water-bath at a tem- 
j^erature not exceeding 60° ('., the solution loses chiefly water. 
In this way the solution may be concentrated so as to contain 50 per 
cent by volume of hydrogen dioxide. When rapidly heated, it 
frequently decomposes suddenly. Because of impurities in the 
reacting substances used in the manufacture of solutions of hydro- 
gen dioxide, the II. S. Pharmacopoeia XIII specifies that the official 
solution be practically free from arsenic, barium and heavy metals. 
The amount of non-volatile matter is limited to 0.15 Gin. in 100 cc. 
of the solution; the free acidity in 100 cc. must not exceed an 
equivalent of 10 cc. of tenth-normal sodium hydroxide solution; 
and the preservative (usually acetanilid) must not exceed 50 mg. 
per 100 cc. of solutoin. This solution is used as an antiseptic 
because of the active liberati^ of oxygen when it comes in contact 
with organic material (e. g,, pus and blood). The foaming caused 
by the liberation of Oo mechanically cleanses wounds by dislodging 
fixed bacteria, particles of dirt, etc. This mechanical {'(‘tion rather 
than its chemical antisepsis is its important function, since the 
period of contact of oxygen with the bacteria is too short to bring 
about an efl‘ectiv(i oxidizing a(*tion, and lljO. itself is only feebly 
antiseptic. The 3 per cent solution is also used iji treating Vincent s . 
stomatitis, "the undiluted solution being used as a mouth wash 
several tunes daily. Continued use may cause a condition known 
as “hairy tongue” (hyi)ertrophied filiform papilhe), which disap- 
pears on discontinuation of the medication. It is also a chemiegj 
antidote for cyanide and phosphorus poisoning through oxidation of 
the poisonous materials to more or less harmless oxidation products. 
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2. Strornfer solutions of hydrogen peroxide are used as hair 
bleaches, fabric bleaches, etc. They are particularly desirable 
because of the harmless nature of the reaction products. Usually 
a 6 per cent solution (20 volume) is considered adequate as a hair 
bleach. A small amount of dilute ammonia solution is usually 
combined with the peroxide for hair application to soften the hair 
and hasten the bleaching process. 

Solutions of hydrogen peroxide are frequently said to be of a 
certain “volume” strength {i. e., 10 volume, 20 volume, etc.). 
Ordinary 3 per cent hydrogen peroxide solution is a 10 volume 
peroxide, 6 per cent peroxide is 20 volume, etc. A common com- 
mercial strength is 100 volume or 30 per cent hydrogen peroxide. 
The volume specification is based on the number of cubic centi- 
meters of oxygen, measured at standard temperature and pressure, 
liberated by 1 cc. of the peroxide solution when decomposed (2). 
Thus, if 1 cc. liberates 10 cc. of oxygen it is a 10 volume peroxide, etc. 



CHAPTER IV 

NITROCEN, NITROUS OXIDE, AND AMMONIA 

NITROGEN 

Symbol, N. \alence, 3 and 5. Atomic Weight, 14.008. 

Atomic Number, 7 

History.- In 1772, Dr. I). Rutherford of Edinburgh, observed 
that when oxygen was removed from air there remained a gas which 
was incapable of supporting either combustion or respiration. In the 
published results of his work, he designated this gas as “mephitic 
air.” Scheele was the first to understand the true nature of the 
principal gases composing the atmosphere. He showed that one 
gas (oxygen) supported combustion and respiration and that the 
other (nitrogen) did not. Lavoisier proved conclusively the cor- 
rectness of Scheele’s findings, and he named the inert gas azote 
from the (Ireek meaning “without life.” Because this element was 
found to be a constituent of saltpeter, Chaptal proposed the name 
nitrogen^ from the Greek, i/trpoi/, niter, and yewao), I produce, and it 
was generally accepted. In 1894, Rayleigh and Ramsay showed 
that atmospheric nitrogen was in reality an admixture of nitrogen 
and slightly over 1 per cent of inert gases. 

Occurrence.— Nitrogen constitutes approximately 79 per cent by 
volume of the atmosphere. Erec nitrogen is found in some natural 
waters. Spectroscopic observations have shown it to be present 
in certain nebuhe and probably in the sun. In combination with 
sodium and oxygen, it occurs in Nature in enormous quantities as 
Chile saltpeter. When united with hydrogen, it forms ammonia 
(free or combined) and, in organic combination as protein, amino- 
acids, etc., it is an integral part of animal and vegetable tissues and 
liquids. It is invariably present in soil, wherein nitrogen compounds 
are formed by the action of nitrifying bacteria. 

Physical Properties.— Nitrogen is a colorless, tasteless and odorless 
gas. Its density is 0.9682 (air = 1). One liter of nitrogen at 0"^ C. 
and 760 mm. weighs 1.2506 Gm. Nitrogen can be liquefied; the 
critical temperature being -147.13° C. and the critical pressure 
33.49 atmospheres. It forms a colorless liquid, boiling at - 195.8 ° C. 
and a white solid melting at -209.8° C. Under standard conditions 
(0° C. at 760 mm.), 2.3 volumes of nitrogen dissolve in 100 volumes 
of water. 

Chemical Properties.— Nitrogen is a very inert gas. Like hydro- 
*gen, it may be activated by high voltage discharges at low pressure 
or by subjecting the gas at normal pressure to a silent electrical 
discharge. It will neither burn nor support the combustion of 
ordinary combustibles. At high temperatures, it combines directly 

( 63 ) 
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with Li, B, Si, Ba, Ca, Sr and Mg to form nitrides. Thus, when 
magnesium ribbon is burned in air, the white powder that is formed 
is composed of large quantities of magnesium oxide (MgO) and 
smaller quantities of magnesium nitride (Mg.3N2). The latter com- 
pound may be detected by moistening the ash with water and testing 
the evolved gas with moistened litmus paper (red). The paper is 
turned blue by the ammonia produced by the hydrolysis of the 
nitride (1). 

(1) MgAL + 6H2O -> 3Mg(OH)2 + 2NII, T 

When the rare earth metals are mixed with magnesium and heated 
in a current of nitrogen, nitrides are produced. 

Nitrogen forms six oxides: Nitrous oxide, N/) (7. v.); nitric 
(Lxide, NO; nitrogen trioxide, NXL; nitrogen dioxide, NCb; nitrogen 
tetroxide, N2()4; and nitrogen pentoxide, NjOr,. It slowly and 
difficultly combines with hydrogen to form ammonia, Nll.-i, hydra- 
zine, N2II4, and hydrazoic acid, NJI. Chlorine unites with it to 
form a very volatile, oily, yellow substan(‘e (N : CI3), which has a 
very pungent smell, powerful lachrymatory properties, and is a 
most dangerous explosive. The corresponding iodine compound 
has been prepared. 

Commercial Manufacture. -“Nitrogen may be obtained exj)erinien- 
tally by (1) removing the oxygen from the atmosphere or (2) by 
decomposing compounds in which it occairs. 

The first may be accomplished by: 

1. Burning phosphorus in a confined volume of air. The phos- 
phorus combines with the oxygen of the air to form phosphorus 
pentoxide, PoOf,. The gas remaining in the container is nearly pun^ 
nitrogen. 

2. The action of an alkaline solution of pyrogallol on air. An 
alkaline solution of pyrogallol energetically absorbs oxygen from 
the air, turns brown, and finally decomposes into carbon dioxide, 
acetic acid, and brown substances. Nitrogen is unaffected by the 
pyrogallol solution. 

3. Passing air over red-hot copper filings. Copper at red heat 
combines with the oxygen of the air to form copper oxide, whereas 
the nitrogen is Unaffected and passes on into a reservoir. 

It may be obtained from some of its compounds in the following 
ways : 

1 . By heating a slightly acidulated solution of ammonium ni- 
trite (2), 

(2) NH4N()2 i N2 + 2II/) or NHh + UNO^ -> N^ T + 2ILO 

2. By heating a mixture composed of concentrated solutions of 
sodium nitrite and ammonium chloride (3). 

(3) NII4CI + NaN02 ^ NaCl + NII4NO2 (decomposed ac- 

cording to equation 2) 
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3. By the action of chlorine or bromine upon ammonia or ammo- 
nium hydroxide (4). 

(4) 2NH3 + SCb -> N, + 6HC1 

4. By heating ammonium nitrate with ammonium chloride and 
passing the evolved gases through a solution of sodium hydroxide 
to absorb the (chlorine (5). 

(5) 4NII4NO3 + 2NII4CI -> CI2 + I2H2O + 5N2 

5. By passing ammonia gas over heated copper oxide (6). 

(6) 3CuO + 2NIIa 3Cu + 3II2O + N2 

6. By oxidizing ammonia with a hypochlorite (7). 

(7) 3NaO(3 + 2NH3 -> 3NaCl + 3H2O + N2 

For the production of quantities sufficient for industrial use (man- 
ufacture of (‘yanamid, etc.) it is made by (1) fractional distillation 
of liquid air; (2) the fractional separation by liquefaction of pro- 
ducer gas which contains about 67 per cent of nitrogen; (3) by 
catalyti(*ally oxidizing the CO in producer gas to C'02; (4) by 
decomposing ammonia into II2 and N2 by passage over heated iron 
and then liquefying the nitrogen. 

Nitrogen Fixation.— Nitrogen is a necessity for the development 
of living plants. Plants do not have the power of fixing atmospheric 
nitrogen as they do oxygen and, therefore, must obtain it from 
nitrogenous (‘oinpounds formed in the soil mainly by the action of 
nitrifying bacteria. Bc(*ause these compounds are essential to plant 
life, it is necessary to replace them as the.\^ are extracted from the 
soil; hence the use of nitrogenous manures or artificial fertilizers 
containing soluble nitrates. The enormous demands made upon the 
niter deposits have brought about the realization that eventually 
these natural sources of nitrogen will be used up. The attention 
of chemists has turned to the development of processes for the 
fixation of atmospheric nitrogen in order to establish an independ- 
ence of the rapidly diminishing natural sources of nitrates and also 
for economic reasons. (Combination of nitrogen, obtained directly 
or indirectly from the air, can be effected by forming [\) oxides of 
nitrogen and nitric acid, (2) ammonia, (3) decomposable nitrides, 
(4) cyanides, (5) cyanamides, and (6) urea. 

1. Birkelancl-Eyde Process.—^, Birkeland and S. Eyde devised 
a process which has been worked on a large scale at Notodden and 
elsewhere in Norway. An electric arc is produced in a specially 
constructed furnace by passing an alternating current of about 
5000 volts equatorially between the poles of an electromagnet, 
thereby forming what is practically a disk of flame 6^ feet in diam- 
eter and having a temperature of about 3000° C. (5432° F.). Air is 
blown through the flame in such a way that all of it comes in contact 
with the heated area, wherein the oxygen and nitrogen combine to 
5 
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form nitric oxide (NO) (8). The air (containing about 2 per cent 
of NO) coming from the furnace is rapidly cooled in boilers and 
aluminum-tube coolers until it reaches ordinary atmospheric tem- 
perature. Then it is passed into large open towers constructed of 
quartz slabs, where the nitric oxide formed in the arc is oxidized to 
NO2 (9) which polymerizes to N2O4. The nitrogen tetroxide is led 
into a series of absorption towers where it meets a descending 
current of water or dilute nitric acid and is changed into nitric 
acid (10). The final solution contains between 30 and 35 per cent 
of HNO:{. The unabsorbed gases, weak in oxides of nitrogen, are 
usually passed into an additional series of iron absorption towers. 
Here they meet a counter current of soda (NaoCOs) solution with 
which they form sodium nitrate and some sodium nitrite (11). 
These compounds are recovered as such. It is also a common 
practice to pass the weak gases into milk of lime, thus forming basic 
calcium nitrate, which may be used as a fertilizer. The reactions 
taking place may be represented as follows: 

(8) N2 + O2 + 43,000 calories 2NO (at a temperature of 

3000° C.) 

(9) 2NO + O2 — > 2NO2 (at a temperature less than 154° C.) 

(10) 3NO2 + H2O 2HNO3 + NO (at ordinary temperatures) 

(11) 2NO2 + H2O HNOa + HN()2 

In the Badische Analin und Soda Fabrik method (Schonherr 
Process), the arc, which is said to be over 30 feet in length, is formed 
in a long tube and a stream of air is injected spirally, thus exposing 
every part of it to the electrical discharge. 

2. The Serpek Process,— In this process bauxite (impure alumi- 
num oxide) is mixed with coke and heated to a temperature of 
about 1800° C. in an electrical furnace through which nitrogen, 
obtained in one of the usual ways (p. 65) is being passed (12). 

(12) 2AI2O3 -f- 6C + 2N2 4A1N + 6CO | 

The crystalline aluminum nitride so formed is treated with steam 
under pressure. Ammonia and a pure form of aluminum hydroxide 
is produced (13). 

(13) AIN + 3H2O NII3T + A1(()II)3 

The hydroxide is then ignited to form a white amorphous powder 
of the oxide (14). 

(14) 2A1(0H)3 AI2O3 + 3H2O 

The ammonia ma} be absorbed in water, oxidized to nitric acid, 
or used in liquefied form for refrigerating purposes. 

3. The Bucher Process,— In 1917, Prof. J. C. Bucher of Brown 
University, succeeded in making sodium cyanide and a ferrocyanide 
by passing producer gas through a heated tube filled with briquets 
made of soda ash, iron and coke. At the high temperature, and in 
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the presence of the catalyst (iron), the nitrogen contained in the 
producer gas reacts to form sodium cyanide and the carbon is 
burned off as carbon monoxide (15) . 

(15) Na 2 C 03 + 4C + N 2 — ^ 2NaCN + SCO | 

Aside from the many industrial uses of sodium cy anide, it may be 
converted into ammonia by hydrolysis. 

4. The Frank and Caro Cyanamide Proem.-— This process depends 
upon the fixation of nitrogen as calcium cyanamide by means of 
calcium carbide. First, calcium carbide is made in any one of 
several types of electric furnaces. In the Horry type, which is a 
continuously operating furnace, finely powdered lime is mixed with 
powdered coke and charged into a drum equipped with carbon 
electrodes. The drum makes one complete revolution in about 
two days. The resistance of the material to the electric current 
raises the temperature of the physical mixture to the point where 
the following chemical reaction takes place (16). 

(16) CaO + at: CaC 2 + CO t 

Li(|uid carbide (M. P. about 2000® C.) (‘ollects at the base, cools, 
and solidifies. In about a day it has reached the opposite side of 
the drum and can be removed without interrupting the operation. 

The calcium carbide thus produced is finely ground in tube mills 
under an atmosphere free from moisture and oxygen, and placed 
in large iron drums. The charge is heated electric^ally, a centrally 
located carbon rod serving as one electrode and the container as 
the other. The nitrogen is turned on and is absorbed so rapidly 
by the hot carbide that the evolved heat is sufficient to keep the 
mass at the reaction temperature (about 1100° C.) and, therefore, 
the carbon rod is withdrawn (17). The resulting dark gray mass 
is composed of calcium cyanamide (about 60 per cent) and carbon 
and is known as nitro4wie. l^his is sprayed with only enough cold 
water to decompose any excess calcium carbide (18), then mixed 
with a solution of sodium hydroxide and treated with steam in an 
autoclave or pressure digester under a pressure of from 3 to 4 at- 
mospheres (19). 

(17) Ca (:2 + N 2 ?=> Ca : N.C : N + C 

(18) Ca(% + 2 H 2 O Ca(()H )2 + C 2 H 2 (acetylene) 

(19) Ca : N,C i N + SIU) -> CaCO, + 2 NH 3 

The evolved ammonia is absorbed by water or it is converted into 
ammonium nitrate. The sludge is freed of dissolved ammonia by 
blowing steam through it. 

5. The Haber Process.- 'Vhv synthesis of ammonia from its con- 
stituent elements is one of the most imi)ortant methods of nitrogen 
fixation (see p. 72). 

If it is desired to use the nitrogen, fixed as ammonia, for the 
production of nitrates, it is necessary to first convert the ammonia 
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into nitric acid. This is accoinplislied by means of the Offtwald 
Procc6\Sy whereby ammonia is mixed with air (21 per cent of oxygen), 
the mixture heated and rapidly passed throiigli a fine wire gauze of 
activated platinum raised to a glowing heat. Better than 95 per 
cent of the ammonia is oxidized to NO, and then to N ()2 (20, 21 , 22), 
which is absorbed by water to form nitric a(*id. 

(20) 4Nn, + 50. 4NO + 01 U) 

(21) 4NO + 2 O 2 4NO.> 

(22) 3NO> + II.O -> 2I1NO, + NO 

The nitric acid so formed may be used as such or (‘onverted into 
sodium nitrate, calcium nitrate, etc. 

Uses. — Elementary nitrogen is used princi})ally in connection with 
nitrogen fixation. The Haber process for ammonia production uses 
the largest amount. Considerable quantities of nitrogen are also 
used in the cyanamide pro(‘ess. 

Inorganic nitrogen consumption in the Enited States has expanded 
considerably in recent years, and it is diffi(‘ult to conceive of a pos- 
sible shortage in the future for agricultural needs. The following 
table supplies an idea of our growing nitrogen needs: 

1940 1 911 . 405,000 .short tons 

1941 1942 . . ;150, 000 sliort tons 

1942 -1943 . . . 431, 000 short tons 

1943 1944 . . . 005,000 short tons 

1944 1915 .... 075,000 short tons 

1945-1940 099.000 short tons 

Nitrogen is used in smaller quantities when a (‘hemical process 
requires an inert atmosphere as in some organic chemistry reac- 
tions and in the assay for carbon monoxide in oxygen. Mercury 
thermometers that are intended for use at elevated temperatures 
>200° have the space above the mercury column filled with nitro- 
gen to decrease the evaporation of the mercury and to prevent its 
oxidation. Eh^ctric light globes filled with nitrogen are now in 
general use, thus giving longer life by reducing the volatilization 
of the tungsten filaments. Cod-liver oil and castor oil are often 
packaged with a nitrogen atmosphere above the oil to retard oxida- 
tion (and consequent rancidity) during storage. 

NITROUS OXIDE 

Nitrous Oxide, U. S. P. XIII 
Formula, N 2 O. Molecular Weight, 44.02 

History.— Nitrogen monoxide or nitrous oxide was first made in 
1772 by J. Priestley. He obtained it by the action of nitric oxide 
(NO) upon moist iron filings. While studying the physical and 
chemical properties of this gas, he observed that ignited substances 
burned in it with greater luminosity than in the atmosphere. In 
1800 Sir H. Davy, who determined its composition, observed that 
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the gas produced exhilarating effects when inhaled, hence its com- 
mon name “laughing gas.” 

Physical Properties.- Nitrous oxide is a. colorless gas, having a 
slight, characteristic odor. Its aqueous solutions have a somewhat 
sweetish taste. Its speciffc gravity is 1.530 (air = 1). One liter 
of the gas at 0"^ ( \ and one atmospluTC ]>ressure weighs 1.9778 Om. 
and it is readily soluble in water at low temperatures. Under normal 
pressure 100 volumes of water dissolve about 180 volumes of the 
gas at 0° C., in about 07 volumes at 20° C., and in about 59.4 voU 
limes at 25° C. One volume of nitrous oxide dissolves in about 
1.5 volumes of water under normal pressure at 20° C. It is about 
three times more soluble in alcohol than in water, and readily 
dissolves in ether and in oils. The gas may be liqueffed to a thin, 
mobile, colorless liquid boiling at —89.5° (\ When it is further 
cooled, white crystals melting at —102.4° U. separate out. 

Chemical Properties. “Nitrogen monoxide is not inffaminable but 
it supports the combustion of many substances almost as well as 
oxygen. It supports the combustion of a glowing splinter of wood 
and phosphorus and sulfur burn in it. Metals do not rust in 
nitrous oxide. The hemoglobin of the blood is unable to use it as a 
source of oxygen. 

Official Tests for Purity.— The U. S. Pharmacopceia requires that 
carbon dioxide, halogens, acids or alkalies, redLu*ing substances, and 
oxidizing substances be either absent or limited in amount. 

Note.' -Cylinders containing Nitrons Oridc must be kept at a tem- 
perature of 25'', =^2°,for at least si.v hours before the Nitrous Oxide is 
withdrawn for the following determinations. Cos volumes for the fol- 
lowing tesU a7id assays are to be corrected to a pressure oj 700 mm. 
and a temperature of 25". 

For an explanation of the tests for purity see the discussion under 
C'arbon Dioxide. 

Nitrous Oxide contains not less than 95 per cent by volume of N 2 O 
and is supplied in tight metal (cylinders. 

Commercial Manufacture. - Ammonium nitrate, which is absolutely 
free from chlorides and other impurities, is gradually heated to 
about 200° C. in aluminum retorts. At this temperature decom- 
position into nitrous oxide and water begins (1). 

(1) NH4N()3 ^ 2ll2() + N 2 O T 

The temperature is then slowly raised to 240 (y. I his tempera- 
ture should not be exceeded lest the nitrous oxide becomes con- 
taminated with nitrogen, ammonia, and other oxides of nitrogen. 
The gas is cooled in a condenser, washed with sodium dichromate 
solution to remove nitric oxide, with a solution of sodium hydroxide 
to take out the nitric acid, and lastly with water. It is then com- 
pressed in steel cylinders under a pressure of about 100 atmospheres. 

Pharmaceutical Preparation and Uses. 1. Citrons Oxide (Oxidum 
Nitrosum, Nitrogen Monoxide), U. S. P. XIIL-Nitrous oxide con- 
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tains not less than 95 cent by volume of N2O. Nitrous oxide 
is used to produce conditions of analgesia and anesthesia. In order 
to prevent shock, the nitrous oxide is usually mixed in a common 
reservoir with approximately 4 per cent of oxygen and administered 
to the patient for one minute. The oxygen is then cut oft and pure 
nitrous oxide given for forty seconds additional, when complete 
anesthesia usually results. 

V AMMONIA 

Formula, NH3. Molecular Weight, 17.03 

History. — An a([ueous solution of ammonia was prepared during 
(jeber’s time (eighth century) by destructively distilling the hoofs 
and horns of animals and absorbing the gas in water. The solution 
was called “spirit of hartshorn.’' In 1756 Black differentiated 
between ammonia and ammonium carbonate. Priestley was the 
first to obtain almost pure ammonia and he called it “alkaline air.” 
Berthollet determined its composition in 1803. 

Physical Properties.— Ammonia is a colorless gas having a strong, 
pungent, characteristic odor. It is about one-half as heavy as air, 
having a specific gravity of 0.589 (air = 1). One liter of ammonia 
weighs 0.7710 Gm. The gas may be liquefied either by subjecting 
it to intense cold ( — 60® C.) or by cooling it to about 10° C. and 
increasing the pressure to 6.5 or 7 atmospheres. Liquid ammonia 
boils at —33.35° C. and the white crystals of solid ammonia melt at 
— 77.7° C. Liquid ammonia is a good solvent and ionizing medium. 

One cubic centimeter of water at 0° (\ dissolves 1298.9 volumes 
of ammonia, and at 15° C. 1 cc. of water dissolves 727 volumes of 
the gas. Its solutions are lighter than water. It is also soluble in 
alcohol and ether. All of the gas may be expelled from its solutions 
by boiling. Ammonia exists in aqueous solution mainly in the 
form NH3, only a small amount reacting with water to form NH4OH. 

NIL + HOH ^ NH4OII 

For all practical purposes, however, ammonia water may be con- 
sidered as containing NIT4OH. 

Chemical Properties.— At low temperatures ammonia is stable. At 
red heat and by the action of an electric spark, it is completely 
decomposed into hydrogen and nitrogen. The reaction is revers- 
ible (1). 

(1) 2NH3 3H2 + N2 

The gas does not burn in air, but in oxygen it burns with a yellow- 
ish flame forming nitrogen, nitric oxide and ammonium nitrite. 

Heated ammonia is an active reducing agent. 

Heated oxides of many metals are reduced when ammonia is 
passed over them (2). 

(2) 3CuO + 2NH3 3Cu + 3H2O + N2 
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However, when a mixture of ammonia and air is heated in the pres- 
ence of a catalyst (platinum), the ammonia is oxidized to water 
and oxides of nitrogen which combine to form nitric acid. 

When a current of either chlorine or bromine vapor is passed into 
a flask containing ammonia, the halogen catches fire and free nitro- 
gen and ammonium chloride or ammonium bromide are formed 
(3 and 4 ). 

( 3 ) 2NH3 + 3CI2 N2 T + 6 HC 1 

( 4 ) NH3 + IICl NII4CI (white) 

When lithium, calcium, magnesium or boron are heated in a 
stream of ammonia gas, hydrogen is evolved and the respective 
nitride formed (0). 

(5) 2Nn3 + 3Mg -> IVIg^N^ + m. 

These nitrides are solids and are easily hydrolyzed by water to 
ammonia (6). 

(()) ]VTg3N2 “h (iH20 *—> 2NII3 -[- 3jVTg(OH)2 

Sodium and potassium replace only part of the hydrogen of ammonia. 
The resulting compounds are known as amides ( 7 ). 

( 7 ) 2 Na + 2NII3 2NaNIl2 + H2 

Sodamide, like the nitrides, yields ammonia upon hydrolysis (8). 

(8) NaNH2 + IW -> Nib T + NaOII 

Ammonia combines with acids to form ammonium salts (q. v.), ( 9 ). 

(9) Nib (gas) + IICl (gas) -> NIbCl (solid) 

The action of strong bases will liberate ammonia from its com- 
pounds (10). 

(10) NH4CI + NaOlI Nib T + H2O + NaCl 

Ammonia of crystallization does occur with some compounds 
such as CaCdo.SNlb. 

Ammonia reacts with active chemical groups in a way similar to 
that of water. Phosgene with water results in the formation of 
carbonic acid and hydrogen chloride. Such a reaction is known as 
hydrolysis ( 11 ). An analogous reaction with ammonia is called 
ammonolysis (12). 

Cl /OH 

(11) O = C< + 2H2O . O = C<; + 2 HC 1 

Cl OH 

Cl /NH2 

(12) O = C< + 2IINH2 > O = C<( + 2 HC 1 

Cl NH2 

Urea 
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Ammonia readily forms soluble complex ions with certain metals 
namely Ag, Cu, Zn, Cd, Ni, and Co. A common example is the 
formation of the complex silver-ammonia ion when AgCl (insoluble) 
is treated with ammonia in excess (13). 

(13) AgCl + 2 NII 3 ^ Ag(NIl3)2+ + Cl- 

Ofiicial Test for Identity.- When ammonia (NII 3 ) is present in 
colorless solutions it may be detected with Nessler’s Reagent. When 
2 cc. of alkaline mercuric potassium iodide T.S. are added to an 
aqueous solution containing ammonia a deep yellow color is pro- 
duced (14). 

(14) Nils + 2K2irgl4 + 3KOH ^ Nlljllg/) + 7KI + 2H2() 

Yellow 

Commercial Manufacture.— Ammonia is produced at the present 
time almost exclusively by the Haber Process or some modification 
of it. The wash-waters of the gases obtained by the destructive 
distillation of coal (production of coke and illuminating gas) are 
also a source of ammonia. Ammonia, as a constituent of cn/rfc 
illuminating gas combines in part with various other impurities 
to form salts, e, g., the carbonates, NIl 4 nC 03 , (NIl 4 ) 2 C 03 , etc.; 
sulfides, NH4HS, (NH4)2S, etc.; cyanide, NH4CN; chloride, NH4CI; 
and sulfate, (NIl 4 ) 2 S 04 . The water condensed in the hydraulic 
main contains a considerable quantity of so-called fixed ammonium 
compounds (ammonium chloride, sulfate, etc.) whereas the water 
condensed in the cooler parts of the condensing system contains a 
high ^‘volatile-ammonia^’ content. In most gas works, the mixture 
composed of gas-condensate and scrubber-water will have an 
ammonia content of about 3 per cent by weight. This ammoniacal 
gas liquor is first concentrated to 16 per cent ammonia and shipped 
in tank cars to ammonia refineries. 

The Haber Proem.— The synthesis of ammonia from its con- 
stituent elements has been a commercial success for a number of 
years. When nitrogen and hydrogen are mixed in volume propor- 
tions of 1 to 3 and the mixture under high pressure (200 atmos- 
pheres) passed through a catalyst heated to about 550"^ C., they 
unite to form ammonia. The nitrogen for this process is obtained 
from producer gas, which is composed essentially of two volumes of 
nitrogen and one volume of carbon monoxide; and water gas, con- 
sisting of about equal volumes of hydrogen and carbon monoxide, 
is the usual source of the hydrogen. The mixture of water gas 
and producer gas is mixed with steam and passed through a hot 
catalyst. Here the carbon monoxide is oxidized to carbon dioxide 
and additional hydrogen is produced. At this point the volumes 
are adjusted so as to give a ratio of 1 of nitrogen and 3 of hydrogen, 
and the mixed gases, under a pressure of about 50 atmospheres, 
are scrubbed with water and finally with a solution of caustic soda 
to remove any remaining carbon dioxide. The pressure is then 
stepped up to 200 atmospheres, the gases scrubbed with ammoniacal 
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copper foniiate to remove carbon monoxide and passed on to the 
catalyzing elements. The catalyst is said to be a mixture of metallic 
oxides, e. g., he304, l^e^Oa, and AbO.t, containing about 1 per cent 
of K2O. Ihe gases leaving the catalyzing element contain about 
8 per cent by volume of ammonia, which is cooled and absorbed 
in water. The uncombined nitrogen and hydrogen are dried and 
again passed through the apparatus. The reaction taking place 
may be represented as follows (15): 

(15) N2 + 3112 ^ 2NII3 + 2 X 12,200 calories 

This reaction is reversible and exothermal. At low temperatures 
no union occurs, whereas at 700"^ C. any ammonia produced is 
entirely decomposed. Therefore, the combination must take place 
under pressure and at approximately 500° (\, at which temperature 
about 8 per cent of the gases (hydrogen and nitrogen) combine in 
the presence of a catalyst to form ammonia. The combination is 
accompanied always hy a decrease from 4 to 2 volumes of gas. The 
ammonia may be rec()V(‘red easily from the ammonia water in con- 
tinuously operating stills and then, if desired, it may be liquefied. 
In this physi(*al state it may l)e used for refrigeration or other 
purposes. Modifications of this })rocess are: the (ieneral Chemical 
which employs about 100 atmospheres; the (’asale uses about 
700 atmospheres; and the Claude about 1000 atmospheres. At 
the higher pressures the ammonia yields arc considerably higher 
and it can be removed directly as liquid ammonia. 

Pharmaceutical Preparations and Uses. — 1. Sfro7uj Ammonia Solu- 
tion (Liquor Ammonhe Fortis, Stronger Ammonia Water, Stronger 
Ammonium Hydroxide Solution), I;. S. P. XI II.- Strong Ammonia 
Solution is an aqueous solution of ammonia (NH3) containing not 
less than 27 per cent and not more than 29 per cent of NII3. This 
solution deteriorates rapidly in open containers. 

Caution. — Great care should he used in handling Strong Ammonia 
Solution because of the caustic aud irritating properties of its vapors. 
Before the container is opened it should be well cooled and the closure 
covered with a towel before removal. Strong Ammonia Solution must 
never be tasted nor its vapors inhaled. 

Strong Ammonia Solution is a colorless, transi)arent liquid, hav- 
ing an exceedingly i)ungent, characteristic odor, and a very caustic 
and alkaline taste. It is strongly alkaline to litmus and has a 
specific gravity of 0.90. 

Commercial Manufacture.— Strong ammonia solution is prepared 
by passing ammonia gas into cooled water until the water is satu- 
rated with ammonia (NIL). 

Laboratory Preparation of Diluted Ammonia Solution.— Place 72.0 Gm. 
of ammonium sulfate in a flask provided with safety tube and outlet. 
In another dish slake 31 Gm. of lime and add sufficient water to 
make a milk of lime. Add the milk of lime to the ammonium sulfate 
and immediately connect the outlet with a tube, one end of which 
extends to the bottom of a cylinder containing 200 cc. of cold, 
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distilled water. Gently heat the flask containing the reaction mix- 
ture, so as to obtain a steady and not too rapid evolution of ammo- 
nia (16). The absorption cylinder may be kept cool by standing it 
in a jar filled with cold water. The entire apparatus should be 
erected under a ventilating hood. When the evolution of ammonia 
has ceased, determine the degree Baiime of the product, and from 
this calculate the per cent by weight of ammonia. 

( 16 ) (Nn4)2S04 + Ca(OH)2 2NH3 T + + CaS04 

At or below the temperature —79.3° C., ammonia chemically 
combines with water to form a white, solid ammonium hydroxide. 
Ammonium hydroxide (solid) dissociates at temperatures above 
that previously mentioned, hence it is available only in the form of 
its solution. In a normal solution (about 1.7 per cent) only 0.4 per 
cent of ammonium hydroxide is dissociated into ammonium ion 
(NH4+) and hydroxide ion (OH"). The remainder of the ammonia 
is present in the solution as free ammonia, as undissociated ammo- 
nium hydroxide, or as traces of ammonium oxide (NI 14)20. When 
hydronium ions (from HCl for example) are introduced into the solu- 
tion, the equilibrium is disturbed by the union of hydroxide ions 
with hydronium ions to produce water, and the ammonium ions and 
chloride ions unite to form ammonium chloride. As rapidly as 
water is formed by the hydroxide ions uniting with hydronium ions, 
more ammonium hydroxide dissociates into its cation and anion, 
and concurrently more ammonia combines with water to form undis- 
sociated ammonium hydroxide. This effort to reestablish an ionic 
equilibrium continues until the reaction is complete (17) and (18). 

(17) NHa (gas) ^ Nlh (solution) + IW NH4()H ^ + 

OH- 

(18) NH4+ + OH- + HaO+ + Cl- -> NH4CI + 2H2O 

The weak basic property of an aqueous solution of ammonium 
hydroxide is due to the presence of relatively few OH", produced by 
the slight dissociation of ammonium hydroxide into NH4+ and OH". 

The quantity of NH4OH is very small in relation to the quantity 
of ammonia (NH3) in an aqueous solution of ammonia. In a 0.1 M 
solution of ammonia (NHa) the molar conc^entration of OH ions 
is approximately xJir that of the concentration of ammonia (NHa). 

On account of its ability to unite directly with acids, an aqueous 
solution of ammonia is used in the manufacture of ammonium salts 
(q. V,). It is also used in the manufacture of sodium bicarbonate 
(g. -».), nitric acid (q. v.), etc. 

2. Diluted Ammonia Solution (Liquor Ammonise Dilutus, Am- 
monia Water, Diluted Ammonium Hydroxide Solution), U. S. P. 
XIII.— Diluted Ammonia Solution is a solution of NH3 containing 
in each 100 cc. not less than 9 Gm. and not more than 10 Gm. of 
NH3. This solution deteriorates rapidly in open containers. 

It is a colorless, transparent liquid, having a very pungent, 
characteristic odor. It turns red litmus paper blue and has a 
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specific gravity of 0,96. Gaseous hydrogen chloride near the mouth 
of a bottle containing diluted ammonia solution produces dense 
white clouds of ammonium chloride. 

“Spirit of Hartshorn ” (10 per cent ammonia in water) was origin- 
ally prepared by destructively distilling the horns of small deer and 
passing the gases (NH3) into water. 

Commercial Manufacture.— Diluted ammonia solution may be 
prepared by the method used for strong ammonia solution or by 
diluting the strong ammonia solution according to the directions of 
the U, S. P. XIII. Sufficient distilled water is added to cc. of 
strong ammonia solution to make 1000 cc. 

."1. Aromatic Ariwumia Spirit (Spiritiis Aminoniic Aromaticiis), 
V. S. P. XIII. — (See p. 269.) 

4. Anmojiiated Guaiac Tincture (Tinctura Guaiaci Ammoniata), 
N. F. VIII.— Aromatic Ammonia Spirit is used as a menstruum. 
The resins present in guaiac are acidic in nature and form soluble 
and stable compounds with the alkaline ammonia. Average dose— 
2 cc. (approximately 30 minims). 

5. Avmonia Liniment (Linimentum Ammonife, Volatile Lini- 
ment, Hartshorn Liniment), N. F. VIII.— Oleic acid (10 cc.) is 
mixed with sesame oil (740 (!c.) and when diluted ammonia solution 
(250 cc.) is added ammonium oleate is formed. The soap thus 
formed acts as an emulsifying agent and by agitation a uniform 
mixture is obtained. There is some saponification of the sesame 
oil to glycerin and ammonium soaps but this is not complete. 

6. Anmmiiuni ]^alerate Elixir (Elixir Aminonii Valeratis, Ammo- 
nium Valeranate Elixir), N. F. VIIL— Acid ammonium valerate 
(35 Gm.) contains about 65 per cent valeric acid which is neutralized 
with diluted ammonia solution in preparing the elixir. Average 
dose- 4 (*c. (approximately 1 fluidrachm). 

7. Ammoniated Valerian Tincture (Tinctura Valerianai Ammo- 
niata), N. F. VHL— Valerian contains organic acids, chiefly valeric 
acid and resin. The presence of alkaline ammonia in the aromatic 
ammonia spirit used as a menstruum forms soluble and stable 
compounds with the acids and resin. It is used for its psychological 
effect. Average dose— 2 cc. (approximately 30 minims). 

8. Ammoniacal Silver Nitrate Solution (Liquor Argenti Nitratis 
Ammoniacalis; Ammoniacal Silver Nitrate, Howe), N. F. VIIL — 
Strong ammonia solution is added to a solution of silver nitrate 
until all except the last traces of the black precipitate that forms 
(19) has redissolved (20). 

(19) AgN03 + NH4OH -> AgOH i + NH4NO3 

(20) AgOH + 2NH4OII ^ Ag(NH3)20H + 2H2O 

This solution is unstable when exposed to light and air. It must 
be stored in small, well-filled, glass-stoppered, light-resistant con- 
tainers. Upon opening, the reversible reaction (20) takes place 
slowly. It is used primarily in dental practice. 
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9. Anisated Ammonia Spirit (Spiritus Ammonifie Anisatus, Liquor 
Ammoniee Anisatus), N. F. VIIL — This is a mixture of the three 
components, anethole, diluted ammonia solution and alcohol. Its 
use is similar to that of aromatic ammonia spirit. Average dose- 
1 cc. (approximately 16 minims). 

](). Bismvth Magma (Magma Bismuthi, Milk of Bismuth, Bis- 
muth Cream), N. F. VHI.— The diluted ammonia solution is used 
to convert the official ammonium carbonate to normal carbonate (21) 

(21) NILNILCO^.NIIJdCA + NH4OII -> 2(NIl4)2C()3 

Bismuth hydroxide is also j)recipitated by the presence of the 
ammonia solution (22) (see p. 648). 

(22) Bi(N(),)3 + :1NH4()11 -> Bi(OIJ)3 i + :iNIl4N(). 

11. Carmine Solution (Liquor Carmini), N. F. VIIL — Diluted 
ammonia solution is used to solubilize the (‘armine (perhaps by salt 
formation) and to produce a strong deep red solution. This 
solution is incompatible with liquids having an acid reaction since 
the carmine may be precipitated and the (‘olor destroyed. 

12. Iodides Tincture (Tinctura lodidorum), N. F. \TII.— This 
preparation is discussed under iodine (see p. 96). 

13. Solid Petroxolin (Fetroxolinum Spissum, Petrolatum Sapo- 
natum Spissum, Solid Petrox), N. F. VIIL— The strong ammonia 
solution (60 cc.) reacts with the oleic acid (320 Gm.) to form am- 
monium oleate (23). 

(23) ciuciizhcn = ch(cil)7CO()h + niloh 

CH3(CH2)7CII = CII(CIL,)7C0()NH4 + ILO 

Yellow wax is used to make a solid product. Balsam of peru is 
readily incorporated into solid petrox, producing no granulation 
which may occur with other bases due to the separation of resinous 
material. 

14. Senega Fluidextract (Fluidextractum Senega, Fluidextract of 
Seneca— snakeroot), N. F. VIIL— Due to the presence of pectic 
acids, before adjusting to the final volume of the fluidextract, 
cautiously add diluted ammonia solution until the product is alka- 
line to litmus paper and has a slight odor of ammonia. Average 
dose— 1 cc. (approximately 15 minims). 

15. Senega Syrup (Syrupus Senegse), N. F. VIIL— Senega fluid- 
extract contains pectic acids that are neutralized with diluted 
ammonia solution before the fluidextract is mixed with syrup. 
This prevents gelatinization of the finished preparation. Average 
dose— 4 cc. (approximately 1 fluidrachm). 

16. Solid Soap Liniment (Linimentum Saponis Spissum, Campho- 
rated Soap Liniment, Solid Opodeldoc), N. F. VIIL— Diluted am- 
monia solution is present for its counterirritant properties. The 
chemistry of this liniment is on page 172. 

17. Soda and Mint Solution (Liquor Sodae et Menthae, Mistura 
Sodae et Menthae, Soda Mint), N. F. VIIL— Ammonia is present 
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as ammonium carbonate, ammonium hydroxide and ammonia due 
to the aromatic ammonia spirit used. The preparation may be used 
as a mild gastric antacid. Average dose-8 cc. (approximately 
2 fluidrachms). 

18. Wcwhed Sulfur (Sulfur Lotum), N. F. VIII.— In the prepara- 
tion of washed sulfur, the sublimed sulfur is macerated for three 
days in diluted ammonia solution in order to remove any sulfuric 
acid and arsenic sulfide as ammonium sulfate, arsenite and sulfar- 
senite (24). (See p. 563.) 

(24) H2SO4 + AssS., + 8NH4OH (NH4),S04 + (NH4)3AsO. 

4“ (NIl4)3AsS3 4“ 5 H 2 O 

Uses of Ammonia.— Liquid ammonia is used for refrigeration and 
for the manufacture of artificial ice. When 1 Gin. of liquefied 
ammonia evaporates at —33.4° C., it absorbs 330 calories of heat. 
In order to freeze I Gm. of water at 0° C., 79 calories of heat must 
be removed. Therefore, the heat absorbed in the evaporation of 
1 Gm. of liquid ammonia, when taken from water is sufficient to 
convert about 4 Gm. of water at 0° C. into ice at the same tempera- 
ture. The practical application of these principles is in the manu- 
facture of “artificial” ice and for refrigeration purposes. 

Hoiu^ehold ammonia is a 10 per cent aqueous solution of NH3. 
It is used for cleaning and washing, both because of its water 
softening and saponifying properties. Large quantities of ammonia 
arc used in the production of fertilizers, nitric acid and ammonium 
salts. The decomposition of ammonia into a mixture of 75 per 
cent hydrogen and 25 per cent nitrogen by volume is now easily 
carried out by means of a catalyst. The hydrogen may be con- 
veniently used in oxyhydrogen torches. Liquid ammonia provides 
a convenient way in which to transport hydrogen— this because 
hydrogen is difficult to liquefy and therefore must be stored in a 
gaseous state in steel cylinders. 
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THE HALOGEN FAMILY. FLUORINE AND FLUORINE 
COMPOUNDS 

Introduction.— Berzelius suggested the word ''halogen,” which is 
derived from two Greek words, a\s (sea salt), and (to produce), 
and consequently means ''the producer of sea salt.” The term is 
applied to four elements— fluorine, chlorine, bromine and iodine, 
because the sodium salts of their respective hydro-acids are very 
similar to ordinary sea salt. These four elements and their com- 
pounds show a great resemblance to one another in general chemical 
properties. The physical properties of the elements exhibit a 
gradual transition. Thus, as the atomic weight increases, the 
physical state changes from that of a gas (F, 19; Cl, 35.457) to 
that of a liquid (Br, 79.916) and then to that of a solid (I, 126.92); 
the melting- and boiling-points rise; the colors deepen; the specific 
gravities increase; whereas the volatilities and solubilities of these 
elements decrease in the same order. 

All four halogens unite with hydrogen. The affinity toward this 
element decreases as the atomic weights increase. Thus, hydrogen 
and fluorine unite explosively at low temperatures and in the dark 
(heat of formation of 1 gram-molecular weight of HF at 18"^ [1 at- 
mosphere] = 63,991 calories), whereas hydrogen and iodine (solid) 
unite by a reversible reaction with the absorption of heat ( — 5926 
calories). (See Hydrogen Iodide.) The hydrides of the halogens 
are all colorless gases. 

The affinity of the halogens for oxygen increases as the atomic 
weight increases. Thus, iodine pentoxide is a well-defined crystal- 
line solid while chlorine monoxide, peroxide and heptoxide are very 
unstable even at ordinary temperatures. Oxides of fluorine and 
bromine are unknown. When treated with water, the oxides of the 
halogens yield acids, thereby indicating that the simple halogens 
are non-metals. 

In combination with hydrogen or the metals, the halogens are 
univalent and negative. When combined with oxygen or in the 
form of their oxygen salts, they have valences that are often greater 
than 1 and are positive. Of the halogens, fluorine exhibits the 
most marked tendency to become negative and the greatest antip- 
athy toward becoming positive, whereas iodine shows the greatest 
inclination to become positive and the least to become negative. 

A halogen of lower atomic weight will displace one of higher 
atomic weight from its binary hydrogen compounds or from the 
salts thereof (1). 

(1) 2HI + CI 2 2HC1 + I 2 or 21“ + CL -> U + 201- 
(78) 
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This shows that the force with which the respective halogens hold 
electrons diminishes from fluorine to iodine. 

On the other hand, a halogen of higher atomic weight will dis- 
place one of lower atomic weight from halogen oxyacids or their 
salts. Thus, iodine will liberate chlorine from potassium chlorate 
(2) or from perchloric acid. 

(2) 2KCIO3 + I2 2KTO3 + CI2 T 

Fluorine exhibits some peculiar differences from the other mem- 
bers of this family. For example, silver chloride, bromide and 
iodide are nearly insoluble in water, whereas silver fluoride is appre- 
ciably soluble. Sodium chloride, bromide and iodide are readily 
soluble in water, whereas sodium fluoride is much less soluble. 

FLUORINE' 2 

Symbol, F. Valence, 1. Atomic Weight, 19; Atomic Number, 9 

History. — In 1886, Moissan, a French chemist, succeeded in iso- 
lating fluorine by the electrolysis of anhydrous hydrofluoric acid 
in molten potassium hydrogen fluoride. In 1860, Gore succeeded 
in liberating small quantities of the gas by heating potassium fluo- 
plumbate (1). The addition of fluorspar, CaF2, to various miner- 
als for the purpose of facilitating their fusion was recorded by both 
Basil Valentine in the fifteenth century and by Agricola in the 
sixteenth century. The fact that fluorspar had been used for 
centuries as a flux was no doubt responsible for naming the element 
fluorine^ which is derived from the Latin flnoy “to flow.” 

(1) K^PbFe -> 2KF + PbFo + F2 T 

Occurrence.— The great activity of this element would preclude 
its occurrence as such in Nature. However, it is claimed that 
minute traces of free fluorine have been detected. In combination, 
its principal minerals are fluorite or fluorspar [CaF2], apatite or 
fluorapatite [CaF2. 3Ga3(P04)2], and cryolite [AlFs.SNaF]. The first 
two minerals are widely distributed while the latter is found in 
large deposits in Greenland and Iceland. The bones and enamel 
of teeth of mammals contain small amounts of calcium fluoride. 

Fluorine is the seventeenth most plentiful element in the earth’s 
crust which places it below chlorine but above bromine. 

Physical Properties.— Fluorine is a pale yellow gas having a char- 
acteristic odor resembling a mixture of ozone and chlorine. It may 
be condensed to a pale yellow liquid, boiling at —187° C. Solid 
fluorine melts at —223° C. 

Chemical Properties.— Fluorine is an intensely active substance, 
if not the most active element known. It combines directly with 

* Fluorine Chemistry, Cheni. Iiid., 69, 1006, (1946). 

* Chemical Uses Promising for Fluorine, Ind. and Kng. Chem., News Kd., 26, 43, 
(1947); see also J. Chem. Ed., 24, 314 (1947), 
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all of the elements excepting oxygen, nitrogen, chlorine, and the 
inert gases (helium family). All organic compounds are attacked 
by it. Hydrogen, sulfur and many other elements ignite sponta- 
neously in an atmosphere of fluorine. Ordinary illuminating gas 
is ignited by it, hence the use of a stream of illuminating gas to 
detect leaks in a fluorine apparatus. Most metals unite with it to 
form fluorides. Gold and pLatinum do not react with it below red 
heat. Fluorine abstracts hydrogen from its compounds. It decom- 
poses water to form hydrofluoric acid and ozone (2). 

(2) 3 F 2 + 3 H 2 O 6IIF + Os 

Commercial Manufacture.” The electrolytic generation of fluorine 
is possible under varying conditions of temperature and electrolyte 
composition. One commercially practical cell of the diaphragm 
type, draws approximately 1000 amperes. Ordinary carbon steel 
is used for the major parts, including the cell body, the hot water 
jacket, the HF feed line, the cathode, and the solid part of the 
diaphragm. The anodes are (‘arbon rods impregnated with copper 
and the diaphragm is a Monel screen. The electrolyte is fused 
KF.2HF to which has been added 1 to 1.5 per cent liiF. The 
cell operates at 95° to 115° C. with an anode current efficiency 
close to 95 per cent and an overall potential drop of 9 volts. These 
cells can operate continuously for more than a year and produce 
99 per (*ent fluoine after removal of 4 to 8 per cent IIF. 

Prior to 1942, only a few pounds per day of fluorine were pro- 
duced. During World War II the demand for fluorine incre^ased, 
so that b}^ 1945 production was measured in tons per day. 

Fluorine gas can be handled satisfactorily at ordinary tempera- 
tures and atmospheric pressure in piping, tubing, and other vessels 
constructed of copper, steel, nickel and Monel. 

Uses.— In the organic field, simple fluorine-containing com- 
pounds have been used for more than a decade as refrigerants, 
known as Freon. These are good solvents and dispersants for 
aerosol insecticides. Fluorocarbons, because of their extreme stabil- 
ity, are used as lubricants and inert solvents. Sulfur hexafluoride 
is finding its principal apjflication as a gaseous dieleetric' in high- 
voltage generators. 

Non-official Compounds of Fluorine 

Hydrogen Fluoride and Hydrofluoric Acid.— Scheele discovered 
what is possibly the mo.st important compound of fluorine, mz.^ 
hydrogen fluoride. In 1808, Gay-Lussac and Thenard prepared 
the anhydrous compound, which is a colorless, fuming liquid, boil- 
ing at 19.4° C. and freezing at —92.3° C. It is miscible in all pro- 
portions witli water and, like the other halogen acids, gives on 
distillation an acid having a constant boiling-point of 120° C. 
(760 mm.) and containing 35 per cent of hydrogen fluoride. Vapor 
density determinations indicate that hydrogen fluoride molecules 
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combine to form complex aggregates. Simons and Hildebrand 
believe that at ordinary temperatures hydrogen fluoride consists of 
a mixture of HF and HeFe in equilibrium, 6HF ^ HeFe. A rise in 
temperature causes the dissociation of HeFe into 6HF, while con- 
versely, a reduction in temperature effects an association of 6HF 
into HeFe. 

Hydrogen fluoride gas is poisonous and the liquid hydrogen fluo- 
ride or its solutions are very corrosive, producing slow-healing 
wounds when dropped on the skin. 

Hydrofluoric acid behaves very much like the other halogen 
acids, especially hydrochloric acid. Metals, e. g., lead and zinc, are 
not as readily attacked by hydrofluoric acid as they are by hydro- 
chloric acid. I nlike the halogen acids, hydrofluoric acid forms both 
normal and hydrogen salts, e. g.y potassium fluoride (KF) and 
potassium hydrogen fluoride (KHF 2 ). 

The most characteristic chemical property of hydrofluoric acid, 
viz.y its action upon silicon dioxide and silicates, was known as early 
as the seventeenth century. Hydrofluoric acid acts upon silicon 
dioxide (sand) to form gaseous silicon tetrafluoride (SiF 4 ) and 
water (3). 

(3) Si02 + 4HF ^ SiF4 + 2 H 2 O 

Glass, which is a mixture of silicates, is also attacked by hydrofluoric 
acid. The fluorides of the metals, silicon tetrafluoride and water 
are formed according to the representative equation (4). 

(4) CaSiO, + 6HF -> CaF 2 + SiF 4 + 3 H 2 O 

When glass is introduced into an atmosphere of moist hydrogen 
fluoride, it acquires a rough or ‘"frosted” surface. Glassware, e. g,y 
thermometers, volumetric flasks, etc., can be etched or marked with 
hydrofluoric acid. First the glass surface is covered with paraffin 
to localize the action of the acid and then the paraffin is removed 
with a stylus from such parts of the glass as are desired to be etched. 

Preparation.— Hydrogen fluoride is prepared by heating dry 
sodium hydrogen fluoride (5). 

(5) NaHF 2 NaF + HF 

Hydrofluoric Add.— Aqueous solutions of hydrogen fluoride can 
be prepared by distilling a mixture of powdered fluorspar (CaF 2 ) 
and concentrated sulfuric acid from either a lead or platinum retort 

(6), and absorbing the evolved hydrogen fluoride in distilled water 
contained in a lead, paraffin, rubber or bakelite flask. It should 
be stored in the aforementioned containers because of its action 
on glass. 

( 6 ) CaF 2 + H 2 SO 4 2HF + CaSO, 

Fluorides.— The normal salts of hydrofluoric acid are prepared in 
much the same manner as are the normal salts of the other hydro- 
halogen acids. As has previously been pointed out (p. 79), the 
6 



82 


THE HALOGEN FAMILY 


solubilities of the fluorides are markedly different from those of the 
salts of the other halogen acids. For example, silver fluoride is 
appreciably soluble, whereas silver chloride, bromide and iodide 
are nearly insoluble. Furthermore, sodium fluoride is much less 
soluble than sodium chloride, bromide and iodide. 

Sodium fluoride (NaF) is in the U. S. P. XIII as a reagent chemi- 
cal and potassium fluoride (KF. 2 H 2 O) is similarly listed in the 
N. F. VIII. 

Pharmacology of the Fluoride Ion.— The fluoride ion is notably 
toxic. It is thought that this property is occasioned by the formation 
of insoluble calcium fluoride. Sodium fluoride is a general proto- 
plasmic poison. It is also an excellent antiseptic, and as such has 
been used as a preservative and to prevent fermentation (beer, 0.01 
to 0.015 Gm. per liter). 

Fluorine in the form of sodium fluoride or sodium silicofluoride 
is used in aqueous solution (1 per cent) as a spray to moth-proof 
clothing. The spray is also efFe(‘tive against ants, roaches and 
other insects. In the form of a dusting powder (95 per cent NaF) 
it has long been used to combat chicken lice. Sodium fluoroacetate, 
commercially known as 1080, is being used as a very effective 
rodenticide. The administration of very small quantities of sodium 
fluoride results in the deposition of cahaum fluoride, in the })ones, 
which become unusually hard and brittle. 

Certain fluoride salts, notably calcium and sodium fluoride, have 
recently become of importance in dental ])ractice' for retarding or 
preventing dental caries. The fluoride may be applied in solution 
directly to the tooth enamel by means of a swab or dissolved in the 
drinking water. In drinking water sodium fluoride is used in con- 
centrations of 1 or 2 parts per million. Too much fluorine in the 
body leads to mottled or otherwise affected teeth. 

A commercial preparation, Enziflur l>ozenges, (*ontains calcium 
fluoride, and vitamins C and 1). The fluoride is thought to com- 
bine with calcium and phosphorus in the teeth to form fluorapa- 
tite (7). 

(7) CalA + 3Ca3(P()4)2 

1 J. Am. Dent. Assoe., 34, (1947); ibid., 34. 710 (1947); .1. A. M. A., 136, 1 12 

(1948); Drug and Cas Ind., 61, 011 (1947). 
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CHLORINE 

Symbol, Cl. V alence, 1. Atomic Weight, 35.457; Atomic 
Number, 17 

History.- This gaseous chemical element takes its name from 
(jreek, meaning “greenish yellow.’' Seheele discovered it 

in 1774 and called it “ dephlogistieated muriatic acid.”^ In 1785, 
C. L. Berthollet expressed his belief that it was a compound of 
oxygen and hydro(*hIoric acid and named it “oxygenized muriatic 
a(ad.” In 1810 1811, Sir II. Davy proved conclusively that it was 
an element and gave it the name chlorine. 

Occurrence, ( hlorine never occurs as such in Nature. In com- 
bination with the alkali metals it occurs widely distributed as rock 
salt (NaCl), as carnaUiie (K(d. MgCb. GILO), and as sylvite (native 
KCl) at Stassfurt. It is found in combination with the alkali 
metals in sea salt, in various spring waters, and in the tissues of 
plants and animals. Sea water contains about 2.07 per cent of 
combined chlorine. Wdeanie gases contain chlorine in the form of 
hydrochloric acid (7. v.). 

Physical Properties.— (dilorine is a greenish yellow gas, having a 
characteristic unpleasant, sutToeating odor and an astringent taste. 
The vapor density of chlorine is 2.4885 (air = 1). Its critical 
temperature is 144"^ (’. and its critical pressure 76 atmospheres. 
Its vapor pressure at 20® (\ is 4993 mm. of mercury or 6.62 at- 
mospheres. It can be liquefied at —34.6® C. under atmospheric 
pressure and at ordinary temi)eratures by compression. It solidifies 
and crystallizes at —102® ( \ Two hundred and fifteen cubic centi- 
meters of the gas dissolve in 100 ec. of water at 20® C. It is only 
slightly soluble in a concentrated solution of sodium chloride. 

Chemical Properties.— x\t ordinary temperatures, chlorine unites 
directly with many other elements. In direct sunlight, or in the 
actinic light of burning magnesium, it combines explosively with 
hydrogen. Powdered ar.senic, antimony, copper, and phosphorus 
ignite spontaneously in an atmosphere of chlorine to form the cor- 
responding chlorides (1 and 2). 

(1) 2Sb + 3CI2 -> 2SbCb 

( 2 ) 2 P + 3CI2 -> 2PCI3 
PCI3 + Cl> PCI5 

It does not combine directly with carbon, nitrogen, and oxygen. 
Many compounds containing hydrogen are readily decomposed by 
chlorine. For example, if a few drops of hot turpentine are placed 
upon a strip of paper and then immersed in an atmosphere of 

^ Stahl and others regarded the hypothetical principle of combustion as an element. 
Carbon and sulfur were thought to be nearly pure phlogiston. 
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chlorine, a violent reaction takes place with the formation of 
hydrochloric acid and carbon (3). 

(3) CioHie + 8CI2 16HC1 + IOC 

Furthermore, a lighted taper burns in chlorine with a very luminous 
flame. Therefore, it may be concluded that chlorine does not 
readily unite with carbon. 

A saturated solution of chlorine in distilled water (Chlorine Water) 
is listed among the Test Solutions of the U. S. P. XIII. A freshly 
prepared solution of chlorine in water was official as Aqua Chlori 
in U. S. Pharmacopoeia, 1890. It has a yellow color, which disap- 
pears on standing. This is caused by the action of chlorine upon 
water to form hydrochloric and hypoehlorous acids (4), both of 
which are colorless. 

(4) HoO + CI2 HCl + IICIO 

In a one-half saturated chlorine water at 10"^ C., 33 per cent of the 
chlorine is changed to hydrochloric and hypoehlorous acids. The 
equilibrium thus established is readily destroyed by the action of 
light on hypoehlorous acid forming hydrochloric acid and oxygen (5). 

(5) 2HC10 -> 2HC1 + O2 

(Consequently, in an effort to reestablish the equilibrium, more 
chlorine reacts with water according to equation (4). In the pres- 
ence of light these reactions continue until the colorless solution 
contains only a small quantity of dissolved chlorine. Freshly pre- 
pared chlorine water contains free chlorine, hydrochloric acid, and 
hypoehlorous acid. In order to retain as much chlorine per se in 
solution as possible, chlorine water should be kept in a dark place. 
As stated previously, chlorine has the property of displacing halo- 
gens of higher atomic weight from the hydrogen halides or their 
salts (6). 

(6) 2HX + CI2 2HC1 + X2 (X = Br or 1) 

and 

2MX + CI2 — > 2MC1 + X2 (M = any metal) 

When water at 0° C. is saturated with chlorine, a pale green com- 
pound, chlorine hydrate (Cb.SlIil^), crystallizes out. At higher 
temperatures this compound is readily decomposed into its constitu- 
ents. Chlorine hydrate is of historical interest because, in 1823, 
Faraday prepared the first liquid chlorine by placing this compound 
in one arm of a Tl-tube, sealing the open end and placing the empty 
limb in a freezing mixture. When the hydrate was warmed gently 
chlorine was driven off and liquefied by its own pressure in the 
empty part of the tube. 

Tests for Identity.'— 1. Free chlorine may be recognized by its 
characteristic odor. 

2. It liberates iodine from solutions of potassium iodide (6). 

3. Litmus, indigo, etc., are bleached by chlorine. 

4. Chlorine acts as a powerful oxidizing agent. 
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Commercial Manufacture.— Chlorine is made by the electrolysis of 
sodium chloride or potassium chloride. 

1. The Electrolytic Manufacture.^ —This method of preparation 
not only produces chlorine but also hydrogen and sodium hydroxide 
(potassium hydroxide if KCI replaces NaCl). Sodium chloride in 
aqueous solution will ionize into sodium ions, Na+, and chloride 
ions, CC. The wat('r will supply hydronium ions, and 

hydroxide ions, OIC . The passing of an electric current through 
such a solution causes the positively charged ions (Na+ and HiiO'*') 
to travel toward the (‘athode, whereas the negatively charged ions 
(Cl- and OII~) migrate toward the anode. Being a much more 
reactive element than hydrogen, sodium requires a higher voltage 
to accept an electron and thus convert the sodium ion to sodium 
atom.- The voltage may be regulated so that the hydronium ion 
does accept an electron and thus liberates hydrogen (7). 

(7) H 3 O+ + ]e->ir + n.,() 

H" + ir-^rcT 

The liberation of chlorine at the anode rather than OH“ ions 
liberating an electron takes place at the same time and in a similar 
manner (8). 

(8) Cl-^CP + l6 

cr + (d°-^ci2 

The chlorine is removed, dried and compressed in steel cylinders 
to a liquid. 

The aqueous solution remaining after electrolysis contains sodium 
hydroxide which is obtained by evaporating the solution t() dryness. 
This residue is purified and fused into sticks or pellets (see p. 190). 

Laboratory Preparation. — Place 5 Gm. of potassium permanganate 
crystals in a flask provided with a dropping funnel and with wash- 
ing and drying bottles. Twenty-five cubic centimeters of Hydro- 
chloric Acid, U. S. P., previously diluted with an equal quantity of 
water, is allowed to fall drop by drop from the dropping funnel 
upon the permanganate (9). 

(9) 2KM11O4 + IGHCl 8II2O + 2KC1 + 2MnC1.2 + 5Clo T 

Any hydrogen chloride carried over is condensed in about 50 cc. 
of water contained in the washing bottle and the chlorine is dried 
by passing it through concentrated sulfuric acid in a drying bottle. 
The chlorine is collected by upward displacement of the air in a 
suitable jar. 

^ Paper Trade J., 109 , 86 (1939). 

2 An alternative explanation is that the sodium ion migrates to the cathode and 
accepts an electron, thus becoming sodium metal (a) which, of course, cannot exist 
as such in an aqueous solution and, therefore, forms NaOH and H? (6). 

(a) Na"*" + le — > Na 

(b) 2Na + 2 H 2 O 2NaOH"+ 

The formation of chlorine is the simple giving up of an electron to the anode (8). 
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Chlorine may also be prepared by heating 25 cc. of U. S. P 
Hydrochloric Acid previously diluted with 25 cc. of water, with 
10 Gm. of manganese dioxide. The evolved gas is washed and 
dried in the same manner as described above. 

If chlorine water is desired, the drying bottle containing the con- 
centrated sulfuric acid may be omitted and the washed gas passed 
directly into 400 cc. of distilled water kept at a temperature not 
above 10” C. until a saturated solution is obtained. 

Pharmacological Action of Chloride Ion. —The chloride ion (Cl ) 
has practically no pharmacological action. Chloride ions, together 
with sodium ions, are necessary for the osmotic; function which they 
perform. The extracellular fluid of the body contains about 0.1 7 per 
cent of dissociated sodium chloride. This concentration is main- 
tained through tlie agency of the skin and urine, whicJi either give 
off or retain sodium chloride, depending upon the increase or 
decrease of its intake. 

Acidosis may be caused by an excess of the chloride ion in the 
body. (See Ammonium Chloride, p. 272.) (Chlorine as such is 
rarely employed in medicine but has been recently used when 
greatly diluted with air as an inhalant in treating infections of the 
sinuses and bronchi. Preparations which liberate free chlorine are 
widely used as germicides and deodorizing agents. 

Pharmaceutical Preparations and Uses.- 1. Chlorine Test Solution 
(Chlorine Water), V. S. P. XIII. -This is a saturated solution of 
chlorine in distilled water (see p. 84). Chlorine in solution is 
very irritating and caustic. 

2. Sodium Hypochlorite Solution (Litpior Sodii Hypochloritis), 
U. S. P. XIII.-(See p. 194.) 

3. Diluted Sodium Hypochlorite Solution (Liquor Sodii Ilypo- 
chloritis Dilutus, Liquor Sodic Chlorinatie Chirurgicalis, Surgical 
Solution of Chlorinated Soda, Modified Dakin’s Solution), N. F. 
VIIL — (See p. 194.) 

4. Hyclorite, N. N. R., is a solution of chlorinated soda, each 
100 Gm. of which contains sodium hypochlorite 4.05 Gm., sodium 
chloride 2.5 Gm., calcium hydroxide 0.14 Gm., and 0.05 Gm. of 
inert salts. It (contains not less than 3.85 per cent of available 
chlorine. One volume of Hyclorite diluted with 7 volumes of water 
has the same available chlorine content as “diluted sodium hypo- 
chlorite” solution and is isotonic. The degree of alkalinity is 
less than the oflBcial hypochlorite solution and has more available 
chlorine. They are both used similarly in medical practice. (See 
N. N. R., 1947, pp. 85, 568.) 

5. Bleaching Powder (Chlorinated Lime) was recognized by the 
U. S. P. XI under the Reagent Standards. (See p. 338.) 

6. Chlorinated Paraffin (Paraffinum Chlorinatum, Chlorcosane), 
N F. VIII.— Chlorinated Paraffin is a light yellow to light amber, 
clear, thick, oily liquid. It is odorless, and is stable in air. It is 
made by treating liquid paraffin with chlorine. It is used as a sol- 
vent for dichloramine-T. Its chlorine is not active, hence chlori- 
nated paraffin is not antiseptic. 
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7. Chloramine- r (Cliloramina-T, Chloramine), N. F. VIII. — 
This white or faintly yellow, crystalline organic compound of 
chlorine contains the equivalent of not less than 11.5 per cent and 
not more than 13 per cent of active chlorine (Cl). Active chlorin(‘ 
is often referred to as ‘'available chlorine” and is that chlorine 
which is liberated from a substance when treated with an acid. 

( "hlorarnine-T has a slight odor of chlorine, is affected by light, 
and slowly loses chlorine upon exposure to air. One Gm. is soluble 
in 7 cc. of water at 25° C. and in about 2 cc. of boiling water. It 
is insoluble in ether and in chloroform. Alcoholic solutions decom- 
pose on standing. 

It is less irritating than NaOCl, dissolves necrotic tissue onl\ 
slightly, and therefore is usually used in 1 to 2 per cent aqueous 
solution to prevent reinfection of wounds. Its effectiveness is 
obviously due to the slow liberation of chlorine. 

8. Chloroazodin (Chloroazodinuin, Azochloramid), LI. S. P. XIII. 
— This c?orii])ound contains the ecjuivaleiit of not less than 37.5 per 
cent and not more than 39.5 per cent of active chlorine (Cl). It 
occurs as bright yellow needles or flakes, has a faint odor suggestive 
of chlorine, and a slightly burning taste. Glycerin and alcohol 
solutions decompose rapidly on warming and all solutions decompose 
on exposure to light. It is very slightly soluble in water and in 
chloroform, sparingly soluble in alcohol and slightly soluble in glyc- 
erin and in triacetin. Chloroazodin explodes when heated to 1 55° C. 
and decomposition is accelerated by contact with metals. 

9. Chloroazodin Solution (Liquor (‘hloroazodini), LI. S. P. XIII.— 
This compoimd contains not less than 0.24 Gm. and not more than 
0.28 Gm. of CJI4CI2NG. Glyceryl triacetate is used as the solvent. 
This is considered superior to solution of Dichlorainine-T or Dakin’s 
Solution because of the slow and steady way in which its chlorine 
is liberated. It has gained great popularity in England. The solu- 
tion should be preserved in tight, light-resistant containers and 
it should not be permitted to come in contact with metals. 

10. Siwcincddorwiide (Succinchlorimidum), N. F. VIII. —The 
chlorinated imidc of succinic acid occairs as a white, crystalline 
powder with the odor and taste of chlorine. Succinchlorimide 
contains not less than 25 per cent and not more than 27 per cent 
of active chlorine. One gram is soluble in 70 c(^ of distilled water 
and the solution is acid to litmus. It is sparingly soluble in chloro- 
form and carbon tetrachloride. 

It is used principally for disinfecting water. A concentration of 
about 1:100,000 is effective against Eberthella typhi, Salmonella 
l)araty])hi, and other infectious bacteria. 

Succinchlorimide Tablets, N. F. VIII, are available for use. 

11. Halazone, N. N. R., is p-sulfonedichloramido benzoic acid. 
It occurs as a white powder having a strong odor of chlorine, 
llalazone should contain not more than 26.26 per cent and not less 
than 24 per cent of active chlorine. It is stable in solid form and 
is slightly soluble in water and in chloroform. The acid group 
present allows salt formation with alkalies. When used with 
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alkali carbonates, borates or phosphates, halazone in concentrations 
of 1 in 200,000 to 1 in 500,000 will sterilize water. It is effective 
against the same organisms as succinchlorimide. 

Other Uses. —Since the early part of the century chlorine has been 
used to purify the drinking water of our cities. Long before this, 
however, chlorine was known to prevent putrefaction and remove 
the odor of decay. The most important use of chlorine today is 
in water purification.^ Water is treated with an excess of gaseous 
chlorine and then carbon is added which adsorbs certain objection- 
able impurities and reduces the chlorine concentration to 0.2 part 
per 1,000,000. The water-carbon mixture is then filtered. Some 
chlorine is allowed to remain in the water to protect it while moving 
through the mains. Chlorinated water is often unpalatable due to 
chlorine compounds formed from the impurities. Phenolic com- 
pounds, for example, will be converted to chlorphenols which have 
a characteristic unpleasant taste and odor. Algje growth in water 
presents a similar difficulty. 

Recently, chlorine dioxide (C102)^ has been used to purify drink- 
ing water and besides having two and a half times the oxidizing 
power of chlorine does not chlorinate contaminating compounds 
(10, 11), but oxidizes them to odorless and tasteless products. 

(10) CIO 2 + 2iH2 IICl + 2H2() 

(11) CI 2 + Il2->2HC1 

Chlorine dioxide is a good bactericide, but it is not economical to 
use it for sterilizing drinking water. Therefore, to purify drinking 
water, chlorine is first added to disinfect it and then (chlorine dioxide 
to destroy unpleasant tastes and odors. 

Chlorine dioxide is also the best compound for bleaching flour, 
fats, oil, paper, textiles, etc. Its action is instantaneous and does 
not weaken the fiber of materials. 


J. Chem. Ed., 22, 2S3, (1945). 
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RROMINE 

Symbol, Hr. Valence, 1. Atomic Weight, 79.916; 

Atomic Number, 35 

History.— In 1826, A. J. Balard isolated this element from the 
concentrated mother liquor of the salines of Montpellier. He 
named it bromine (Greek, /3pajjuos, a stench) because of its pungent, 
unpleasant smell. Prior to its discovery. Joss had confused it with 
selenium and Liebig thought that it was chlorine. Balard’s investi- 
gations established the elemental character of the substance and 
demonstrated that its chemical properties were very similar to those 
of chlorine and iodine. 

Occurrence. — Bromine does not occur in Nature in the uncom- 
bined condition, but is always united with various metals. The 
mineral bromyrite (AgBr) is naturally occurring. Sodium, potas- 
sium, calcium and magnesium bromides are found in mineral 
waters (kissingen, kreuznach, etc.), in river and sea water, and 
occasionally in marine plants and animals. Its principal commer- 
cial sources are: (a) Sea water (0.007 per cent MgBr^); (6) Dead 
Sea (9 per cent MgBr^); (c) the carnallite deposits at Stassfurt in 
Prussian Saxony, where, after the extraction of the potassium chlo- 
ride from the impure mineral, the mother liquor is found to contain 
appreciable quantities of magnesium and sodium bromides; and 
(d) the brines of Michigan, Ohio, Pennsylvania, Kentucky, and 
West Virginia. These brines contain about 25 per cent solids and 
1300 parts per 1 ,000,000 of bromine. In the form of bromides, it is 
also found in small quantities in the mother liquors from kelp and 
Chile saltpeter. 

Physical Properties.- At ordinary temperatures, bromine is a 
dark reddish-brown mobile liquid, which in any quantity appears 
almost black. It has a density of 3.19, and boils at 58.78"^ C., 
forming a deep red, poisonous vapor which is very irritating 
to the respiratory organs. At ordinary temperatures, it has 
a high vapor pressure (150 mm. at 18° C.) and hence evaporates 
very quickly. When cooled to — 21 ° C., it forms red, needle-shaped 
crystals (melting-point, -7.3° C.). One Gm. of bromine dissolves 
in about 30 cc. of water at 20° C., and is freely soluble in alcohol, 
ether, chloroform and carbon disulfide. Alcohol and ether are 
gradually decomposed by bromine, forming bromine substitution 
products. 

Chemical Properties.— In general, the chemical properties of bro- 
mine are intermediate between those of chlorine and iodine {q. v.). 
It does not combine directly with oxygen, nitrogen, or carbon, 
and will unite with hydrogen only in the presence of a catalyst or 

(89) 
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at fairly high temperatures (heat of formation of IIBr = 8(iOU cal- 
ories). Bromine unites directly with the non-metals (phosphorus, 
arsenic, etc.) and also with most of the metals. When a metal is 
heated and held in bromine vapor, it bursts into flame. In the 
presence of sunlight, hydrobromic and hypobromous acids are 
formed in aqueous solutions of bromine (1). Ihe hypobromous 
acid is further decomposed into hydrobromic acid and free 
oxygen (2). 

(1) Brs + H,0 ^ HBr + HBrO 

(2) 2HBrO -> 2HBr -f- 

Tests for Identity. — 1. Bromine may be i-ecogniz(‘fl by its charac- 
teristic, unpleasant odor. 

2. It destroys organic matter and bleaches litmus, indigo and 
other coloring materials. 

3. It imparts a yellow color to starch test solution. 

4. When an aqueous solution of bromine is shaken with carbon 
disulfide, the latter acquires a reddish yellow color. 

Commercial Manufacture.— The methods of bromine preparation 
depend upon the oxidation of the bromide ion to elemental bromine. 

1. Recovery From Sea Water.^—Sea, water contains 3.5 per cent 
total solids and G5 to 70 parts per 1,000,000 of bromine. The 
total solids and 65 to 70 per cent per 1,000,000 of bromine. The 
sea water is a(‘idulated with sulfuric acid (0.27 pound of 96 per 
(*ent H2SC)4 per ton of sea water) to a pi I of about 3.5. This is 
necessary because if the sea water is just brought to neutrality and 
then chlorine added, the following reaction will take place (3) : 

(3) 3Br2 + 6II2O ?:± 5HBr + HBrO., + 3H2O 

The excess sulfuric acid causes the reaction to remain completely 
on the left-hand side due to the hydrogen ions released from the 
sulfuric acid. Chlorine is passed through the acidulated sea water 
to oxidize the bromide to free bromine (4). 

(4) 2Br- + CI2 2C1- -f Br2 T 

The bromine thus generated is blown out of the solution and ab- 
sorbed by a sodium carbonate solution to concentrate the bromine 
as sodium bromide and bromate in a small volume (5). 

(5) 3Br2 + 3Na2C03 5NaBr + NaBrOg + 3CO2 1 

The solution of bromide and bromate so obtained is treated with 
sulfuric acid (6, 7 and 8). The bromine vapors are then steamed 
out of the acidified solution and are condensed to pure liquid 
bromine. 

(6) 2NaBr H2SO4 2HBr + Na>S04 

(7) 2NaBr0.3 -f- H2SO4 2HBr03 + Na2S04 

(8) 5HBr + HBr03 3H2O + 3Br2 


» Ind. Eng;. Chem., 21 , 434 (1929); 26 , 361 (1934). 
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2. Recovery From the Dead Sea and From Natural Bromide-contain- 
ing —The procedure is the same as that used for sea water 
except acidification with sulfuric acid is unnecessary. 

3. Flecfrolys'is.- Bromine may be obtained by the electrolysis of 
bitterns. These aqueous solutions of various bromides and chlorides 
yield upon elec^trolysis free bromine until all of the bromides have 
been decomposed. During the operation, chlorine is also liberated 
from the chlorides present, but it immediately displaces the bromine 
from its salts and becomes fixed. The current is stopped as soon as 
chlorine begins to come oft‘. 

Pharmacological Action of the Bromide Ion. d'he fact that psychic 
functions and the reflexes are depressed by inorganic bromides, 
whereas in general organic bromine compounds and bromates do 
not act in this manner, has led to the conclusion that these effects are 
due to the bromide ion. According to Frey, the bromide ion is 
distril)uted similarly in the body to the chloride ion {q. v.) and 
which it partially displaces in the blood, gastric juice, etc. The 
administration of fairly large doses of bromides tends toward the 
production of mental calm and the elimination of worry, which 
action, if not resisted, is conducive to rest and sleep. Bromides 
arc in no sense anodynes or hypnotics. The long-continued use of 
bromides may produce psychic weakness, poor memory, apathy, 
sexual inipoteiicy, and malnutrition. Bromide rashes (bromism) 
are not uncommon, especially in cases of prolonged administration 
of large doses. Bromides have been replaced largely by pheno- 
barbital and sodium diphenyl hydantoinate (Dilantin) in the treat- 
ment of epilepsy. Bromides are eliminated chiefly by the urine. 

Uses.— Bromine is used in making bromides for medicinal pur- 
poses, in analytical chemistry, in photography, and in the prepara- 
tion of organic dyes. It is a very irritant poison and a powerful 
escharotic and is, therefore, rarely used in medicine. Irritation of 
the respiratory tract caused by bromine may be relieved by inhala- 
tions of alcohol vapor. 

Bromine Water is included in the list of Test Solutions given in 
the IT. S. r. XIII. It is a saturated solution of bromine prepared 
by agitating from 2 to 3 (*(*. of bromine with 100 cc. of cold distilled 
water in a glass-stop} >e red bottle, the stopper of which should be 
lubricated with petrolatum. It is to be preserved in a cool place, 
protected from light. 

Bromine is listed among the Reagent Standards of the U. S. P. 
XIII. Standards for its quality, L e., specific gravity, limits for 
non-volatile matter, organic bromine compounds, iodine, and sulfur 
compounds are specified and appropriate tests given. 
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IODINE 

lodwe, V, S. P. XIII 

Symbol, I. Valence, 1. Atomic Weight, 126.92; 

Atomic Number, 53 

History.— The name of this solid halogen element was derived 
from the Greek, tcoSr^s (violet colored), in allusion to the color of its 
vapor. While investigating the products obtained from the mother 
liquor prepared by lixiviating kelp or the ashes of seaweeds, B. 
Courtois, a soap boiler of Paris, discovered iodine in 1812. Three 
years later L. J. Gay-Lussac studied its properties and showed it 
to be an element. It was first introduced into medicine in 1819 by 
Coindet. 

Occurrence. — Iodine does not occur as such in Nature, but is found 
widely but sparingly distributed in the form of iodides and iodates, 
chiefly of potassium and sodium. Small quantities are also found 
in some minerals in combination with silver, lead, mercury and 
other metals. Sea water, seafoods, seaweed and sponges contain 
small quantities of iodides. The ashes obtained by burning sea- 
weeds are known in Scotland as kelp; in Norway as varec; and in 
Spain as barilla. They often contain as much as 2 per cent of 
iodine as iodides, etc. Iodine also occurs in the thyroid glands of 
animals in organic combination as a part of thyroxin. Chile salt- 
peter (impure sodium nitrate) contains approximately 0.2 per cent 
of a mixture of sodium iodide and sodium iodate. 

Physical Properties.— Iodine occurs in the form of a grayish black 
solid, having a metallic luster and a characteristic penetrating odor. 
It crystallizes in large rhombic plates or granules. At ordinary 
temperatures it volatilizes slowly and when heated to 114° C., it 
melts, giving off violet colored vapors. The liquid boils at 183° C. 
It has a density of 4.93. One Gm. of iodine is soluble in about 
2950 cc. of water, in 13 cc. of alcohol, in about 80 cc. of glycerin, 
and in about 4 cc. of carbon disulfide. Solutions of iodides, e, g., 
potassium iodide, dissolve large quantities of iodine because of 
the formation of definite compounds (1). 

(1) KI + I2 ^ KI3 

Iodine gives brown solutions with all solvents, except carbon 
disulfide, carbon tetrachloride and chloroform (violet). It is thought 
that the brown color of solutions of iodine in certain solvents is due 
to the products of a weak combination of iodine with these solvents, 
and that the violet-colored solutions represent iodine in solution 
in an uncombined form. 

( 92 ) 



COMMERCIAL MANUFACTURE 


93 


Chemical Properties. — The chemical properties of iodine closely 
resemble those of chlorine and bromine. As a rule, its affinity for 
other elements, however, is less than that of either. The molecular 
weight of iodine (by vapor density method from 184° to 700° C.) 
is 253.8; hence its molecular formula, I2. At 1700° C. the dissocia- 
tion of the diatomic iodine molecule into monatomic molecules is 
complete and its molecular weight is equal to its atomic weight (2). 

(2) I2 ^ I + I ~ 28,500 calorics 

In aqueous solutions, k:dine acts as an oxidizing agent. Iodine, 
even when heated, unites very slowly with hydrogen, the presence 
of a catalyst (platinum black) being necessary to effect the combi- 
nation. It combines directly with some non-metals and with the 
majority of the metals. For example, yellow phosphorus melts and 
then inflames when mixed with iodine (3); antimony burns in iodine 

(3) 2P + 3I2 2IT3 

vapor; and mercury when heated combines rapidly with it (4). 

(4) Hg + I2 - IIgl2 

Iodine is displaced from combination with hydrogen and the metals 
by both chlorine and bromine (5). 

(5) 2NaI -f CI2 2NaCl + I2 

The action takes place either in the dry form or in solution. 

Official Tests for Identity.— 1. Iodine can be readily detected by the 
blue color it immediately gives with starch test solution. The color 
vanishes when the mixture is boiled, but reappears on cooling, 
provided the boiling has not been too prolonged. 

2. The color of its solutions in the various solvents {q, v.). 

3. Iodine is readily reduced by many reducing agents, especially 
sodium thiosulfate (6), complete reduction becoming evident by 
the loss of the characteristic iodine color. 

(0) 2Na2S203 + h -> Na2S406 + 2NaI 

4. When iodine is added to solutions of the alkali metal liydroxides 
it undergoes a characteristic reaction (7). 

(7) 3I2 + 6NaOn 5NaI + NalOa + 3H2O 

Commercial Manufacture. — Iodine is obtained from (1) iodides in 
oil-well brines, (2) iodides present in the ashes of burned seaweed, 
or (3) iodates in crude Chile saltpeter (caliche). 

1. Recovery From lodule.s in Oil-well -2-— Iodide is present 

to the extent of about 0.05 Gm. per liter. The details of the process 
are not well known but from the patent the iodide ion is oxidized 
to free iodine. The iodine is then adsorbed on activated carbon or 
charcoal. The cathode of an electrolytic cell is then made from 

1 U. S. Patent 1,944,42,‘i; 2,009, 9.50. 

2 Ind. Eng. Chem., 26 , 376. 



94 


IODINE 


this iodine-carbon product and by electrolysis iodine is collected 

at the anode. . 

2. (a) The Action of Manganese Dioxide arid Sulfuric Acid on 
Iodides. —The sources of iodides are (1) brine wells and (2) burned 
seaweed producing an ash known as kelp, varec or barilla. 

The kelp obtained is lixiviated with water to extract the soluble 
salts. When the liquid is concentrated, the less soluble salts (chiefly 
alkali chlorides, carbonates and sulfates) crystallize out and are 
removed. Siilfuri(‘ acid is added to the liquid to decompose any 



Fig. 8. — Iodine resuldimation, (Picture taken at Merck <fe Co., Inc., by Barretl 
Gallagher and reprinted from Fortune Magazine by special permission of the editors.) 


alkaline sulfides and sulfites present. The sulfuric acid also con- 
verts the iodides and bromides into sulfates, and hydrogen iodide 
and hydrogen bromide are produced and go into solution. Then 
the liquid is run into the iodine still, warmed, and manganese 
dioxide is added from time to time (8). The liberated iodine 
volatilizes and is condensed in suitable receivers. 

(8) 2141 -f- IVTnOs A~ H2^04 — > ]VTnS04 ”i~ 214*20 A~ I 2 

The iodine thus obtained is purified by mixing it with a small 
quantity of potassium iodide and subliming. In this way, traces 
of bromine and chlorine are removed. (See Eq. 1, p. 78.) 

(b) The Action of Chlorine on Iodides.— A solution containing 
iodides may be treated with chlorine in a manner similar to that 
used for obtaining bromine from bromides (see p. 90). When 
conditions are controlled the following reaction takes place (9). 

(9) 21”' “h CI 2 — ^ 2C1“' + I 2 
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3. I he Rednctiori of Sodium lodate. — Iodine is obtained in large 
quantities from the mother liquors of Chile saltpeter, in which it 
occurs as sodium iodate. When the liquor is mixed in large vats 
with a calculated amount of sodium bisulfite, iodine is precipitated 
(10). 

(10) 2NaIOa + 5NaHS()3 3NaHS04 + 2Na,S04 + II2O + L> 

Very often the iodine is liberated by the addition of both sodium 
hydrogen sulfite and normal sodium sulfite (11). 

(11) 2NaI()3 + 2NaHS03 + 3Na,S03 -> 5Na2S()4 + I. + IW 

The precipitate is washed and sublimed from iron retorts. (See 

FiK; 8-) . . 

Sometimes the liquors are treated with a sufficient quantity of 
sodium bisulfite to change the sodium iodate to sodium iodide (12). 

(12) NalOa + 3NalIS()3 -> 3 NaTIS 04 + Nal 

When the solution of sodium iodide is treated with (npric and ferrous 
sulfates, the iodine is precipitated as cuprous iodide (13). 

(13) 2Nal + 2ChiS()i + 2FeS()4 - > Cuol. + Na.,S()4 + IMSO,), 

The precipitat(‘d cuprous iodide is mixed with manganese dioxidt* 
and sulfuric acid and lu'ated. Iodine is liberated and its vapors 
condensed in a suitable a])})aratus (14j. (Sec Method 2.) 

(14) Cu.>l.> + 2Mn().> + 41kS()4 -> 2CuS()4 + 2MnS04 + I2 + 

41120 

Pharmacological Action of the Iodide Ion. Iodine when adminis- 
tered internally will be converted to iodide ion regardless of the 
form of medication. In protein or fat combinations the conversion 
to iodide is retarded. The iodide ion is similar to chloride and 
bromide ions in that after absorption it is distributed evenly in 
the extracellular fluid. The concentration in the saliva or serum 
is an index to the concentration in all other extracellular fluids. 
No pharmacological response is noticeable upon the introduction 
of iodides since the ion docs not affect the central nervous system 
or the circulation. 

Its therapeutic use is based on the iodide ion’s ability to destroy 
tissue (histolytic effect) and on its beneficial effect on inflammatory 
lesions. In tertiary syphilis it has quite a specific action but its 
use is contraindicated in tuberculous conditions. 

Because iodides are stimulating to mucous membrane and are 
excreted by the bronchial glands, they are useful as expectorants. 
(See Hydriodic Acid, p. 108.) The loospiing of the congestion in 
sinus disorders is also a result of this action on mucous membrane. 
(See also p. 199.) 

Since iodine is necessary in thyroxin formation, some is required 
in the diet for proper functioning of the thyroid gland. 
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Pharmaceutical Preparations and Uses. — 1. Iodine (lodum), U. S. 
P. XIII, should contain not less than 99.8 per cent of I. Iodine 
has been used in medicine for over one hundred years mainly as 
a counterirritant and disinfectant. Elemental iodine can only 
exert its characteristic action when used externally. Regardless of 
whether iodine is administered internally as iodine, a salt of hydri- 
odic acid, or organically combined, it is converted primarily to the 
iodide ion in the body. The iodide ion is not a disinfectant nor a 
counterirritant, but possesses therapeutically useful characteristics. 
(See Hydriodic Acid, p. 108, and Sodium Iodide, p. 199.) 

2. Strong Iodine Solution (Liquor lodi Fortis, Compound Iodine 
Solution, Lugol’s Solution), U. S. P. XIII.— This solution should 
contain in 100 cc. not less than 4.5 Gm. and not more than 5.5 Gm. 
of iodine, and not less than 9.5 Gm. and not more than 10.5 Gm. of 
potassium iodide. The iodine and potassium iodide are dissolved 
in 10 cc. of distilled water and then sufficient distilled water added 
to make 100 cc. The purpose of the potassium iodide is to solubil- 
ize the iodine (see p. 92). Since the elemental iodine upon internal 
administration is promptly converted to the iodide ion, the thera- 
peutic use of LugoFs Solution is that of the iodides. (See Sodium 
Iodide, p. 199.) Average dose— 0.3 cc. (approximately 5 minims). 

3. Iodine Tincture (Tinctura lodi. Mild Tincture of Iodine), 
U. S. P. 1^111.— Note. — The strength of Iodine Tincture has been 
reduced from 7 Gm. of iodine in each 100 cc. (U. S. P. XII) to 2 Gm. 
of iodine in each 100 cc. 

This tincture contains, in each 100 cc., not less than 1.8 Gm. 
and not more than 2.2 Gm. of I and not less than 2.1 Gm. and 
not more than 2.6 Gm. of Nal. The iodine and sodium iodide are 
dissolved in a sufficient quantity of diluted alcohol to make the 
required amount. Sodium iodide^ is used in preference to potas- 
sium iodide because it is believed to react more favorably upon 
tissue cells. The diluted alcohol is not only a satisfactory solvent 
but also has the additional advantage of being only slightly irri- 
tating w'hen applied to wounds. Furthermore, it will not freeze 
in cold weather. 

4. Iodized Oil (Oleum lodatum), U. S. P. XIII.— This is an iodine 
addition product of vegetable oils, containing not less than 38 per 
cent and not more than 42 per cent of organically combined iodine 
(I). The conversion of the organically combined iodine into the 
iodide ion takes place slowly within the body. Therapeutically, 
therefore, it acts as an iodide (p. 95). 

5. Iodides Tincture (Tinctura lodidorum), N. F. Ylll.—Note: 
Iodides Tincture may he dispensed when Decolorized Iodine Tincture 
is ordered. 

This preparation does not contain any iodine as such, but merely 
the iodides of ammonium and potassium. The iodine (50 Gm.) and 
alcohol are added to an aqueous solution of potassium iodide 


' Am. Prof. Pharm., 13, 51. (1947). 
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(25 Gm.) and the mixture agitated frequently until the iodine is 
dissolved. Strong ammonia solution (100 cc.) is added and the 
mixture set aside until it becomes colorless. The reaction is quite 
complicated and a variety of products are formed. The following 
is thought to be the main reaction (15). 

(15) 3I2 + ONH/)!! -> 5NH4I + NH4IO, + 31120 

Sufficient alcohol is then added to make 1000 cc. and the product 
filtered. The preparation was intended as a stainless and colorless 
external iodine antiseptic. It is a worthless product being no more 
antiseptic than the water and alcohol which it contains. 

6. Iodine Awpvls (Ampulke lodi, Iodine Swabs), N. F. VIII.— 
They contain, in each 100 cc., not less than 1.8 Gm. and not more 
than 2.2 Gm. of I and not less than 2.1 Gm. and not more than 
2.6 Gm. of Nal. Each ampul must yield not less than 90 per cent 
and not more than 110 per cent of the labeled amount of I. The 
iodine solution in the ampuls is the same as Iodine Tincture, 
U. S. r. XIII, and has the same use. 

7. Iodine and Zinc Iodide Glycerite (Glyceritum lodi et Zinci lo- 
didi, Diluted Talbot’s Solution), N. F. VIIL— The iodine (100 Gm.) 
is added to a solution of zinc iodide (80 Gm.) in distilled water 
and the liquid agitated until solution is effected. Then 550 cc. of 
glycerin, and a sufficient quantity of distilled water, is added to 
make 1000 cc. Zinc iodide provides the iodide ion necessary for 
solubilizing the free iodine and also provides the astringent proper- 
ties for which the preparation is used. The free iodine present 
makes it an active germicide. 

8. Iodine Oiniment (Unguentum lodi), N. F. \ 111. — Caution: 
During its manufacture and storage this ointment must not come in 
contact with metallic utenmls or containers. Iodine Ointment con- 
tains not less than 6.5 per cent and not more than 7.5 per cent of 
total iodine (I). Iodine (40 Gm.) and potassium iodide (40 Gm.) 
are triturated with glycerin (120 Gm.) until dissolved. The 
mixture is incorporated with 800 Gm. of Yellow Ointment (U. S. P. 
XIII) which is a mixture of yellow wax, wool fat and petrolatum. 
The ointment possesses good antiseptic properties but is only mqd- 
erate in counterirritant action. Any absorption of iodine through 
the skin is very questionable and therefore the use of the ointment 
with the expectation of systemic iodide effects is unwiiiranted. 

9. Stainless Iodized Ointment (Unguentum lodatum Denigres- 
(‘ens), N. F. YIII.— Iodine (50 Gm.) is dissolved in oleic acid 
(200 Gm.) with the aid of heat (about 65° C.) (16). 

(16) CUs(Clh)iCll = ClliClhhCOOIl + I2 

I I 

CH3(CH2)7C-C-(CH2)7C00H 
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Paraffin (50 Gm.) is added and the heating continued until the 
reaction is completed (iodine is absorbed or organically combined), 
as shown by the absence of the reddish color. Petrolatum (700 Gm.) 
is added and, when liquefied, the product is removed from the heat 
and stirred frequently until it congeals. The N. F. \ HI notes that 
this ointment improves upon standing for a week or ten days. 
This is because the chemical reaction between the oleic acid and 
iodine is more nearly complete. This ointment contains no free 
iodine (note Iodides Tincture) and thus is void of any antiseptic 
property. The iodine in organic combination is not absorbed through 
the skin so no systemic value is possible. Stainless Iodized Ointment 
has little therapeutic value. 

10. Iodine Solution (Liquor lodi), N. F. VIII.— This solution 
contains, in each 100 cc., not less than 1.8 Gm. and not more than 
2.2 Gm. of iodine (I), and not less than 2.1 Gm. and not more than 
2.G Gm. of Nal. It is prepared by dissolving the iodine (20 Gm.) 
and sodium iodide (24 Gm.) in 50 cc. of distilled water and then 
making up to 1000 cc. with distilled water. Iodine Solution is a 
very efficient antiseptic and may be diluted with an equal volume 
of water without lowering its germicidal properties to any appreci- 
able extent. It has the advantage over Iodine Tincture, II. S. P. 
XIII, of being less irritating but because no alcohol is present, it 
dries more slowly. The fact that it freezes in cold weather has 
prevented it from being widely used. Weak solutions of iodine 
such as these have been found to be effective antiseptics without 
having the destructive action upon healthy tissue that results when 
more concentrated solutions arc employed. 

11. Phenolated Iodine Solution (Liquor lodi Phenolatus, Boulton’s 
Solution, French Mixture, Carbolized Iodine Solution), N. F. VIII. 
--Liquefied phenol (6 cc.), strong iodine solution (15 cc.) (U. S. P. 
XIII), and glycerin (165 cc.) are mixed and sufficient water added 
to make 1000 cc. The liquid is placed in a strong, tightly-stoppered 
glass container and either exposed to the sunlight or heated at a 
temperature not exceeding 70° C. until it becomes colorless or 
faintly yellow. The facts that the solution is colorless or faintly 
yellow, and that the solution does not turn blue when starch T.S. 
is added, show that no free iodine is present in the liquid, it having 
combined to form tri-iodo-phenol and hydriodic acid. Any thera- 
peutic value that this preparation might have is probably due to 
the phenol and iodo-phenol present. It has been used as a disin- 
fectant and counterirritant, although there is no scientific proof of 
its efficacy. 

12. Strong Iodine Tincture (Tinctura lodi Fortis), N. F. VIIL — 
Note: Dispense Strong Iodine Tincture 'when Tincture of Iodine, 
U, 8. P. XII, is ordered. This is an alcoholic solution containing 
in each 100 cc. not less than 6.8 Gm. and not more than 7.5 Gm. 
of I, and not less than 4.7 Gm. and not more than 5.5 Gm. of 
potassium iodide. The potassium iodide is dissolved in 50 cc. of 
distilled water contained in a graduated bottle, the iodine is added. 
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and the mixture agitated until solution is effected. Sufficient 
alcohol is added to make 1000 cc. This tincture' should not be 
used as a disinfectant because more damage is usually done to 
tissue than is warranted by any beneficial results obtained. Large 
doses (10 to 15 minims) are sometimes prescribed to be taken in 
milk, with which it combines chemically to form non-toxic organic 
iodides and thus has the action of iodides. The only therapeutic 
value that this tincture might have would be as a counterirritant. 
This 7 per cent tincture came into vogue in 1840 when it was 
customary to dissdve 1 ounce of iodine in 1 pint of alcohol. 

13. Calcium lodobehenate (Calcii lodobchenas, (’alcium Mono- 
iodobehenate), U. S. P. Xlll.-Calciurn lodobehenate consists 
principally of calcium monoiodobehenate (C 26 H 42 lCOO) 2 Ca and 
contains, when dried at 100° for 2 hours, not less thati 23.5 per 
cent of I. This organic iodine compound is prepared by treating 
erucic acid (C 21 H 41 COOII) with hydriodic acid (III). Erucic acid, 
an unsaturated fatty acid similar in properties to oleic acid, is 
found as a glycerid(;"in oil of mustard seed, rape-oil, haddock liver 
Oil and some "seed oils. The hydriodic acid thus adds to the double 
bond of erucic acid forming a saturated acid corresponding to 
behenic acid (CsiHiaCOOII). Its action is due to the slow libera- 
tion of iodine forming iodides. Average dose— 0.5 Gm. (approxi- 


mately grains). 

14. Diluted Hydriodic 


(Acidinn Hydriodiciim Dilutum), 


U. S. P. XIII.-(See p. 107.) • n c -n 

15. Hydriodic Acid Syrup (Syrupiis Acidi Ilydriodici), U. b. 1, 


XlII.-(Seep. 107.) 

16. Ferrous Iodide Syrup (Syrupus Pern lodidi, biriipus ierrosi 
iodidi eoncentratus P.I.), N. F. VIir.-(See p. 613.) 


1 Am. Prof. Pharm., 13, 51 (1947). 
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OFFICIAL INORGANIC ACIDS 
BORIC ACID 

Boric Acid, U. S. P. XIII 
,OH 

Formula, ILBO:^; Molecular weight, 61.84 

History. — In 1702 , William Homberg obtained boric acid by 
heating borax with copperas. Later he prepared it by the action 
of sulfuric acid upon borax. Until Gay-Lussac and Thcnard identi- 
fied it in 1804 as being an oxygen compound of boron, it was known 
as Sal Sedativum Ilombergi. 

Occurrence. — Free boric acid is found in sea water, certain plants 
and in nearly all fruits. It is likewise found in some volcanic steam 
jets, notably those in the Tuscany Marshes and the Lipari Islands. 
It is also present in the natural waters of these regions. By far 
its largest natural source is in the combined form as, for example, 
Na2B407.4H20 (rasorite); Na2B4()7. lOILO (borax); CaB407.4I-l20 
(borocalcite) ; H3B03.Na2B407.2CaB407. 18H2O (tincal); and 
B6O11.5H2O (colemanite). 

Physical Properties.— Boric acid is found on the market in 
forms: transparent, colorless, odorless, pearly scales having a smooth 
feel; six-sided triclinic crystals; and white, odorless, rather bulky 
powder which is unctuous to the touch. All forms are stable in 
air. The scale and crystalline forms are most suitable for preparing 
aqueous solutions, because the powder tends to float on top of the 
water. 

At 25 ^ C., 1 Gm. of boric acid is soluble in 18 cc. of water, in 
18 cc. of alcohol, and in 4 cc. of glycerin. One Gm. is soluble in 
4 cc. of boiling water and in 6 cc. of boiling alcohol. The addition 
of HCl decreases its solubility in water. It volatilizes appreciably 
from aqueous and alcoholic solutions at 60 ° C. and above. 

Chemical Properties.— Orthoboric acid is a weak acid, its dissocia- 
tion constant being 6.5 X 10 “^® (for the first hydrogen ionized, the 
others being negligible). It is a tribasic acid, as shown by its 
esterification to ethyl orthoborate, the vapor density of which cor- 
responds to a molecular formula B(OC2H6)3. Boric acid cannot 
be titrated accurately with standard alkali because it is such a 
weak acid. However, when dissolved in a glycerin solution (official 
assay) it behaves as a strong monobasic acid which can readily be 
titrated with standard alkali. The following reaction is thought 
( 100 ) 
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to take place to account for the monobasicity of boric acid in 
glycerin.^ 


CH2OH 
I HO, 

2CHOII + HO- 
I HO^ 

CII2OH 

Glycerin 


B 


H2C-OH HO— CH2 


Hc— o, n-cn 

I A B I 

lU'— 0/ \0- CII2. 

Glyceroboric acid 


+ H3O+ + 2H2O 


In an analogous manner boric acid enters into combination with 
other polyhydroxy organic compounds such as glycols and mannitol. 

When orthobori(! acid is heated at 100° C. or slightly above, it 
is converted to metaboric acid by loss of a molecule of wat(T (1). 

(1) II3BO3 — HBO2 -f H./) 

Ortho- Meta- 

boric acid boric acid 


Further heating to approximately 100° C. results in the formation 
of tetraboric acid (2). 

(2) 4HBO, H,B40, + 11,0 


Still further heating converts the residue to boron trioxide, 
glassy-appearing solid (3). 


(3) 


A 

strong heat 


2B2O3 + II2O 


a 


Tests for Identity. — 1 . Aqueous solutions impart a claret color to 
blue litmus paper and a brownish-red color to turmeric paper. 
The latter turns greenish black upon the addition of ammonia. 

2. An alcoholic solution of boric acid burns with a green bordered 
flame. 

3. When heated to 100° C., it decomposes into water and meta- 
boric acid (HBO2) which in turn is slowly volatilized at that tem- 
perature. 

4. When heated, boric acid goes through the changes described 
under Chemical Properties. 

5. On account of the non- volatility of the oxide, it will displace 
most acids from salts when fused with them. 

6. Metaborates are unstable and are easily decomposed (4). 

(4) 4NaB02 + CO2 Na^CO,, + Na2B4()^ 

Commercial Manufacture.— Orthoboric acid is obtained commer- 
cially from (1) the decomposition of certain naturally occurring 
borates and (2) from volcanic steam jets. 

' This formulation expresses the currently accepted reaction that takes place 
between glycerin and boric acid. The arrow indicates a semi-polar bond. The 
desire of boron to obey the octet rule and borrow another pair of electrons results 
in a dynamic resonating system of 3 covalent bonds and 1 semi-polar bond. Addi- 
tional weight is lent to this reaction by the fact that 2 organically stable 5-membered 
rings (A and B) are formed. 
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1. Most of the world’s supply of boric acid is prepared from the 
naturally occurring deposits of colemanite, rasorite, borax, etc. 
For example, colemanite is reduced to a powder, mixed with boiling 
water, and the suspension is then treated with sulfur dioxide gas 
to liberate boric acid (5). 

(5) Ca2B6()ii.5H20 + 2 SO 2 + 4 H 2 O 2CaS03 + 

When the solution is cooled, the boric acid crystallizes out. 

Borax, when treated with HCl, liberates a high grade of medicinal 
boric acid (6). 

(()) NaoB4()7.10H2() + 2HC1 -> 4II3BO3 + 2NaCl + 5H2O 

The use of IICl, a volatile acid, has superseded that of II2SO4 
because residual traces of HCl will not remain on the crystal surfaces 
when they are dried, whereas II2SO4, a non-volatile acid, is less 
easily removed. 

2. Although the foregoing procedures account for most of the 
world’s supply of boric acid, a small amount of natural boric acid 
is obtained from certain volcanic areas in Tuscany and the Lipari 
Islands. In these areas, volcanic steam jets (soffioni) issue from 
the ground carrying a small amount of vaporized boric acid together 
with some other gases. These jets arc passed into natural or arti- 
ficially constructed pools of water (lagoni) which become highly 
charged with boric acid. The water from these pools is then con- 
centrated (utilizing the heat of the steam jets) to obtain the crystal- 
line boric acid. Alore recently, artificial soffioni have been bored 
to increase production. 

Laboratory Preparation.— Add 50 Gm. of Sodium Borate (Nao- 
B407*10H2()) to 120 cc. of distilled water and bring the solution 
to a boil. Filter the boiling solution, and to the filtrate add 30 cc. 
of Hydrochloric Acid (7). Stir the mixture well and set it 
aside in a cool place for twenty-four hours or until the next labora- 
tory period. Collect the crystals on a wetted muslin strainer and 
allow them to drain completely. Wash the crude product with a 
little cold water and again allow to drain. Weigh the wet mass, 
dissolve it in approximately five times its weight of boiling distilled 
water and set the solution aside for two or three days to crystallize. 
Collect the crystals and wash them with cold water as before, spread 
them upon bibulous (absorbent) paper and allow them to dry in 
the air. 

(7) Na2B4O7.10H2O + 2HC1 ^ 2NaCl + 4H3BO3 + 5H2O 
(381.43) (247.36) 

Pharmaceutical Preparations and Uses.— 1. Boric Acid (Acidum 
Boricum, Boracic Acid), U. S. P. XIII.— Boric acid, when dried over 
sulfuric acid for five hours contains not less than 99.5 per cent of 
H3BO3. Boric acid is used in solution as a dusting, powder, or 
incorporated in ointment bases, to allay inflammation and for its 
mild antiseptic properties. It is generally conceded that boric 
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acid cannot kill bacteria, but that it will maintain a more or less 
sterile condition once it has been established by other agents. 
However, in view of its low value as an antiseptic, and because of 
its demonstrated toxic nature when taken internally (orally or 
parenterally) it has been suggested that boric acid be deleted 
entirely from medicinal iise.^ As proof of its toxic nature one finds 
many instances recorded in the literature where fatalities hav'e 
oc^'urred followi/ig (1) its intravenous use ^ by, error when normal 
saline solution, etc., is called for; (2) its use orally^ again mistakenly, 
in baby feedings; and (3) application of the ointment over large 
denuded areas (usually burned) of the skin from which appreciable 
absorption takes place and produces marked systemic effects. All 
of these fatal cases exhibited a characteristic color of the skin, the 
color being most closely described as that of a “boiled lobster.” 

2. Kaolin Cataplasm (Cataplasma Kaolini), N. F. VIII.— In 
addition to other ingredients, this preparation contains 4.5 per 
cent of boric acid. (See p. 438.) 

3. Boroglycr.rin Glycerite ((Uyceritum Boroglycerini), U. S. P. 
XIII.— Boroglyceriii Glycerite contains not less than 47.5 per cent 
and not more than 52.5 per cent of boroglycerin (CdUIO;}). It is 
made by dissolving boric acid in glycerin at a temperature between 
140° and 150° C. (8). The heating is continued to definite weight 
and an equal weight of glycerin added. It is used as a dehydrating 
agent and mild antiseptic. Boroglycerin Glycerite was used to 
make Suppositoria Boroglycerini (Suppositories of Boroglycerin), 
N. F. VII. The glycerite of boroglycerin and the glycerin are 
mixed well with the melted glycerinated gelatin, poured into well- 
oiled, slightly wanned moulds of the required size and shape, and 
allowed to stand until the suppositories are firm. 

( 8 ) II,BOa + C3lT(OH)3 C3lhB03 + 3H2O 

4. Boric Acid Solution (Liquor Acidi Borici, Saturated Boric Acid 
Solution), N. F. VIII.— This solution contains, in each 100 cc., 
not less than 4.25 i)m, of II3BO3. Fifty Gm. of boric acid are 
added to 350 cc. of distilled water that has been heated to boiling, 
the mixture agitated until solution is effected, and then a sufficient 
quantity of cold distilled water immediately added to make 1000 cc. 
It is filtered, 3i necessary, to obtain a clear product. 

The National Formulary notes that upon chilling or upon e'^po- 
ratiou of the solvent. Boric Acid Solution tends to deposit crystals 
or become slightly turbid because of the formation of minute crystals 
of boric acid, which do not readily redissolve except upon heating 
the solution. Saturated aqueous solutions of boric acid, prepared at 
any temperature, are quite unstable, in that a reduction of only a 
few degrees in the temperature of the solution causes the precipi- 
tation of the boric acid in crystalline forrn.^ These crystals in sus- 

1 J. A. M. A., 129 , 333 (1945). 

* For this reason some manufacturers supply a solution containimi not less than 
3.5 per cent boric acid. 
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pension preclude the use of the solution for ophthalmic purposes. 
The concentration of boric acid in Boric Acid Solution (about 4.2o 
p)er cent) is reasonably stable for the usual variations in househokl 
temperatures. F or external use, the solution may be used undiluted, 
except for ophthalmic use, for which purpose it may be diluted with 
an equal volume of sterile distilled water. The dilution of the 
satuiated solution, in addition to guarding against the introduction 
of crystals into the eye, also renders the solution approximately 
isotonic, thus minimizing any irritant effect due to a hypertonic 
solution. 

5. N, F. Aniise'ptic Solution (Liquor Antisepticus N. F., Lister’s 
Solution), N. F. VIIL— 'Fhis is a hydroalcoholic solution containing 
2.5 per cent boric acid and lesser amounts of thymol, chlorothymol, 
eucalyptol, methyl salicylate, oil of thyme, and menthol. Its 
principal use is as an antiseptic mouth wash. The N. F. notes that 
specially denatured alcohol. Formula No. 38-B (100 gallons of ethyl 
alcohol must contain 6 pounds of boric acid and pounds each 
of thymol, chlorothymol, and menthol), has been approved by the 
U. S. Treasury Department as suitable for use in this preparation 
provided that adjustment be made for the quantities of the formula 
ingredients present in the denatured alcohol. For oral or external 
use— undiluted. 

6. Compound Zinc Sulfate Powder (Pulvis Zinci Sulfatis Composi- 
tus. Antiseptic Powder N. F. V., Soluble Antiseptic Powder), N. F. 
VIII.— This powder contains 86.6 per cent of boric acid and lesser 
quantities of salicylic acid, phenol, eucalyptol, menthol, thymol, 
and zinc sulfate (12.5 per cent). It is sometimes used as a dusting 
powder. More often, its aqueous solution is used as a mild, astrin- 
gent, antiseptic douche. 

7. Boric Acid Ointment (Unguentum Acidi Borici, Boracic Acid 
Ointment), U. S. P. XIIL— Boric Acid Ointment contains not less 
than 9 per cent and not more than 11 per cent of H3BO3. The 
boric acid is levigated with wool fat to a smooth paste, and then 
the mixture is incorporated with the white ointment containing wool 
fat (5 per cent), white wax (5 per cent), and white petrolatum (80 
per cent). It is used in the treatment of many skin diseases (eczema, 
impetigo, erysipelas, etc.), and also in the treatment of other skin 
lesions (burns, bedsores, etc,). Its use by the armed forces in the 
treatment of burns was authorized at the beginning of the last war, 
but this action was rescinded in the face of the demonstrated toxicity 
of boric acid. 

HYDRIODIC ACID AND HYDROGEN IODIDE 

Diluted Hydriodic Acid, U. S. P. XIII 

Formula, HI. Molecular Weight, 127.93 

History and Occurrence.— Clement and Desormes identified hydro- 
gen iodide in 1813. During the same year it was investigated by 
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Gay-Lussac. Ihe acid was introduced into medicine by Dr. Buch- 
anan, Junior Surgeon of the Glasgow Infirmary, primarily as a less 
irritant means of administering iodine. In his own words “It ap- 
peared to me, however, that it would be well to save the stomach 
the labor of preparing hydriodic acid, by giving, for the purposes of 
medicine, not free iodine, but the hydriodic acid itself.”^ Very 
small amounts of hydrogen iodide have been found in volcanic gases. 

Physical Properties.— Hydrogen iodide is a colorless gas having a 
penetrating odor. It fumes strongly upon exposure to air and is 
readily liquefied at 0° C. under a pressure of 4 atmospheres. Liquid 
hydrogen iodide boils at —35.5^" C., and has a specific gravity of 
2.847 at -£c. When further cooled, it becomes a solid which melts 
at —50.9° C. Both gaseous and liquefied hydrogen iodide are non- 
conductors of electricity. It is exceedingly soluble in water. One 
volume of H 2 O at 10° C. and 7()0 mm. pressure dissolves 425 volumes 
of HI, giving a 70 per cent solution. At 127° C., a 57 per cent 
solution distils without dec^omposition. 

The 1-. S. Pharmacopaua XHI Diluted Hydriodic Acid is a 
colorless or not more than a pale yellow, odorless, aqueous liquid, 
having a specific gravity of about 1.100 (25° C.). Decomposition 
of the diluted acid is retarded by the presence of about 0.8 per cent 
of hypophosphorous a(*id. 

Chemical Properties. — Hydrogen iodide (gaseous HI) is the least 
stable of the hydrogen halides, decomposing into H ‘2 and L 2 at 
elevated temperatures (1). 

(1) 2HI ^ IL + I 2 

It burns readily with (>2 to liberate I 2 and ILO (2). 

(2) 4HI + O 2 ^ 2 H 2 O + 2 I 2 

Hydriodic acid (aqueous solution of HI) behaves in most respects 
like hydrochloric and hydrobromic acids {i. e., as a strong acid), 
but is the least stable of the hydrohalidc acids. Aqueous solutions 
are colorless when freshly prepared, but assume a brown color on 
standing because of the liberation of free iodine (2). Hydriodic 
acid readily reacts with CIo and Br^ to liberate I 2 (3) (4). 

(3) 21- + X 2 ^ 2X- + I 2 (X = Cl or Br) 
or written molecularly 

(4) 2HI + X 2 ^ 2HX + I 2 

Because hydriodic acid is a powerful reducing agent it has been 
used for that purpose by organic chemists. 

Tests for Identity. — 1. Aqueous solutions of hydrogen iodide are 
strongly acid to litmus paper. 

2. Hydriodic acid unites with all metallic oxides and hydroxides 
(except Cr 203 ) to form iodides. 


^ Am. J. Pharm., 3, 175-6 (1838). 
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3. When chlorine water is added drop by drop to an aqueous 
solution of hydrogen iodide or a soluble iodide, the solution is 
colored yellow to red, due to liberated iodine (5). When this solution 
is shaken with chloroform, the latter is colored violet. The iodine 
thus liberated gives a blue color with starch T.S. 

(5) 2HI + CU -> 2IIC1 + I 2 

4. Silver nitrate test solution produces a yellow, curdy precipitate 
of silver iodide (b) which is insoluble in nitric acid and in ammonia 

T.S. 

(0) HI + AgNO, Agl i + UNO, 

Commercial Manufacture.- Hydrogen iodide may be prepared by 
the direct union of its elements in the presence of a catalyst. This 
process involves the passing of hydrogen and iodine vapors over 
heated platinum black (7). 

(7) H 2 + I2^ 2H1 

The union takes place slowly and, since the reaction is a decidedly 
reversible one, always remains incomplete. The product obtained 
in this manner is impure and unsatisfactory from a medicinal 
standpoint. 

Hydrogen iodide cannot be prepared by the action of sulfuric 
acid on an iodide because it is very unstable, parting with its 
hydrogen with ease, and reducing the sulfuric acid. The primary 
product of the reduction is II 2 S (8). As soon as the temperature 
has been raised sufficiently by the heat of reaction, nearly all of the 
hydrogen iodide is oxidized. Sulfur is frequently precipitated, due 
to a secondary reaction between the hydrogen sulfide and the sul- 
furic acid (9), and between the sulfur dioxide so formed and the 
excess of hydrogen sulfide present (10). 

( 8 ) H 2 SO 4 + 8HI -> H 2 S T + 4 II 2 O + 4 I 2 

(9) H 2 S + H 2 SO 4 -> SO 2 T + 2H2() + S i 

(10) SOo + 2 H 2 S 2H2() + 3S i 

Hydrogen iodide may be prepared by the action of hydrogen 
sulfide upon iodine in aqueous suspension (11). 

(11) H 2 S + I 2 -> 2HI + S i 

The precipitated sulfur is filtered off and the liquid concentrated 
to about 57 per cent of HI by distilling off the water. 

Hydrogen iodide is usually made by mixing amorphous (red) 
phosphorus and a large excess of iodine and allowing water to drop 
slowly upon them (12). The reaction starts easily and the gaseous 
hydrogen iodide is freed from iodine vapors by passing the gas 
through a tube containing amorphous phosphorus. 

( 12 ) PI 3 + 3 H 2 O 3111 + P(0H)3 
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Laboratory Preparation. - I )lssolve 12.2 Gni. of tartaric acid in 
40 cc. of diluted alcohol. Transfer the solution to a bottle of about 
100 cc. capacity and add a solution of 13.5 Gm. of potassium 
iodide in 25 cc. of water and 2 cc. of U. S. P. Hypophosphorous Acid. 
Shake the mixture thoroughly, and .set it aside for two hours in 
an ice-bath (13). Filter off the crystalline precipitate and wash 
the bottle and precipitate with several smjill portions of diluted 
alcohol until the filtrate weighs 100 Gm. Heat gently on a water- 
bath until all of the alcohol has evaporated, and then add sufficient 
distilled water to make the product weigh 100 Gm. 

(13) KT + KiiC4ii4()c i+ nr 

(l(i(>.02) (150.09) (188.18) (127.93) 

Note,- The tartaric acid is dissolveckd^i luted alcohol (it is 
more soluble in water) because the alcohofSPllB^he precipitation 
of the newly formed potassium bitartrate. Tli^|l||ill^tion of cold 
to the reaction mixture also aids in the preci’fe^Miigfe^e potas- 
sium bitartrate, since its .solubility decreases rfftfii^pmperat lire 
decreases. 

If hypophosphorous acid is not available, the correct amount in 
the finished A(‘i(lum Ilydriodicami Dilutum may be obtained by 
dissolving 1 Gm. of potassium hypophosphite with the potassium 
iodide in the 25 cc. of water and increasing the amount of tartaric 
acid from 12.2 Gm. to 13.65 Gm. (14). 

(14) IvlTlA + II>C4ll4()6 HPH,(), + iaiC4ll406 i 

IIypophosi)horous acid is a powerful reducing agent, and hence 
retards the decomposition of the hydrogen iodide. Also, it may 
react with any liberated iodine to form phosphoric acid and hydri- 
odic acid (15). 

(15) HPILO, + 21o + 2Ih() II 3 PO 4 + 4H1 

Pharmaceutical Preparations and Uses.- 1 . Diluted Ilydnodic Acid 
(Acidum Hydriodicum Dilutum), U. S. P. XIII.— This acid is a 
solution containing, in each 10(J cc., not less than 9.5 Gm. and 
not more than 10.5 Gm. of III, and not le.ss than 0.6 Gm. and 
not more than 1 Gm. of IIPII. 2 O 2 . Ilydriodic acid is said to pro- 
duce less stomach disorder than iodides and, like them, is used 
for the effect of the iodide ion. A discolored (amber to brown) 
acid or syrup should not be administered, as it may produce severe 
gastric irritation due to free iodine. 

2. Ilydriodic Acid Syrup (Syrupus Acidi Hydriodici), U. S. P. 
XIII.— This syrup contains, in each 100 cc., not less than 1.3 Gm. 
and not more than 1.5 Gm. of III. It is made by diluting Diluted 
Hydriodic Acid with distilled water and dissolving sucrose in the 
liquid by agitation. The product is filtered. The brown color 
which develops in the syrup on long standing is not necessarily 
iodine, but may be due to caramelization of the levulose resulting 
from acid hydrolysis of the sucrose used in the syrup. This syrup 
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is the most commonly administered form of hydriodic acid, and is 
much used for its expectorant effect in cough preparations because 
the iodide ion present stimulates mucous membrane. It is of 
particular value in liquefying the tenacious sputum which some- 
times is associated with bronchitis. Because of the irritant effect 
of the iodide ion it is not recommended^ that iodide preparations 
be used in acute inflammatory conditions of the respiratory mucosa, 
but rather that it be reserved for the later stages. It should be used 
only long enough to “loosen’' the cough. Average dose— 4 cc. 
(approximately 1 fluidrachm) . 

HYDROCHLORIC ACID AND HYDROGEN CHLORIDE 

Hydrochloric Acid, 11. S. P. XIll. 

Formula, IICl. Molecular Weight, Ii().47 

History.— Hydrochloric acid was first obtained by J. II. (xlauber 
in 1648. In 1772, Priestley isolated it in the gaseous condition and 
thought it was an oxyacid. In 1810, Sir H. Davy showed that it 
contained only hydrogen and chlorine. 

Occurrence. — Hydrogen chloride is found in the fumes issuing from 
active volcanoes in South America and Mexico. When secreted 
into the stomach, pure human gastric juice contains from 0.4 to 
0.5 per cent of free HC^l. This appreciable concentration, however, 
does not usually persist for any length of time, as the acid is neutral- 
ized by the saliva,* the mucus, and the return flow of the contents 
of the duodenum to about 0.15 to 0.2 per cent of HCl. The origin 
of the HCl found in the gastric juice has never been conclusively 
determined. Whether it arises from the parietal cells in the fundus 
part of the stomach or whether it is formed by the hydrolysis of 
a chloride of some weak base, e. g., ammonium chloride, is difficult 
to say. Hydrochloric acid is necessary to the principal digestive 
function of the gastric juice, e. g., its action upon protein. In Nature, 
large quantities of chlorides occur in sea water and in mineral 
deposits. Sodium chloride is the source of all commercial hydro- 
chloric acid in one way or another. 

Physical Properties,— Hydrogen chloride is a colorless gas having 
an acrid irritating odor and an acid taste. The density of the gas 
is 1.2681 (air = 1) and hence it is about 25 per cent heavier than 
air. One liter weighs 1.6394 Gm. On account of its high critical 
temperature (52° C.) it can be liquefied by pressure alone. As a 
liquid (b. p. —5.8° C.) as well as in the gaseous state, it is a non- 
conductor of electricity. Solid hydrogen chloride melts at — 111 ° C. 
Its heat of solution is 17,400 (calories per 1 formula-weight of hydro- 
gen chloride in unlimited water). 

Hydrogen chloride is very soluble in water. Five hundred and 
three volumes of the gas dissolve in 1 volume of water at 0° C. 
(760 mm. pressure) and 460 volumes of the gas dissolve in 1 volume 

* Goodman and Gilman, Pharmacological Basis of Therapeutics, p. 817. 
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of water at 20 ° C. (760 mm. pressure). In aqueous solution (18 ° C.) 
it IS ionized to the extent of 92 per cent in tenth«normal solution 
and conducts electricity readily. When a saturated solution of 
hydrogen chloride (43.4 per cent of HCl) is distilled at normal 
barometric pressure, the gas is driven off until a concentration of 
20.24 per cent hydrogen chloride with a constant boiling-point of 
110 C. is obtained. Hydrochloric acid of this strength distils 
unchanged, the water vapor carrying over hydrogen chloride in 
the same proportion as it exists in the liquid. 

Chemical Properties.— Dry hydrogen chloride is quite inactive. 
It does not react with any of the non-rnetals (sulfur, phosphorus, 
etc.). Some of the active metals decompose it, forming hydrogen 
and the chloride of the metal (1). 

(1) 2Na + 2IIC1 -> 2NaCl + T 

Hydrogen chloride combines directly with ammonia to form am- 
monium chloride (2). 

(2) NIT3 + HCl -> NH4CI 

The chemical properties of aqueous solutions of HCl are typical 
of those of all strong acids. The hydrogen in the acid is displaced 
by all metals preceding hydrogen in the electromotive series (3). 

(3) Zn + 2HC1 ZnCb + Ih t 

Hydrochloric acid reacts readily with most oxides (4) and hydrox- 
ides (5) of the metals to form water and the (‘hloride of the metal. 

(4) + 6HCI -> 2FeCb + 3H.,() 

(5) NaOH -f HCl NaCl + H2O 

These are known as yieutralizaiion reactions. The reaction of HCl 
with sulfites (6) to form S()2 (7) and with carbonates (8) to form 
CO2 (9) is still another type of neutralization reaction. 

(6) Na2S03 + 2HC1 2Na(3 + H2SO3 (unstable) 

(7) H2SO3 HoO + SO2 T 

(8) Na2C03 + 2HC1 -> 2Na(3 + U,Ci), (unstable) 

(9) H2CO3 IW + CO2 T 

Because it contains the chloride ion, the acid will precipitate from 
aqueous solution the water-insoluble chlorides of certain metals, 
namely Ag, Pb and Hg(ous) (10). 

(10) AgNOa + HCl -> AgCl i + HNO 3 

Hydrochloric acid is oxidized by strong oxidizing agents {e. g., 
KMn04, Mn02, etc.), liberating .chlorine (11, 12). 

(11) 4HC1 + MnO^ MnCb + CI2 T + 2H2O 

(12) 16HC1 + 2KMn()4 2MnCl2 + 2KC1 + SCb T +8H2O 

Tests for Identity.— 1. When Hydrochloric Acid is added to potas- 
sium permanganate, chlorine is evolved (12). 
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2. Hydrochloric acid or its soluble salts precipitate a white, curdy 
silver chloride from solutions of silver nitrate (10). The precipitate 
is insoluble in nitric acid. Silver chloride is soluble in ammonia 
solutions as diammino-silver chloride Ag(NIl3)2^ I (bl) 

(13) AgCl + 2NH3 Ag(NH3)2Cl 

Commercial Manufacture. — Hydrogen chloride may be made (1) 
from salt with sulfuric acid, (2) by burning electrolytic chlorine 
directly in excess hydrogen, and (3) as a by-product in the chlorina- 
tion of hydrocarbons. 

1. The manufacture of hydrochloric acid from salt and sulfuric 
acid may be depicted as taking place in two steps (14, 15). 

(14) NaCl + HoSCb NaHS()4 + HCl 

(15) NaHS04 + NaCl -> NaoS()4 (salt (aike) + HCl 

Formerly, the salt cake was used in the manufacture of sodium 
carbonate by the Le Blanc Process, but since the advent of the 
Solvay Ammonia-Soda Process for manufacturing sodium carbonate 
the use of .salt cake has diminished greatly and coiiseipiently the 
production of hy drochloric acid by this method has decreased. The 
chief use of salt (^ake today is in the manufacture of glass. 

The hydrogen chloride obtained by the first reaction (14) is 
called ‘‘pan acid” and is purer and easier to (‘ondense than the 
“roaster acid” obtained by the second reaction (15). Conse- 
quently, the “pan <‘icid” is used principally in the manufacture of 
the finer grades of hydrochloric acid, whereas the “roaster acid” 
yields the muriatic acids of commerc'e. Muriatic acid (Latin, 
rnuria, brine) is a yellow liquid containing a number of impurities, 
e, g,f chlorine, arsenous and sulfurous acids, iron, etc. The color 
is thought to be due to ferric chloride and yellow organic coloring 
materials. It contains approximately 35 to 38 per cent HCl. For 
a more detailed discussion of this method of niaiiufacture, see the 
third edition of this textbcjok. 

2. A large proportion of the hydrochloric acid manufactured 
today is made by the burning of electrolytic cLlorine in excess 
hy drogen (16) using quartz bunsen burners, or in some commercial 
installations hy^drogen is burned in an atmos})here of chlorine. 

(16) H2 + CI2 2HC1 

The product is 100 per cent HCl which when dissolved in water in 
stoneware absorbing systems produces a water-white acid of great 
purity. 

This method has attained prominence because of the extensive 
manufacture of caustic soda by the electrolytic method in which 
the by-products are H2 and CI2 (see p. 190). 

3. Because of the large scale chlorination of h,ydrocarbons, such 
as benzene (17) and pentane, considerable quantities of by-product 
HCl are obtained. 

(17) CeHe (benzene) + Cb CglLCl + HCl 
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Essentially, for every mole of Clo used, a mole of HCl is formed. 
'I he amount of HCl obtained in this way often becomes a problem 
to the manufacturer, and cases are on record where the manufacturer 
pays to have the hydrochloric acid removed from the premises. 

Laboratory Preparation of Dry Hydrogen Chloride.- Pure, dry 
hydrogen chloride gas may be prepared by adding Pharma- 

copoeia hydrochloric acid to concentrated sulfuric acid in the follow- 
ing manner: A gallon bottle is fitted with a two-hole rubber stopper. 
A dropping funnel with a long outlet tube is introduced through 
one hole until the end of the tube reaches to within | inch of the 
bottom of the bottle. An outlet tube is placed through the other 
hole in the stopper. About a liter of concentrated sulfuri(‘ acid 
is poured into the bottle and the dropping-funnel filled with U. S. 
Pharmacopceia hydrochloric acid. The flow of dry hydrogen chlo- 
ride gas may be controlled by regulating the amount of hydro- 
chloric acid admitted to the bottle. Sulfuric acid has a great 
affinity for the water in which the hydrogen chloride is dissolved 
and, upon coming in contact with it, liberates the hydrogen chloride. 
The hydrochloric acid must not be run too rapidly into the sulfuric 
acid lest the heat developed by the reaction causes the hydrogen 
chloride to be liberated with explosive violence. 

Laboratory Preparation of Hydrochloric Acid. — Introduce about 
dO Gm. of sodium chloride (free from lumps) into an 800 cc. flask, 
provided with an outlet-tube and dropping-funnel. The outlet- 
tube is connected in series with two condensing bottles containing 
distilled water and with a third bottle partially filled with weak 
sodium hydroxide solution. Slowly run 30 cc. of concentrated 
sulfuric acid into the flask. A reaction takes place immediately 
and continues some time without the application of heat (18). 
When the reaction slows down, gently heat the reaction mixture for 
one-half hour, then remove the burner, disconnect the bottles and 
I)Iace the flask under a hood. 

(18) NaCl -f- H,S ()4 -- > NaHS 04 + HCl j 

'^rhe hydrogen chloride passes over into the first absorption-bottle 
where most of it is absorbed by the water. That which escapes 
])asses into the second bottle, where the remainder is held in solu- 
tion. Any gas coming from the second condensing bottle may be 
passed through a weak solution of sodium hydroxide. By adding 
a drop of phenolphthalein to the alkaline solution it possible to 
ascertain whether the gas coming from the second absorption bottle 
is free from hydrogen chloride. Determine whether the product in 
the condensing vessels responds to all tests for hydrochloric acid. 
The acid formed by the above procedure is not the official acid, but 
suffices to illustrate qualitatively the method of preparing it. 

Pharmaceutical Preparations and Medicinal Uses. — 1. Hydro- 
chloric Acid, (Acidura Hydrochloricurn), U. S. P. XHI. — Hydro- 
chloric Acid is an aqueous solution containing not less than 35 per 
cent and not more than 38 per cent of ITCl (w/w). It is a colorless, 
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fuming liquid. The odor and fumes disappear when the acid is 
diluted with 2 volumes of water. It has a specific gravity of 
about 1.18 at 25° C. 

2. Diluted Hydrochloric Acid (Acidum Hydrochloncuin Dilutum), 
U. S. P. XIIL— Diluted Plydrochlorie Acid is an aqueous solution 
containing, in each 100 cc., not less than 9.5 Gm. and not more than 
10.5 Gm. of HCl. It is prepared by mixing 234 cc. of Hydrochloric 
Acid with a sufficient quantity of Distilled Water to make 1000 cc. 
Diluted Hydrochloric Acid (diluted with 25 to 50 volumes of water) 
is administered in gastric achlorhydria (lack of hydrochloric acid 
in the gastric juices). The therapeutic dose usually given is not 
sufficient to cause the secretion of natural hy drochloric acid in the 
stomach, but it does appear to give some relief from the achlor- 
hydria. Certain investigators feel that sufficient acid should be 
administered at each meal to cause the appearance of the free 
acid in the gastric juices. This necessitates a dose of approximately 
10 cc. of the Diluted Hydrochloric Acid in contrast to the usual 
dose of about 1 or 2 cc. In any event, the acid should be taken 
in a diluted form through a drinking tube to minimize the danger 
of its solvent action on the enamel of the teeth. 4^o avoid this 
difficulty, the preparations such as glutamic acid hydro(*hloride 
(H0()C(CH2)2CH(NH2)C( )OH . HCl) and betaine hydrochloride 
(C 6 H 11 O 2 N. H(]l) have been advocated. These compounds are 
crystalline and may be administered in capsule form. They liber- 
ate IICl in the stomach, the glutamic acid residue being metabolized 
at the same time. Average dose- - 4 cc. (api)roximately 1 fluidrachm). 

3. Ipecac Fbiidextract (Fluidextractum Ipecacuanhas), U. S. P. 
XIIL— Hydrochloric acid is added to this preparation in a 3.5 per 
cent concentration extraction of the drug with an alcoholic 
menstruum to provide a definite acid reaction. This is for the 
purpose of stabilizing the fluidextract with respect to its alkaloidal 
content. Average dose— Emetic, 0.5 cc. (approximately 8 minims). 

4. Aconite Fluidextract (Fluidextractum Aconiti), N. F. VHI.~- 
Hy drochloric acid is used in Aconite Fluidextract for the sole 
purpose of adjusting the pH so that it falls within the range of 
2.75 to 3.25. At this pH it has been shown that the fluidextract 
retains its alkaloidal potency for the longest period of time. It 
has been used to some extent to slow the pulse and to reduce fever, 
but with no scientific support. Average dose— 0.06 cc. (approxi- 
mately 1 minim). 

5. Aconite Tincture (Tinctura Aconiti, Tinctura Aconiti P.I.), 

N. F. VIIL- Hydrochloric acid is used in this tincture, as in the 
fluidextract, for the purpose of adjusting the preparation to a pH 
of 3 0.2 for stability purposes. Average dose— 0.6 cc. (approxi- 

mately 10 minims). 

6. Arseniou^s Acid Solution (laquor Acidi Arseniosi, Hydrochloric 
Solution of Arsenic, Arsenic Chloride Solution), N. F. VIIL — 
Fifty cc. of Diluted Hydrochloric Acid is required to prepare 
1000 cc. of Arsenious Acid Solution. The function of the Diluted 
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'^lydrochloric Acid is to convert the arsenic trioxide (AS2O3) to 
arsenic trichloride (AsCla), which on dilution with water will hydro- 
lyze at least in part to arsenious acid (HjAsOa). (See p. 512.) 
Average dose— 0.2 cc. (approximately 3 minims). 

7. Compound Cinchona Tincture (Tinctura Cinchonaj Composita), 
N. V. VIII. -Hydrochloric acid is used in this preparation (1) to 
facilitate extraction of the alkaloids of cinchona as the water- 
soluble hydrochlorides as well as (2) to keep them in solution once 
they have been extracted. The preparation is used principally 
as a bitter tonic and the presence of the mineral acid makes it of 
some service in the treatment of atonic dyspepsia. Average dose— 
4 cc. (approximately 1 fluidrachm). 

8. Krgot Extract (Extractum ErgotaO» N. E. V HI— Hydrochloric 
acid is used in the extraction of the ergot alkaloids from defatted 
ergot. The menstruum used is (‘omposed of 2 volumes of hydro- 
chloric acid and 98 volumes of diluted alcohol. Ergot and its 
pre})arations are used for the powerful stimulating and, therefore, 
constrictor effect they have on the pregnant uterus. It is also 
often used in the third stage of labor as a precaution against post- 
partum hemorrhage. Average dose- 0.5 Gm. (approximately 
7 \ grains). 

9. Ergot Fbddextracf (Fluidextraetum Ergota), Extractum secalis 
cornuti fluidum acidum P. I.), N. E. VHI.— Hydrochloric acid 
is used in the menstruum in the same concentration and for the 
same purpose as in Ergot Extract (q. r.), namely, to insure more 
complete extraction of the alkaloids. The hydrochloric acid re- 
mains in this preparation whereas it is removed more or less com- 
pletely by evaporation in the preparation of the extract. Average 
dose — 2 cc. (approximately 30 minims). 

10. Ipecac Tincture (Tinctura Ipecacuanhie, Tinctura Ipecacu- 
anhie P. I.), N. F. VHI. — Fifteen cc. of Diluted Hydrochloric Acid 
is required in the preparation of 1000 cc. of Ipecac Tincture. The 
hydrochloric acid is used to insure complete solubility of the alka- 
loids of ipecac, i. e., emetine and ceplneline. Average dose — 0.0 cc. 
(approximately 10 minims). 

11. Nifrohydrochloric Acid (Acidum Nitrohydrochloricum, Nitro- 
muriatic Acid, Aqua Regia), N. F. VHI.— Nltrohydrochloric Acid 
is a concentrated aqueous solution containing hydrochloric acid, 
nitric acid, nitrosyl chloride, and chlorine. This acid is effective 
in activating pepsin, and is also believed to stimulate the flow of 
bile. It is used to some extent in subchlorhydria and in cholangitis. 
The acid is administered in a well-diluted form, but should be 
freshly prepared. Average dose— 0.2 cc. (approximately 3 minims). 

12. Diluted Nitrohydrochloric Acid (Acidum Nitrohydrochloricum 
Dilutum, Diluted Nitromuriatic Acid), N. E. VHI.— Diluted Nitro- 
hydrochloric Acid is a diluted aqueous solution containing hydro- 
chloric acid, nitric acid, nitrosyl chloride, and chlorine. It is pre- 
pared by diluting 220 cc. of Nitrohydrochloric Acid with sufficient 
Distilled Water to make 1000 cc. Its use is the same as that of the 

8 
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more concentrated acid. Average dose 1 cc. (approximately 

15 minims). , . 

13. Nux Vomica Tincture (Tinctura Nucis Vomicse, iinctura 
Strychni P. L), N. F. VIIL— This tincture contains a small amount 
(3i75 per cent) of Hydrochloric Acid in the liquid used to macerate 
the drug prior to percolation. This acid converts the alkaloids to 
the more soluble alkaloidal hydrochlorides, thus facilitating their 
extraction. The liquid used for adjusting the alkaloidal content 
of the finished preparation also contains a small amount of hydro- 
chloric acid. Previous to the use of hydrochloric acid, the acid 
in common use was acetic acid. It is claimed by some that acetic 
acid is superior to hydrochloric acid inasmuch as it gives rise to 
less color in the product than does hydrochloric acid with no loss 
of alkaloidal potency. Average dose— 1 cc. (approximately 15 
minims). 

14. Pentobarbital Elixir (Elixir Peiitobarbitali), N. F. VIII.— 
Six cc. of Diluted Hydrochloric Acid are used in this preparation 
to prepare 1000 cc. of the elixir. The function of the hydrochloric 
acid is to just exactly neutralize the 4 Gm. of Pentobarbital Sodium 
also present in the elixir. This gives rise to the free pentobarbital 
(non-official) together with a small amount of sodium chloride. 
Average dose— 4 cc. (approximately 1 fiuidrachm). 

15. Podophylbrn Resin (Resina Podophylli, Podophyllin), N. F. 
VIIL— The percolate from the complete percolation of Podophyl- 
lum with alcohol is concentrated to a thin syrup and this is poured 
with stirring into 1000 cc. of water containing 10 cc. of Hydrochloric 
Acid. The acidulated water is cooled before the precipitation 
procedure. The acid water is said to give a greater yield of resin 
than distilled water. Average dose— 10 mg. (approximately J grain). 

HYPOPHOSPHOROUS ACID 

Hypophos'phorous Acidy U. S. P. XI 11 

H 

I 

Formula, HPH 2 O 2 ; HO — P=-(). Molecular Weight, 60 

H 

History and Occurrence. — Hypophosphorous acid was discovered 
in 1816 by Dulong. H. Rose investigated it more thoroughly in 
1826. In 1874, Thompson obtained it in crystalline form. It does 
not occur in Nature. The acid, in the form of its salts, was “ intro- 
duced by Churchill, 1855, against tuberculosis on the theory that 
phthisis is caused by lack of oxidation and that this would be stimu- 
lated by organic phosphorus; and that the hypophosphites would 
be converted into this 'phosphatide element.’ On the basis of this 
fantastic theory, they were considerably used as tonics in tubercu- 
losis.”‘ 

^ Sollmann; A Manual of Pharmacology, 6th ed., p. 883. 
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Physical Properties.— At ordinary temperatures, pure hypophos- 
phorous acid is a colorless, syrupy liquid having a specific gravity 
of 1.493 at 18.8^ C. At 17.4° C. it becomes a white crystalline 
solid which melts at 26.5° C. It is soluble in water. 

The official hypophosphorous acid is a colorless or slightly yellow, 
odorless liquid, containing not less than 30 per cent and not more 
than 32 per cent of HPH 2 () 2 . It has a specific gravity of about 
1.130 at 25° C. 

Chemical Properties. —The chemical properties of the acid may be 
considered as falling chiefly into the following categories: (1) acidic 
properties, (2) reducing properties and (3) decomposition of the acid. 

1. The acid acts as a monobasic acid because only one of the 
three hydrogens present in the formula is ionizable (1). 

(1) IIPIl2()2 + H2O ^ H3O+ + PH2()2- 

It may be neutralized with metal hydroxides or carbonates (2) to 
form the corres])()nding hypophosphite salt. 

(2) 2 IIITI 2 O 2 + Na./ 0.3 2NaPH2()2 + HoO + ( 0. T 

It is a sufficiently strong acid to react with some of the metals, such 
as zinc (3) and iron, to form hydrogen and the corresponding 
hypophosphite. 

(3) Zn + 2 HPII 2 O 2 Zn(PH202)2 + II 2 T 

All salts of the acid are soluble in water except ferric hypophosphite. 

2. Hypophosphorous acid is readily oxidized to form phosphoric 
acid and, therefore, a(‘ts as a powerful reducing agent. An example 
of its reducing action as applied to a pharmaceutical preparation 
has been cited under the discussion of hydriodic acid, in which 
preparation it acts to reduce any free iodine formed back to the 
iodide (4). 

(4) HITI2O2 + 2 I 2 + 2 H 2 O -> 4III + H3PO4 

Because of its reducing property, the acid has been used for the 
preservation of Ferrous Iodide Syrup, in which capacity it acts 
to reduce free iodine and ferric! ion back to iodide and ferrous ion 
respectively (see p. 613). 

When heated to 60° C. with a solution of CuS() 4 , a reddish 
precipitate of impure cuprous hydride (CU 2 H 2 ) is formed (5). If 
the solution is boiled, the hydride decomposes to metallic copper 
and hydrogen. 

(5) 2 CUSO 4 + 2IIPH2()2 + 4 H 2 O 2H3P()4 + CU 2 H 2 i + 

2112804 + H2 T 

Solutions of potassium permanganate are immediately decolor- 
ized through reduction with hypophosphorous acid (6). 

( 6 ) 5HPH2O2 + 4 KMn 04 + 6H2SO4 2K2SO4 + 4 MnS 04 + 

5H3PO4 + 6H2O 
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The acid will form a white precipitate with mercuric chloride 
solutions ( 7 ), and in the presence of an excess of the acid the reduc- 
tion causes the formation of free mercury ( 8 ). 

(7) IIPH A + 4 HgCl 2 + 2 H 2 O -> H 3 PO 4 + 2 Hg 2 Cl 2 i + 4HC1 

( 8 ) HPII 2 O 2 + 2 Hg 2 Cl 2 + 2 II 2 O H 3 P ()4 + 4Hg i + 4HC1 

There are many other examples of reduction with hypophosphor- 
ous acid, but the above represent most of the important ones. 
One can readily see from the above reactions that any reducible 
substance (oxidizing agent) combined with the acid would constitute 
an incompatibility'. 

3 . When concentrated hypophosphorous acid is heated between 
130° and 140° C., it decomposes into phosphorous acid (H 3 PO 3 ) 
and hydrogen phosphide (phosphine) (9). 

(9) 3nPIl202 PIP T + 2H3P()3 

'rhe ph()S})hine is ignited on contact with air (10), because it is 
associated with the spontaneously inflammable phosphorus di- 
hydride (PHi or P2H4) which forms simultaneously in small amounts. 
Pure phosphine does not ignite on contact with air. 

( 10 ) 2PII3 + 4()2 2HPO3 + 2II2O 

Tests for Identity. 1. It is acid to litmus even in a highly diluted 
form. 

2 . It res])onds to all the tests for hypophosphite ion: 

(a) When heated it liberates spontaneously inflan)mable phos- 
phine (9) (10). 

(b) It yields a white precipitate with mercuric chloride T.S. (7). 
This precipitate becomes gray with an excess of hypophosphorous 
acid because mercurous salt is easily reduced to free mercury ( 8 ). 

(c) It gives a red precipitate of CU 2 H 2 when warmed with copper 
sulfate T.S. (5). 

Commercial Methods of Manufacture.— Hypophosphorous acid is 
made commercially in three ways: 

1 . By decomposing boiling aqueous solutions of calcium hypo- 
phosphite with oxalic acid ( 11 ), filtering off the insoluble calcium 
oxalate and concentrating the acid filtrate in vacuum. 

( 1 1 ) Ca(PH 202)2 + H 2 C 2 O 4 . 2 H 20 -^CaC 204 . H 20 i + 2 HPH 2 O 2 + H 2 O 

(170.07) (126.07) (146.10) |(66.00) (18.016) 

2 . By mixing a concentrated aqueous solution of potassium hypo- 
phosphite with a hydro-alcoholic solution of tartaric acid ( 12 ), allow- 
ing the mixture to stand at 5° C. for twenty-four hours, separating 
the insoluble potassium bitartrate, washing it with diluted alcohol 
and concentrating the filtrate. 

(12) KPH 2 O 2 + n2C4H406 HPH 2 O 2 + KHC 4 H 4 O 6 i 
(104.09) (150.09) (66.00) (188.18) 
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3. By gently heating white phosphorus in an open dish with 
baryta water until hydrogen phosphide (PPI3— very poisonous) 
(‘eases to be evolved (13). The excess of barium ion is precipitated 
by passing in carbon dioxide (14). After filtering, the liquid is 
evaporated until the barium hypophosphite crystallizes out. This 
is dissolved in water and decomposed with the theoretical amount 
of sulfuric acid (15). The mixture is filtered and the filtrate evapcv 
rated in an open dish, care being taken not to heat the liquid over 
110° C. llpon cooling, white crystalline hypophosphorous acid 
separates out. 

(13) 8P + 3Ba(()H), + 6IU) 3Ba(PIl. >(>,)., + 2P1P [ 

(14) Ba(OII )2 + C().> BaCXlai + IPO 

(15) Ba(PILA),> + IUS()4 BaS ()4 i + 2TlI^H.>(b 

The V. S. Pharniacopaaa gives appropriate tests hn* barium, oxa- 
lates, heavy metals, and arsenic (from sulfuric acid) because of the 
above methods of manufacture. 

Laboratory Preparation. — Dissolve 50 (iin. of calcium hypojdios- 
phite in 300 cc. of boiling water. Add a solution of 37 (lin. of 
oxalic acid in 150 cc. of water and digest the mixture for one hour 
on a water-bath. Filter olF the calcium oxalate and test the filtrate 
for oxalate ion by adding 1 (*c. of calcium chloride test solution to 
10 cc. of the filtrate (no turbidity). Concentrate the oxalate-free 
filtrate on a water-bath to 55 cc. The product should contain 
about 31 per cent of IIPIloOo and respond to all the tests for hypo- 
phosphorous acid. 

Pharmaceutical Preparations and Uses. — 1. Hypophosphorous Acid 
(Aciduin Hypophosphorosum), V. S. P. XIII. -Hypophosphorous 
Acid should contain not less than 30 per (‘ent and not more than 
32 per cent of IIPII 2 O 2 . It is a powerful reducing agent, and hencT 
is used in medicinal preparations to jirevent oxidation and resulting 
decom}>osition of various ingredients, e. g., hydriodic acid in hydri- 
odic acid syrup, ferrous iodide in ferrous iodide syruj), etc. The 
acid itself is rarely administered internally, but has enj(\\'ed sonu‘ 
popularity in the form of its salts. The use of hypophosphites 
has been quite conclusively proven to be (^f little value inasmuch 
as they pass through the body virtually unchanged. At one time 
it was thought that compounds of this type would be more easily 
assimilated by the body, particularly in nerve and brain tissue. 
This unwarranted assumption has been responsible for their use as 
nerve tonics. 

2. Diluted Hydriodic Acid (Acidum Ilydriodicum Dilutum), 
IT. S. P. XIII.-(See p. 107.) 

3. Ferrous Iodide Syrup (Syrupus Ferri lodidi, Sirupus fcrrosi 
iodidi concentratus P. L), N. F. VIII.— In addition to other 
ingredients, Ferrous Iodide Syrup contains 5 cc. of official hypo- 
phosphorous acid in each 1000 cc. of the .syrup to protect it from 
oxidation (see p. G13). 
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4. Hydriodic Acid Syrup (Syrupus Acidi Hydnodici), LI. S. 1’. 

Srup (Syrupu, 

VIII.-Hypophosphites Syrup contains, besides other ingredie 

1 cc. of hypophosphorous acid in each 1000 cc. of 

this syrup it promotes and maintains the solubility ot the salts. 

6 . Compound HypopJiosphites Syrup (Syrupus Hypophosphitum 
Compositus), N. F. Vril.-Iu addition to other ingredients, the 
compound syrup contains 5 cc. of official hypophosphorous acid in 
each 1000 cc. of syrup for the solubility effects stated above, and 
also to solubilize the quinine and strychnine alkaloids occurring in 
the syrup. 

NITRIC ACID AND HYDROGEN NITRATE 


Nitric Acidy N. F. VIII 

o 

Formula, HNO 3 ; Molecular Weight, 63.02 



History and Occurrence.— Nitric acid is mentioned in the “Dc 
Inventione Veritatis’' ascribed to Geber in the eighth century. It 
was made by calcining a mixture of niter, alum and blue vitriol. 
Nitric acid was described by Albert le Grand in the thirteenth cen- 
tury, and later by Raiinon Lull. The latter obtained it by heating 
potassium nitrate and clay, and he called the product ''eau forte” 
(strong water). The character of nitric acid was not determined 
antil the eighteenth century, when A. L. Lavoisier (1776) proved 
that it contained oxygen. In 1784 H. Cavendish determined its 
constitution and showed that it could be made by electrical dis- 
charges through moist air. About 1684 Glauber devised the process 
in use today, viz.y the distillation of niter with concentrated sulfuric 
acid. 

This acid exists to a slight extent in some waters, the air (after 
a thunderstorm) and in the humus of the soil. In combination with 
sodium, potassium, ammonium, magnesium and calcium, nitric 
acid occurs widely distributed in Nature. When animal or vegetable 
matter decomposes, ammonia and other nitrogenous products re- 
sult. Through the agency of nitrifying bacteria, these products of 
putrefaction are oxidized to nitric acid, which in turn reacts with 
the mineral constituents of the soil to form nitrates. These nitrates 
occur in immense deposits (5 feet thick, 2 miles wide, and 220 miles 
Jong) containing from 20 to 60 per cent of sodium nitrate in rain- 
less desert regions of Peru and Chilean Bolivia. Smaller deposits 
of potassium nitrate, or Bengal saltpeter, occur in Spain, the trans- 
Caspian region, India, Persia and other oriental countries. 

Physical Properties.— Hydrogen nitrate (anhydrous HNO3) is a 
colorless, mobile, strongly fuming liquid. It has a specific gravity 
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of 1.502 at “V-o and boils at 86° C. At this temperature it begins 
to decompose into water, oxygen and nitrogen dioxide (1). 

(1) 4HNO, 4NO2 T + 2H2O + O2 T 

Hydrogen nitrate may be converted to a solid with a melting-point 
of — 42° C. Concentrated nitric acid forms a constant boiling mix- 
ture with water. This mixture boils at 121.6° C. (251° F.), con- 
tains 68 to 68.5 per cent of nitric acid, and has a specific gravity 
of 1.41 at 25° C. It is exceedingly hygroscopic and corrosive. On 
mixing nitric acid with water there is a rise in temperature and a 
contraction in volume. It is miscible in all proportions with water. 

Chemical Properties. - The chemical properties of nitric acid may 
conveniently be classified in three groups: (1) acidic properties, 

(2) oxidizing properties, (3) nitrating properties. 

1. Hydrogen nitrate, when dissolved in water, is highly ionized, 
and is therefore a strong acid (2). 

(2) HNO, + IW H 3 ()+ + NO:r 

Because of this property it neutralizes bases just as does any other 
substance capable of forming hydronium ions (3). 

(3) OH- + H3O+ 2H2() 

Whenever it can exhibit its property of reacting with a metal oxide 
to form the nitrate without effecting an oxidation it is again ap- 
parent that its activity is that of an acid (4). 

(4) ZnO + 2HNO3 -> Zn(N03).2 + H2() 

2. Nitric acid acts as an oxidizing agent on both metals and 
non-metals in many cases, even in very dilute solution. It attacks 
all common metals except gold and platinum under favorable con- 
ditions. The manner in which it reacts with metals is greatly 
influenced by the concentration of the acid, and also by the position 
of the metal in the electromotive series with respect to hydrogen. 
For example, when c’opper (below hydrogen in the electromotive 
series) is dissolved in concentrated nitric acid the main by-product 
is NO2 (5). 

(5) Cu + 4HN()3 -> Cu(N 03)2 + 2H2O + 2NO2 T 

However, the dilute acid gives as the main by-product nitric oxide 
(NO) (6). 

(6) 3Cu + 8HNO3 3 Cu(N 03)2 + 2NO T + 4H2O 

It is not surprising that the above reactions take place because if 
NO did form in the first reaction (5) it would necessarily bubble 
through concentrated acid on its way out of solution and would 
very likely be oxidized to NO2 (7). 

(7) NO + 2HNO3 “> 3NO2 T + H2O 

If one adds equation (7) to equation (6) it is readily apparent that 
equation (5) results. 
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On the other hand, if zinc (above H in the electromotive series) 
is treated with concentrated acid it yields ammonia (8), which im- 
mediately comdines to form ammonium nitrate. 

(8) 4Zn + IOHNO3 4Zn(NO.s)2 + 3H2O + NIL T 

The dilute acid with zinc yields principally nitrous oxide (N 2 O) (9). 

(9) 4Zn + lOHNOa 4Zn(NO,)2 + 5H2O + NoO t 

These reactions may be explained by the fact that hydrogen would 
be formed by any acid reacting on a metal above hydrogen in the 
electromotive series (10). 

(10) Zn + 2 HNO 3 Zn(N 03)2 + T 

However, this hydrogen is a strong reducing agent and is in contact 
with nitric acid (a strong oxidizing agent) thus aOecting a more or 
less complete reduction of the nitric a(‘id, yielding in one cas(‘ 
NII 3 (11), and in the other NoO (12). 

(11) HN()3 + 4IL NH 3 + 3H2() 

(12) 2HNO3 + 4H2 N2O + 5II2O 


If equation (11) is added to equation (10) the result is ecjuation (8), 
illustrating the action of concentrated nitric acid on Zn. Likewise, 
if equation (12) be added to equation (10), the result is equatioTi (9), 
which expresses the reaction of dilute nitric acid on Zn. 

Non-metals are also readily attacked by nitric a(‘id as illustratc'd 
by these typical equations (13, 14). 


(13) S + 2 IINO 3 H 2 SO 4 + 2NO t 

(14) 3P + 5 IINO 3 + 2 H 2 O 3H3P()4 + 5N() t 


3. Nitric acid is utilized extensively as a nitrating agent for 
organic compounds, usually in the form of ‘'mixed acid” (nitric 
acid and sulfuric acid mixed in varying proportions at the acid 
plant for any specific nitrating job). For example, it is used to 
nitrate glycerin in the preparation of nitroglycerin (15). 


CH2OIH 

I 


HO— NO 2 


(15) CHO|H_+ HO|— NO 2 

CH20IH ~lio|— NO2 


CH2O— NO2 
I 

CH— ()- N()2 + .31120 

I 

01120 — NO 2 


The purpose of the sulfuric acid in ''mixed acid” is to bind the 
water formed in the nitrating reaction, thus preventing dilution 
of the nitric acid. The group — NO 2 is a nitro group. 

Tests for Identity. — i . Nitric acid responds to the tests for nitrates, 
(a) Mix the diluted nitric acid or solution of a nitrate with an 
equal volume of concentrated sulfuric acid and allow to cool. Now 
add a concentrated solution of ferrous sulfate in such a way that 
the two liquids do not mix. In the presence of nitric acid or a 
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nitrate, a purple ring, changing to brown, will form at the junction 
of the two liquids (1(3, 17). 

(16) 6FeS04 + 2HN(b + :ni2S()4 -> 2N() + + WoO 

(17) F0SO4 + NO FeS04 NO 

This test is coininonly known as the “ brown ring” test. The com- 
position of the l)rown material (F\\S()4-NO) is not known with cer- 
tainty and equation (17), therefore, is not necessarily an accurate 
representation of what takes place. 

(b) Nitric acid gives off brown fumes of NO2 when it reacts with 
silver (18), copper (5), and other metals. 

(18) 3Ag + 4IINO3 -> 3AgN()3 + NO j + 2IL,0 

It is to be noted that whenever nitric oxide is formed in a reaction 
it is readily detected (although colorless) by its easy oxidation to 
brown NO2 (19). 

(19) 2NO + O2 2NO2 

(c) Nitrates do not decolorize acidified potassium permanganate 
(distinction from nitrites). 

2. Nitric acid stains woolen fabrics and animal tissues yellow 
because substances high in protein, c. //,, egg albumen, skin, hair, 
silk, etc., arc acted upon by nitric* acid, forming a yellow nitro 
(‘oin])ound known as mutho protein, 

3. To a solution to be tested add a drop or two of a solution of 
1 per cent diplienylamine in concentrated sulfuric acid. A blue 
color indicates nitric acid or nitrates. 

Commercial Manufacture.— Nitric acid may be prepared coin- 
mercially by (1) treatment of Chile saltpeter with sulfuric acid or 
(2) by the oxidation of ammonia. 

1. Until about 1930, a great ju'opc^rtion of nitric, acid production 
was based on this method. At the present time the oxidation of 
ammonia accounts for almost all of the nitric acid produced. Chile 
saltpeter (NaNO.s) is treated with sulfuric acid (a non-volatile acid) 
forming hydrogen nitrate (20). 

(20) NaNCU + II2SO4 NaHSCb + HNOa 

Although it is possible to cause still further reaction between the 
sodium hydrogen sulfate and sodium nitrate {2ij to produce 
another mole of hydrogen nitrate it is not customary to do this 
because it is easier to run off the liquid sodium hydrogen sulfate 
than to remove a solid sodium sulfate. 

(21) NaHS04 + NaNCb -> Na>S04 + liNih 

The acid sodium sulfate produced is used in the production of other 
heavy chemicals. 

For a more extensive discussion of nitric* acid manufacture see 
previous edition of this textbook. 
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2. As previously pointed out, approximately 90 per cent of the 
world production of nitric acid is by the ammonia oxidation process 
(Fig. 9). The ammonia is prepared on a large scale through the 


GAS INLET 



GAS OUTLET 


Fig. 9. - Catalyst Chamber for Ammonia Oxidation. (By permission from Badger 
and Baker, Inorganic Chemical Technology, Copyrighted, 1941, by McGraw-Hill 
Book (^o.) 

Haber Process or some modification of it (22). The oxidation of 
the ammonia is accomplished by the Ostwald Process, in which 
ammonia is mixed with air (21 per cent of O2), the mixture heated 
and rapidly passed through a fine wire gauze of activated platinum 
raised to a glowing heat. Better than 95 per cent of the ammonia 
is oxidized to NO, and then to NO2 (23, 24), which is absorbed by 
water to form nitric acid (25). 

(22) N 2 + 3 H 2 -> 2NH.3 

(23) 4NH3 + 5O2 -> 4NO + 6H2O 

(24) 2NO + 02-^ 2NO2 

(25) 3NO2 + H2O -> 2HNO3 + NO 

The only disadvantage of this method is that it produces nitric 
acid of only 50 to 60 per cent concentrations, whereas for many 
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industrial operations an acid of 98 to 99 per cent concentration is 
required. However, methods have been devised to concentrate 
the dilute acid to any specified concentration. 

Laboratory Method of Preparation.-— As previously stated, nitric 
acid is made by the action of concentrated sulfuric acid upon 
sodium nitrate (20). Tins reaction may be illustrated on a small 
scale by placing 50 (im. of sodium nitrate in a retort of 300 cc. 
capacity, and adding 45 (im. of concentrated acid previously diluted 
with 13 cc. of water. If necessary, the contents are heated to 
promote the reaction. Impure nitric acid distills over (contaminated 
chiefly with NOo) and should be condensed in a well-cooled receiver. 
The distillate should res{)ond to all tests for nitric acid. 

Pharmaceutical Preparations and Uses.— 1. Nitric Acid (Acidum 
Nitricum), N. F. VIII. —Nitric Acid contains not less than 67 per 
cent and not more than 71 per cent of HNOg. It has a specific 
gravity of about 1.41 at 25° C. It boils at 120° C. and is volatil- 
ized completely when heated on a steam bath. Nitric acid is used 
in the manufacture of sulfuric acid (q. v.), coal-tar dyes, explosives, 
nitrates, etc. It is used as an oxidizing agent in the manufacture 
of pharmaceutical preparations (Ferric Sulfate Solution, Mercuric 
Nitrate Ointment, etc.), and externally to destroy chancres, warts, 
and phtigedenic ulcers (rapidly spreading and sloughing ulcers). 
It is rarely, if ever, prescribed for internal use, although nitric 
acid is a suitable substitute for hydrochloric acid in gastric achlor- 
hydria. 

Nitric acid is a highly corrosive liquid. In contact with the 
skin, mucous membranes, ey es, gastro-intcstinal tract or respiratoiy 
mucosa in liquid form (as a spray or splash) or as a vapor, the acid 
penetrates the tissues, causing destruction proportionate to the 
concentration of the solution or vapor and the duration of contact. 
It is imperative that the acid be removed from the skin or other 
surface hy copious flushing with water to prevent damage.^ 

The corrosive properties of nitric acid are not the only dangers, 
since the gases evolved (nitrous fumes) from spillage on heavy^ 
metals or organic materials are also exceedingly toxic. Since the 
gaseous oxides ma.y cause little or no discomfort at the time oj 
inhalation, the victim may proceed about his ordinary work for a 
few hours until the damage to the lung tissue becomes apparent. 
Untreated cases frequently terminate fatally as a result of severe 
pulmonary congestion (edema), i. e., from siitt’ocation. 

2. Bismuth Magma (Magma Bismuthi, IMilk of Bismuth, Bis- 
muth Cream), N. F. VIII.— The preparation of 1000 cc. of Bismuth 
Magma requires 120 cc. of Nitric Acid which is used to convert the 
bismuth subnitrate to the normal nitrate with sufficient excess acid 
to prevent hydrolysis of the normal salt. (See p. 548.) Average 
dose -^4 cc. (approximately 1 fluidrachm). 

' Chemical Safety Data Sheet SD 5, on Nitric Acid, published by Man\ifactiiring 
Chemists Association of the United States, pp. 12-13, 1940. 
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3. Ferric Subsulfate Solution (Liquor Ferri Subsulfatis, Monsel 

Solution, Solution of Basic Ferric Sulfate), N. F. VIII.— Nitric 
acid is used in the manufacture of this preparation for the purpose 
of oxidizing the ferrous ion (from ferrous sulfate) to ferric ion. 
(See p. 632.) . 

4. Mercuric Nitrate Omtvient (Unguentum Hydrargyri Nitratis, 
Citrine Ointment), N. F. VIII.— This ointment is prepared from 
mercury, nitric acid and lard. (See p. 397.) 

5. Nitrohydrochloric Acid (Acidum Nitrohydrochloricum, Nitro- 
rnuriatic Acid, Aqua Regia), N. F. VIII.— This is a strong aqueous 
solution containing hydrochloric acid, nitric acid, nitrosyl chloride, 
and chlorine. (See p. 125.) Average dose— 0.2 cc. (approximately 
3 minims). 

6. Diluted Nitrohydrochloric Acid (Acidum Nitrohydrochloricum 
Dilutum, Diluted Nitromuriatic Acid), N. F. VIII.— This is a 
diluted aqueous solution containing hydrochloric acid, nitric 
acid, nitrosyl chloride, and chlorine. (See p. 135.) Average 
dose— 1 cc. (approximately 15 minims). 

NITROHYDROCHLORIC ACID 

Nitrohydrochloric Acidy N. F. VIII 

History and Occurrence.— Nitrohydrochloric.* acid does not occur 
naturally. It was first made by the ancient alchemists who observed 
its ability to dissolve gold (the king of metals) which was resistant 
to all other types of acid, heiK*e the name ''aqua regia ' (the kingly 
water). 

Physical Properties.— Nitrohydrochloric Acid is a golden yellow, 
fuming, very corrosive liquid. It has a strong odor of chlorine and 
an intensely acid reaction to litmus paper, which it afterwards 
bleaches. 

Chemical Properties.— This acid is a mixture of hydrochloric acid, 
nitric acid, nitrosyl chloride (NOCl) and chlorine. Therefore, its 
chemical properties are those of its components. Because of the 
chlorine content the acid is a powerful oxidizing agent and it is 
believed that this accounts for its ability to dissolve gold and 
platinum (1). 

( 1 ) 2 HC 1 + 2CI2 + Pt H2PtCl6 (soluble) 

Tests for Identity. —The only test given for identity is the require- 
ment that the acid be able to dissolve gold leaf, by converting it 
to chlorauric acid (2) (2a) (3). 

(2) Au + 3HC1 + HNO3 AuCb + NO T + 21120 
or 

(2a) Au + CI2 + NOCl — > AuCb + NO t (See equation (4)) 

(3) AuCb + HCl HAuCb 

Commercial Manufacture. —Nitrohydrochloric Acid, being some- 
what unstable, is not marketed as such but should be prepared 
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fresh when needed. The N. F. directs that 200 cc. of nitric acid 
(1 mole) be mixed with 800 cc. of hydrochloric acid (3 moles) in a 
suitable loosely-stoppered container. The mixture is set aside for 
fifteen hours at room temperature, or until the reaction is complete 

(4). 

(4) 3IIC1 + HNO3 CI2 + NOCl + 2H2O 

Finally the contents are mixed gently to insure uniformity. The 
mixture should contain sufficient chlorine so that when 1 drop of 
the acid is added to 1 cc. of an aqueous solution of potassium 
iodine (1 in 5), iodine will be liberated immediately (5). 

(5) 2KT + CI2 -> 2KC1 + I2 

1 he golden yellow color of the product will fade gradually, in time, 
yielding a practically colorless solution which is not suitable for use. 

Pharmaceutical Preparations and Uses. — 1. Nitrohydrochloric Acid 
(Acidum Nitrohydrochloricum, Nitrornuriatic Acid, Aqua Regia), 
N. F. Vm. — Nitrohydrochloric Acid is a concentrated aqueous 
solution containing hydrochloric acid, nitric acid, nitrosyl chloride, 
and chlorine. This acid possesses, in general, the same type of 
acti\’ity as hydrochloric acid in treatment of conditions of gastric 
achlorhydria. It is also said to possess the property of increasing 
the flow of bile, probably because it relaxes the sphincter muscles 
of the bile duct, thus permitting the easier flow of bile.^ A drinking 
tube should be used for oral consumption. Average dose—0.2 cc. 
(approximately 5 minims). 

2. Diluted Nitrohydrocldoric Acid (Acidum Nitrohydrochloricum, 
Diluted Nitrornuriatic Acid), N. F. VHT.— This acid is prepared 
from Nitrohydrochloric Acid (220 cc.) diluted with sufficient dis- 
tilled water to make 1000 cc. This acid should possess sufficient 
chlorine to liberate iodine when it is added to an aqueous solution 
of KI (1 in 5). This acid must be made from Nitrohydrochloric 
Acid rather than by mixing weaker solutions of nitric acid and 
hydrochloric acid, since with the weaker acids there is no reaction. 
Average dose- 1 cc. (approximately 15 minims). 

PHOSPHORIC ACID (ORTHO) 

Phosphoric Add, N. F. VIII 
H-O. 

Formula, H3PO4 ; H— O-F = O. Molecular Weight, 98 

History. —This principal acid of phosphorus was discovered in 
1746 by Andreas Sigismund Marggraf, who observed that this then 
unknown substance produced peculiar yellow precipitates with sil- 
ver nitrate and, when calcined with charcoal, yielded elemental 
phosphorus. In 1833, Thomas Graham published the results of 

1 U. S. Dispensatory, 23rd ed., p. 42, 1943. 
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his masterly investigations of the acids of phosphorus in which 
he pointed out the differences between the ortho-, pyro-, and meta- 
phosphoric acids. 

Occuirence.— Uncombined orthophosphor ic acid does not occur 
in Nature. However, its calcium, aluminum, and iron salts are 
abundantly found in the minerals apatite (3Ca3[P04]2.CaF2) and 
phosphorite (CaapOJa). The latter is known as “phosphate rock” 
and occurs as large deposits in Florida, Tennessee, etc. It is the 
largest source of phosphates for fertilizers. Phosphates occur also 
in the blood, bone and urine. The slag from steel and iron furnaces 
contains appreciable quantities of recoverable phosphates. Phos- 
phates are always found in fertile soil and are essential to the 
development of fruits and seeds. 

Physical Properties.— When a solution of orthophosphoric acid is 
evaporated in a vacuum over sulfuric acid, transparent, hard, six- 
sided, rhombic crystals result. These crystals are very deliquescent 
in air, have a specific gravity of 1.834 at 18 . 2 ° C. and melt at 
42 . 3 ° C. When crystallized from water, the product is a hydrated 
form, 2H3PO4.H2O. Orthophosphoric acid is very soluble in water 
and in alcohol. The official concentrated solution contains 85 to 
88 per cent II3PO4 and is a colorless and odorless syrupy liquid. 
Its specific gravity is about 1.71 at 25 ° C. Diluted Phosphoric 
Acid containing from 9.5 to 10.5 Gm. of H3PO4 in 100 cc. of solution, 
specific gravity about 1 . 057 , is also official. It is a clear, colorless, 
and odorless solution. 

Chemical Properties.— Orthophosphoric acid is a triprotic (tertiary) 
acid, and consequently ionizes in three steps (1, 2, 3 ).^ 

(1) II3PO4 + H2O ^ H3O+ + II2PO4" Ki = 1.1 X 10-2 

( 2 ) H2PO4- + II2O ^ H3O+ -h IIP04^ K2 = 2 X 10-^ 

( 3 ) HPO4 + H2O + P04~ K3 = 3.6 X 10 ~^* 

One can see from the ionization constants (Ki, K2, IV3) that the 
ionization of the acid takes place in the same manner as any other 
polyprotic acid, namely each successive ionization step takes place 
to a lesser extent than the preceding. Actually, the ionization 
produces very little phosphate ion (P04=). The acid forms three 
sodium salts which show very nicely the three possible anions: 
(1) primary sodium orthophosphate (NaH2P04), (2) secondary 
sodium orthophosphate (Na2HP04), ( 3 ) tertiary sodium ortho- 
phosphate (Na3P04). When an aqueous solution of orthophosphoric 
acid is titrated with sodium hydroxide solution using methyl orange 
as the indicator the color changes when the salt NaH2P04 has 
formed. When it is titrated using phenolphthalein as the indicator 
the color changes when the compound Na2HP04 has formed. The 
use of trinitrobenzene as an indicator shows the conversion to 
Na3p04. In conformity with the results in the titrations, it is 

^ There is a disagreement in most textbooks as to the exact values but, in general 
and relatively speaking, they agree. These figures are from Handbook of Chemistry 
(Lange), 5th ed., 1944. 
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found that when the primary sodium phosphate is dissolved in 
water it reacts acidic, the secondary phosphate reacts nearly neutral 
or slightly alkaline, and the tertiary phosphate is exceedingly 
alkaline. 

Orthophosphoric acid, when heated to 200° C. loses a mole of 
water to form pyrophosphorie acid (4) which for purposes of study 
may be considered to be an i/?/crmolecular dehydration. 

HO OH 

I I 

0=p— O— P=0 + H2O 

I I 

HO OH 

When heated to about :]00° C., the pyrophosphorie acid is con- 
verted to metaphosphoric acid (*5). 

(5) II4P0O7 2IIPO3 + lU) 

However, to simplify the presentation and to fix it more firmly 
in the student’s mind it is convenient to consider that when ortho- 
phosphoric acid is heated to 300° C. (neglect the formation of pyro- 
phosphoric acid) an ?V//ra molecular dehydration takes place (6). 

HO. 

(b) HlO”P=0 
HO| 

Metaphosphoric acid constitutes the ''glacial phosphoric acid” of 
commerce. It is usually sold in the form of sticks or pellets, the 
metaphosphoric acid having been hardened by the addition of small 
amounts of sodium metaphosphate (NaPOn). Because solutions of 
this acid slowly change to H3P()4 (7) they are impossible to keej) 
and, therefore, are no longer officially recognized. 

(7) HPO3 + iioO -> n3P04 

It is of interest to note that phosphoric acid has no oxidizing 
properties, thus enabling its use wherever a non-oxidizing acid is 
required {e. g., to prepare HBr from NaBr, where H2SO4 is unsatis- 
factory because of its oxidizing action). 

The only water-soluble phosphates are those of the alkali metals 
and ammonium. 

Official Tests for Identity.- 1. Orthophosphoric acid responds to 
all general tests for acids. 

2. When phosphoric acid is carefully neutralized with potassium 
hydroxide test solution and a solution of silver nitrate added, a char- 
acteristic yellow precipitate of silver phosphate results (8 and 9). 
The precipitate is soluble in ammonium hydroxide and in nitric acid. 

(8) 3H3O+ + P04= + 2011- HP04= + 5H2O 

(9) 2HPO4" + 3Ag+ Ag3P04 i + H2PO4- 



HO. 

(4) 2HO^P-=0 -> 

IIO^ 
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Free orthophosphoric acid forms no precipitate with a solution ot 
silver nitrate. In order to obtain complete precipitation of silver 
phosphate from solutions of a primary (10) or secondary phos- 
phate (11), the free nitric acid developed in the reaction must be 
neutralized. 

(10) H2r()4- -I- 3Ag+ 4- 2 H2O AgsIU i -f 2 

(11) 2HP04= + 3Ag+ Ag,P()4 i + ri2P04- 

3. Orthophosphoric acid produces a canary yellow colored pre- 
cipitate when digested at 40° C. with ammonium molybdate 
solution (nitric acid solution) (12). The precipitate of ammonium 
phosphomolybdate is insoluble in acids but readily soluble in 
ammonia water (13). 

(12) 12(NH4)2 Mo 04 + H:,P04 -f- 2IHNO3 (NTl4):,P04.12Mo- 

04 + 2INII4NO:, + I2H2O 

(13) (NH4)3P04.12 Mo 03 -1- 2.3011- 3NII4+ + HP04== -|- 

12Mo04= + 1 111.0 

4. If 3 cc. of the phosphoric at'id dilution is rendered alkaline 
with ammonia water and magnesium sulfate test solution added, a 
white crystalline precipitate of magnesium ammonium phosphate 
is produced (14). 

(14) HP04= + Mg++ -h NH, MgNH4p04 1 

If the dried preeipitate of magnesium ammonium jdiosphate is 
heated, magnesium pyrophosphate results (15). 

(15) 2MgNH4P04 ^ MgjPiO, + 2NI1 j + HO 

5. When a precipitate of magnesium ammonium phosphate is dis- 
solved in diluted acetic acid and silver nitrate te.st solution added, 
a yellow precipitate of silver phosphate is formed (distinction from’ 
metaphosphoric or pyrophosphoric acid). 

Commercial Manufacture. Orthophosphoric* a(*id is ncjw prepared 
by (1) the “wet process” and (2) the pyrolytic or thermal methods. 

1. Ground phosphate rock or bone ash (i)rincipally Ca,3(P04)2) 
is treated with sulfuric acid (16) and filtered to remove calcium 
sulfate and cither insoluble materials. The filtrate of dilute phos- 
phorie acid is then concentrated in simple evaporators to about 
50 per cent n,3r04. Most of the phosphoric acid made by this 
so-called “wet process” is used in the manufacture of fertilizer, 
the rest being used for the production of phosphates for industrial 
use. The acid made by this process is not of food-grade purity 
unless it is put through a relatively costly purification process. 
Where ground phosphate rock is treated with “wet process” acid 
a “superphosphate” of fertilizer grade, containing 40 to 48 per 
cent of P2O6 equivalent is produced (17). This is used as a con- 
stituent of mixed fertilizers. 

(16) Ca3(P04)2 + 3H2SO4 -> 2H.,P04 + 3CaS04 

(17) Ca.,(P04)2 -f- 4n3P04 ^ 3CaH4(P04)2 
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2. The greatest advances in phosphoric acid manufacture in the 
chemi(!al industry have been through the development of the thermal 
methods. The thermal process consists in smelting phosphate rock 
with coke and silica at high temperatures (18). A continuous 
evolution of phosphorus vapor and carbon monoxide issues from 
the furnace, and they are either burned to produce P2O5 (19) and 
CO2 (20) or else, more recently, the elemental phosphorus is con- 
densed as such. When PiOs is the product, it is dissolved in water 
to form phosphoric acid (21). 

(18) ra3(P04)2 + 3Si02 + 5C + heat SCaSiOa + 5CO j + 2P T 

(19) 4P + 502 (air) -> 21^)5 + heat 

(20) 2C() + O2 (air) -> 2CO2 + heat 

( 21 ) PoO. + 3H2O 2II3PO4 

The principal difference in the thermal methods has been in the 
type of furnace used. 

Until 1939 the blast furnace was used extensively to carry out 
the rediK'tion of phosphate rock, but this process was discontinued 
in favor of the more efficient electric furnaces. For example, in 
1937 the Monsanto (.'heinical Co. l)egan the large-scale production 
of phosphorus with a very efficient electro-thermal process. Their 
furnaces arc said to be the largest of their kind in the world. Es- 
sentially, the reduction of the phosphate rock is carried out in 
the same manner as previously outlined, but in place of burning 
the phosphorus that is formed, it is condensed out in a purity of 
better than 99.9 per cent. The elemental phosphorus is more 
economical to ship than the phosphoric acid would be. Thus, the 
phosphorus is shipped to phosphoric acid producing plants to be 
converted to P2O5 and then to acid of exceptional purity. Most of 
the acid used in chemical manufacturing is prepared by the electric 
furnace, and is obtainable in the standard concentrations of industrial 
phosphoric acid, namely, 50, 75 and 85 per cent. Acid of greater 
strength than 100 per cent is also prepared and is analogous to 
fuming sulfuric acid. 

Laboratory Preparation. — Mix 30 Gm. of nitric acid with 30 cc. of 
distilled water in a glass retort having a capacity of about 200 cc. 
Having placed the retort on a sand bath, connect it loosely with a 
well-cooled receiver and add 8 Gm. of yellow phosphorus, previously 
cut into small pieces under water. Insert a funnel through the 
opening in the bulb of the retort and carefully apply heat until the 
reaction begins. If the action is too violent, add a small quantity 
of water through the funnel. From time to time, return the acid 
liquid that collects in the receiver to the retort and continue the 
operation until all of the phosphorus is dissolved or until only 
insoluble black particles remain, which may be filtered off. If 
necessary, more nitric acad may be added. Transfer the liquid 
in the retort to a tared, porcelain evaporating dish and heat on a 
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sand bath until all of the nitric acid is driven off. The temperature 
must not exceed 190° C. (p. 127) during the evaporation. Test 
the products for nitric acid by placing a few drops of the acid in 
a test-tube with an equal amount of concentrated sulfuric acid. 
Carefully add a strong solution of ferrous sulfate, so as not to mix 
the two liquids. No brown ring should appear if the sample is 
free from nitric acid. Dilute one-half of 1 cc. of the product with 
7 cc. of distilled water. Gentl^^ warm 5 cc. of this dilution and 
add 2 cc. of silver nitrate test solution. If the mixture turns 
brown it indicates the presence of phosphorous or hypophosphorous 
acid, and the product must be returned to the tubular retort and 
treated with more nitric acid. 

If the product is free from nitric acid nnd shows no test for 
phosphorous and hypophosphorous acids, it should be diluted to 
100 cc., warmed, and a rapid stream of hydrogen sulfide passed 
into it for fifteen minutes. The liquid is then set aside for twenty- 
five hours to allow the arsenic sulfide to precipitate, filtered and 
concentrated to a syrupy liquid. 

Pharmaceutical Preparations and Uses.- 1. Phosphoric Acid (Aci- 
dum Phosphoricum), N. F. VIII. —Phosphoric Acid should contain 
not less than 85 per cent and not more than 88 per cent of H:5P()4. 
It is used to a very limited extent (hydrochloric acid is better) in 
medicine as a tonic and stimulant to the gastric mucous membranes. 
It aids proteolytic enzymes in the formation of peptones. Phos- 
phoric Acid in a diluted form is used in the treatment of lead poison- 
ing because it lowers the pH of the blood, promoting (1) decalcifi- 
cation of the bones and (2) the associated excretion of lead from 
the bones at the same time. It is particularly well suited for this 
type of lead-poisoning treatment (deleading the body) because at 
the same time that it brings about a beneficial acidosis it also 
furnishes the lead-solubilizing phosphate ion. In a solution with 
an acid pH the lead forms the soluble lead phosphate salt rather 
than remaining as insoluble tertiary lead phosphate. 

2. Diluted Phosphoric Acid (Acidum Phosphoricuiii Dilntum), 
N. F. VIIL— Diluted Phosphoric Acid should contain, in each 
100 cc., not less than 9.5 Gm. and not more than 10.5 Gni. of 
H3PO4. It is prepared by mixing 09 cc. of Phosphoric Acid with 
sufficient Distilled Water to make 1000 cc. Diluted Phosphoric- 
Acid is given in doses of from 0.1 to 1 cc., largely diluted with 
water for the purposes discussed under Phosphoric Acid. No official 
dose is given. 

3. Calcium and Sodium Glycerophosphates Elixir (Elixir Calcii et 
Sodii Glycerophosphatum, Glycerophosphates Elixir), N. F. VIIL — 
This elixir contains, in addition to other ingredients, 8 cc. of 
Phosphoric Acid in 1000 cc. of the finished preparation. Average 
dose— 4 cc. (approximately 1 fluidrachm). 
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4. Glycerinated Gentian Elixir (Elixir Gentiaiiae (jlycerinatum), 
N. E. VIIL— Among numerous other ingredients this preparation 
contains 5 cc. of Phosphoric Acid in 1000 cc. of the finished elixir. 

SULFURIC ACID AND HYDROGEN SULFATE 

Sulfuric Acid, N. F. VIII 

HO O 

\ / 

Formula, H2SO4; S Molecular Weight, 08.08 
/ \ 
no o 

History and Occurrence.- Pulfurie acid \^as known to the alchem- 
ists in 1440. Basil Valentine prepared an acid, which he called 
“oil of vitriol, by heating anhydrous copperas to a high tempera- 
ture and dissolving the evolved gas in water. Joshua Ward (1685- 
1761) prepared the same substance by deflagrating a mixture of 
sodium nitrate and sulfur in large, glass bell jars, absorbing the 
gases in water and concentrating the solution. Dr. John Roebuck 
(1718-1794) replaced the glass jars with leaden ones. In 1777, 
Lavoisier showed that this acid contained sulfur aiul oxygen, and 
in 1795 Richter determined its composition. Sulfuric acid in the 
free state is rarely found in Nature, but it occurs widely distributed 
in combination with calcium, magnesium, etc. 

Physical Properties.— Hydrogen sulfate (100 per cent pure) is a 
colorless, odorless, hygroscopic liquid of oily consistency, having a 
specific gravity of 1.834 at 15"^ C. It freezes to a colorless, crystal- 
line mass melting at 10.5° C. 

The N. F. VIII describes Sulfuric Acid as a colorless, odorless 
liquid of oily consistency containing not less than 94 per cent and 
not more than 98 per cent of H2SO4. When strongly heated the 
acid is vaporized giving ofl‘ dense, white fumes of SO^. It dissolves 
in both water and alcohol with the evolution of much heat. 

The usual reagent grade of .sulfuric acid contains not less than 
95.5 per cent H2SO4 and has a specific gravity of not less than 1.84 
at 15.56° C. (60" F.). 

Even at the l)oiling-point of water, sulfuric acid is not volatilized 
and therefore is classed as a non-volatile acid. 

Chemical Properties.— The chemical properties of sulfuric acid 
will be considered as follow^s: (1) stability, (2) hydration, (3) acid 
properties, (4) oxidizing properties, (5) sulfonating and sulfating 
properties, and (6) other properties. 

1. When heated, pure H2SO4 is resolved into SOs and H2O (1). 
The reaction is reversible. 

(1) H2SO4 ILO + SO3 

As the heat is slowly increased, pure H2SO4 loses increasing amounts 
of SO3 and H2O, but not in equimolecular amounts (more SO.s is 
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lost than H2O). Eventually, at a temperature of 338° C. the 
H2SO4 distills over constantly, with about 30 per cent of the acid 
in the dissociated form (1). When the dissociated portion is cooled, 
it reunites to form a 98.33 per cent solution of H0SO4. However, 
when the temperature is increased to 420° C. the dissociation of 
H2SO4 into SO3 and HoO is practically complete. 

When H2SO4 is suddenly raised to red heat, it is completely 
decomposed into IT2O, SO2 and O2 (2). 

( 2 ) 2II2SO4 -> 2H2O + 2SO2 + O2 

2 . Sulfuric acid should always be added to water whenever solu- 
tions (dilutions) of it are to be made. This precaution should also 
be observed with other diluents because the amount of heat gener- 
ated when the two are mixed may cause splashing of the acid. 
It is bclie\ ed that the reason for the dev^elopment of heat is a 
hydration reaction (3). 

(3) noS04 + nIU) Il2S04.nH20 

The reasons for the above supposition are (1) that a mixture of 
sulfuric acid and water occupies less volume than would be expected 
from a simple mixture of two unreacting liquids (in which the 
volume should be additive), and (2) several compounds of H2SO4 
have been isolated, namely H2S()4.S03, H2SO4.H2O, H2SO4.2H2O 
and H2SO4.4H2O. There is some question as to the manner in 
which these compounds should be regarded, that is, whether they 
are hydrates of SO3 or of H2SO4. The proponents of the first 
form infer, for example, that II2SO4 is simply a hydrate of SO.^ 
(SO3.II.2O). If the hydrates are considered in this manner we have: 

2SO3.H2O - H2SO4.SO3 
SO3.H2O = 112804 
SO3.2H2O = H2SO4.II2O 
etc. 

The tendency for sulfuric acid to take up water is so great that 
it abstracts the elements of water from many compounds containing 
hydrogen and oxygen. A typical example is the charring of sugar 

(4). 

(4) CfiHisOe 6C + 6H2O 

Because of its affinity for water, care should be taken not to leave 
concentrated sulfuric acid exposed to the atmosphere for long 
periods of time because there is danger that it will take up enough 
moisture from the air to even overflow the vessel in which it is 
stored. 

3. Sulfuric acid, particularly in dilute aqueous solutions, behaves 
as a strong diprotic acid. It ionizes in two steps (5). 

(5) H.2SO4 + II2O H3O+ + HSO4- Ki = 4 X 10-^ (?) 

HSO4- + H2O H3O+ + 804= K2 = 2 X 10-2 
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It is capable, through the hydroiiium ion, of dissolving metals 
above hydrogen in the electromotive series with the formation of 
hydrogen and the sulfate of the metal ( 6 ). 

(6) Zn + H 2 SO 4 (dil.) -> ZnS 04 + II 2 T 

Although the reaction between dilute sulfuric acid and zinc can be 
construed to be an oxidizing action (zinc to zinc ion [Zn -4 Zn++J), 
this is true of all acids (oxidizing and non-oxidizing) because of 
the hydronium-ion content. The rate of solution in an acid of a 
metal above hydrogen in the electromotive series is directly de- 
pendent upon the hydronium-ion concentration. Sulfuric acid is 
classed as a “strong” acid although it is not as strong as hydro- 
chloric or nitric acid. 

Sulfuric acid will also rea(‘t in the ordinary manner with metal 
oxides, hydroxides, carbonates and sulfites (see p. 109). 

4. Hot concentrated solutions of sulfuric acid exhibit an oxidizing 
action on metals, non-metals and many (compounds. 

The action on metals above hydrogen in the electromotive scries 
has been described. 

Metals below hydrogen also dissolve in sulfuric a(;id but sulfur 
dioxide (SO 2 ) is liberated instead of hydrogen (7). 

(7) Hg + 2H2S()4 IIgS04 + SO 2 1 + 2Il2() 

It is believed that the sulfuric acid first oxidizes the metal to the 
oxide (8) which then reacts with the sulfuric acid to give the sul- 
fate (9). 

( 8 ) Hg + 1 I 2 SO 4 iig() + S ()2 T + HoO 

(9) HgO + H 2 SO 4 -> ITgS ()4 + II 2 O 

The sum total of equations ( 8 ) and (9) is, of course, e(|uation (7), 

Non-metals are oxidized more or less readily by sulfuric acid, 
liberating sulfur dioxide in the process ( 10 , 11 ). 

(10) 2H2SO4 + s 3SO2 T + 21I2O 

(11) 2H2S()4 + c 2 S ()2 T + CO 2 T + 2IL>() 

Among the compounds which are readily oxidized by sulfuric 
acid are the hydrogen halides (with the exception of IlCl). It will 
be recalled that neither HBr nor HI could be prepared by the 
action of sulfuric acid on the (corresponding sodium halide because 
the hydrogen halide formed is readily (oxidized. This oxidation 
takes place at room temperature (12, 13). 

( 12 ) H 2 SO 4 + 2HBr -> Br 2 + SO 2 T + 2 H 2 O 

(13) H 2 SO 4 + SHI -> H 2 S T + 4 I 2 + 4 H 2 O 

5. Concentrated sulfuric acid is used as a sulfonating agent in 
many organic reactions, because it is capable of replacing a hydrogen 
attached to carbon (14). 

(14) R-[H[T]H0)-S03H R-SO,H + H 2 O 

R = aromatic or aliphatic 
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The process is called sulfonation and the product is a sulfonic acid. 
Sulfonations are also carried out with concentrated sulfuric acid to 
which has been added varying amounts of SO3. These fortified 
acids are known as ‘"oleums” or fuming sulfuric acids. 

Sulfation is a characteristic reaction of sulfuric acid, forming 
monoalkyl sulfates and dialkyl sulfates. When the acid is added to 
an alcohol at room temperature a monoalkyl sulfate is usually 
formed (15). 

R-IOHI RO. 

(15) + ‘ /SO 2 )S02 + H 2 O 

IIq/ ho/ 

The dialkyl sulfates are formed by passing the alcohol and acid 
vapors over a suitable catalyst (16). 

no. RO. 

(16) 2ROII + \S02 -> /S()2 + 2II2O 

IIO^ R(K 

6. As previously stated, sulfur trioxide dissolves in concentrated 
sulfuric acid to form a somewhat viscous liquid, called “oleum” or 
fuming sulfuric acid (also Nordhausen acid). Fuming sulfuric acid 
may contain any specified amount of SO3. When cooled, the 
fuming acid deposits crystals of disulfuric acid (H2S2O7) which are 
thought to be formed according to the following reaction (17): 

(17) II2SO4 + SO3 ^ II2S2O7 

Of course, disulfuric acid may also be considered as H 2 SO 4 .SO 3 or 
Il20.2S()3. 

Sulfuric acid forms two series of salts because of its two replace- 
able hydrogens. Thus, for example, we have an acid sodium sul- 
fate (NaIIS04) and a normal sodium sulfate (Na2S04). 

Tests for Identity.- 1. If barium chloride T.S. is added to a dilute 
solution of sulfuric acid, a white precipitate of barium sulfate 
(BaS04) is formed (18). 

(18) H2SO4 + BaCl2 -> BaS04 j + 2HC1 

2. If dilute sulfuric acid is treated with lead acetate T.S. a white 
precipitate forms (19) which is soluble in ammonium acetate T.S. 

(19) (Cn3C()0)2Pb + II2SO4 -> PbS04 i + 2CH3COOH 

3. Hydrochloric acid produces no precipitate with sulfates. This 
distinguishes them from thiosulfates which do give precipitates (20). 

(20) Na2S04 + IICl — > no reaction 
but 

Na2S203 + 2HC1 -> S i + SO2 T + 2NaCl + H2O 

4. Sulfuric acid chars many organic substances, e. g., wood, 
sucrose, fibers, etc. As pointed out previously, this is due to 
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abstraction of the elements of water from the substances leaving a 
carbon residue (4). 

Commercial Manufacture.— Sulfuric acid is manufactured by two 
methods: (1) the lead chamber process y and (2) the contact or catalytic 
process. In both processes sulfur (or of lesser importance, iron 
pyrites) is converted to SO2 by oxidation. However, the manner 
in which the SO2 is converted into sulfuric acid differs greatly in 
the two processes. 

1. The lead chamber process is the older of the two processes, 
but it has been decreasing in importance from year to year. It 
derives its name from the fact that the reaction is carried out in 
large chambers constru(4cd of sheet lead. Lead is not acted on by 
the concentrations of sulfuric acid obtained in the process. Most 
of the acid prepared by this process is utilized in the preparation 
of a fertilizer, superphosphate of calcium. 

The process is in reality a catalytic process inasmuch as large 
volumes of sulfur dioxide, oxygen and water are induced to react 
to form sulfuric acid by a small quantity of nitrous anhydride. 
There is some doubt as to the exact nature of the reactions taking 
place in the process but it is thought that the principal reactions 
taking place are: 

A. The conversion of sulfur dioxide into nitrosyl sulfuric acid 
by means of nitrous acid and oxygen (21). 

(21) 2IIN()o + O2 + 2SO2 -> 2(H())(N()2)S02 

Nitrosyl sulfuric acid is sometimes written as HNSOs. 

B. The formation of sulfuric acid and nitrous anhydride by the 
action of water upon nitrosyl sulfuric acid (22). 

(22) 2(II0)(N02)S02 + II2O -> 2II2SO4 + N2O3 

C. The anion of nitrous anhydride with water to form nitrous 
acid (23). 

(23) N2()3 + H.O -> 2HNO2 

The nitrous acid again combines with any sulfur dioxide that is 
present to form nitrosyl sulfuric acid according to equation (21). 

The oxides of nitrogen were formerly obtained from a nitre pot 
which contained sodium nitrate and sulfuric acid, the mixture being 
heated to obtain the nitric acid vapor. These nitre pots are 
almost obsolete at the present time because of the use of the catalytic 
oxidation of ammonia which is a superior process. The SO2 (together 
with an excess of oxygen) obtained from the burning of sulfur is 
passed over the nitre pot or is suitably mixed with the oxides of 
nitrogen if otherwise produced. The mixed gases are passed into 
a tower known as a Glover’s tower which is packed with quartz. 
In this tower the gases come in contact with weak acid from the 
lead chambers and also with more concentrated acid containing 
dissolved oxides of nitrogen (from the Gay-Lussac tower) which is 
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known as “Gay-Lussac acid.” The hot gases remove the nitrogen 
oxides from the Gay-Lussac acid and also serve to concentrate the 
acid flowing downward in the tower. The partially cooled gases 
then go to the lead chambers, in the first of which most of the 
sulfuric acid is made. The chambers are large enough to allow 
sufficient time and space for the reaction to proceed. The acid 
which forms settles to the floor of the chamber and when enough 
has formed it can be drawn off and is known as “chamber acid.” 
The exit gases from the chambers are passed into a Gay-Lussac 
tower which is filled with quartz pieces. The function of this tower 
is to recover the oxides of nitrogen which have passed through the 
chambers and which would otherwise be lost. This is a(.*complished 
by running the acid (cooled) obtained at the bottom of the Glover 
tower down the Gay-Lussac tower against the upward rising exit 
gases from the lead chambers. The gases which finally issue from 
the Gay-Lussac tower contain only a small percentage of nitrogen 
oxides and are composed mainly of the nitrogen from the air used 
in burning the sulfur. For further details about the process, one 
should consult more detailed works.' 

The principal drawback to this method of manufacture has been 
that the acid obtained is at best only 78 per cent Il 2 S() 4 , whereas 
a much more coru’entrated acid is required for many operations. 
To obtain a concentrated acid from chamber acid it is necessary 
to carry out a concentration procedure. This is undesirable in 
that it increases the cost of the acid. 

2. The contact or catalytic process is the most important method 
for preparing sulfuric acid today. Its great advantage lies in the 
fact that the process yields sulfuric acid of any desired concentra- 
tion without the necessity of concentrating the acid. It is espe- 
cially desirable to have a highly concentrated acid (/. c., contact 
acid) for nitration procedures. 

Essentially, the process dej^ends on the oxidation of sulfur dioxide 
to sulfur trioxide by the use of a suitable catalyst (24). 

(24) 2 SO 2 + O 2 2SOh 

The SO3 which forms can then readily be converted to sulfuric acid. 

This process will be better understood by a brief outline of the 
procedure. Sulfur dioxide is usually obtained by burning sulfur, 
although some is obtained by roasting iron pyrites. The sulfur 
dioxide, if prepared from sulfur, requires very little purification, 
whereas the sulfur dioxide obtained from iron pyrites usually 
contains many impurities and, to avoid “poisoning’’ the catalyst, 
the gas is rigorously purified before being passed into the catalyst. 
Once the gases have passed through the purification process, they 
are led into the catalytic converter where they are converted 
into SO3 in about a 98 per cent yield. The optimum tempera- 
ture in the converter is about 450° C. The catalysts used are 

Rogers: Textbook of Inorganic Pharmaceutical Chemistry, 3rd ed., p. 135; 
see also Riegel: Industrial Chemistry, 4th ed., p. 15. 
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of various types. Karly contact plants often used platinized 
asbestos or some other form of platinum catalyst. However, 
because platinum was exj)ensive, other less expensive metals were 
sought which would bring about the same conversion. This search 
led to the discovery ot vanadium j)entoxide (\ jOs) as a very suit- 
able catalyst. At the j)resent time vanadium catalysts are used 
more than are platinum catalysts, although recently a highly 
effective platinized silica gel has been developed. The SOs which 
forms is absorbed in 97 per cent sulfuric acid because the SOa gas 
it obtained in a state wliich docs not combine well with water. 
However, it does react smoothly with the 3 per cent of water in 
the 97 per cent acid to form more sulfuric acid (25). 

(25) S()3 + 11,0 -> H,S04 

The acid which results is practically 100 per cent pure H2SO4 and 
may be diluted to give a weaker acid or more SO3 may be passed 
into it to give the previously discussed “oleums'’ or fuming sulfuric 
acids. 

Pharmaceutical Preparations and Uses. —I. Sulfuric Acid (Aci- 
dum Sulfuri(‘iun), N. F. \T1L- Sulfuric Acid should contain not 
less than 94 per cent and not more than 98 per cent of H2SO4. 
The N. F. notes that “ IVlicn Sulfuric Acid iy viixed with other 
li(iuid^‘^ it should always he added to the diluent, and great caution 
slioidd be observed.'’ 

2. Diluted Sulfuric ylcid (A(‘idum Sulfuricum Diluturn), N. F. 
VHI. —Diluted Sulfuric Acid should contain, in each 100 cc., not 
less than 9.5 Orn. and not more than 10.5 Gm. of H2SO4. In a 
highly diluted form it may be used medicinally in the treatment 
of achlorhj’dria since, in common with other inorganic acids, it 
activates pepsin. It is used little, if any, in present-day medicine. 

3. Ferric Sid)S 2 ilfate SohRion (Liquor Ferri Subsulfatis, Monsel’s 
Solution, Basic Ferric Sulfate Solution), N. F. VH I.— Among other 
ingredients Ferric Subsulfate Solution contains 55 cc. of Sulfuric 
Acid as a source of sulfate ion. This solution is used undiluted as 
a styptic. 

4. Saccharated Ferrous Carbonate (Ferri ("arbonas Saccharatus), 
N. F. VIIL— Saccharated Ferrous Carbonate requires 3 cc. of 
diluted sulfuric acid for acidification purposes in the preparation 
of 1000 Gm. of finished product. (See also j). 029.) 



THE ALKALI METALS 

Introduction.— The metals comprising this group are lithium, 
sodium, potassium, rubidium, and cesium. The compounds of the 
atomic group or radical, ammonium, are discussed after those of 
potassium to which they show the greatest resemblance. 


Properties of Alkali Metals 


Properties 

Lithium 

Sodium 

Potassium 

Rubidium 

Cesium 

Atomic No. 

S 

11 

19 

37 

55 

Atomic weight 

() <J4l) 

22 997 

39.090 

85 48 

132 91 

Isotopes 

0.7 

23 

.39, 40,41 

85, 87 

133 

Electrons . 

2 1 

2 8 1 

2 8 8 1 

2 8 18-8 1 

2 8-18 18 8-1 

Density 

0 5:1 1 

0 971 

0 80 

1.53 

1 87 

Melting-point 

ISO® 

97 .5° 

()2 3° 

.38 4° 

28.5° 

Boiling-point 

13,10° 

880° 

760° 

700° 

070° 


The alkali metals are always univalent and their compounds bear 
a close resemblance to one another. Each member of this family 
has a relatively low specific gravity, is of a soft waxy consistency, 
has a low melting-point, and a high metallic luster. With a few 
exceptions, the salts of the alkali metals are freely soluble in water. 
The molecules of the alkali metals are considered to be monatomic. 
These metals form simple cations and never occur as a constituent 
part of complex anions. 

They are the most active and electro-positive of all the metals, 
the activity increasing as the atomic weight increases. Thus, 
lithium (atomic weight, 6.94) is the least positive active member 
of the group (slowly decomposes water), whereas cesium (atomic 
weight, 132.91) is the most positive active element. All of the 
alkali metals are oxidized so easily that they must be kept under 
mineral oil to keep them out of contact with the air. They unite 
also with hydrogen to form white, crystalline hydrides (Mil), which 
are completely hydrolyzed by water. A common characteristic of 
the alkali metals is the property of decomposing water violently 
to form hydrogen and the hydroxides of the respective metals. 
The latter are highly ionized. Therefore, they are very active bases. 
The hydroxides of the alkali metals are stable when heated. 


CHAPTER X 

LITHIUM AND LITHIUM COMPOUNDS 

LITHIUM 

Symbol, Li. Valence, 1. Atomic Weight, 6.94; Atomic Number, 3 

History and Occmrence.— In 1817 J. A. Arfwedson discovered 
lithium in a silicate known as petalite. The free metal was first 
isolated by Bunsen and Matthiessen in 1855. The name lithium 
( 138 ) 
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was derived from the Greek word, X 0os, meaning a stone^ and the 
element was so named because it was believed to be present only 
in stones. Also, it was thought that the salts of lithium assisted 
in dissolving ‘‘stones” in the kidneys, gall bladder, etc. 

This element does not occur free in Nature. In combination 
it is found widely diffused. Traces of lithium salts are found in 
some mineral waters (Mur Springs at Baden-Baden), in soils and 
in the ashes of many plants, especially in those of tobacco, sugar 
beet, tea, coffee and sugar cane. It is found in a few minerals, 

g., spodumene (LiAl[SiO:j 2 ), lepidolite or lithiuvi mica (KLi- 
[AlOII,F] 2 Al[Si(),] 0 , amblygonite (Li[AlF]P() 4 ), and triphyllite 
(lJ[FeMn]P() 4 ). One of the largest sources of spodumene (the 
most plentiful of the lithium-bearing ores) is the Black Hills of 
South Dakota. 

Physical Properties.- Lithium is the lightest of all the metals. It 
floats easily upon petroleum under which it is preserved. Its den- 
sity at 20° C. is 0.534. It has a silvery-white luster and, though 
harder than sodium or potassium, it is softer than lead, calcium and 
strontium. Its toughness permits it to be drawn into wire or rolled 
into sheets. Lithium melts at 180*" C. and does not vaporize at 
red heat. It boils at 1336° C. All lithium salts (not the metal) 
color a flame crimson red and give a characteristic red line together 
with a less brilliant orange line in the spectrum. 

Chemical Properties.— Lithium ignites in air at 200° C. and burns 
quietly with a very intense, white light. It decomposes water more 
slowly than sodium. The metal unites vigorously with oxygen 
(Li-iO), hydrogen (LiH), and nitrogen (LisN) to form stable com- 
pounds. 

Official Tests for Lithium Ion.- 1. A small quantity of a lithium 
salt moistened with hydrochloric acid imparts a crimson color to 
the non-luminous flame of a bunsen burner. 

2. Lithium salts in solution, made alkaline with sodium hydrox- 
ide, yield with sodium carbonate T.S. a white precipitate on boil- 
ing (1) (2). 

(1) Li+ + NaOII -> LiOII + Na+ 

(2) 2LiOII + NaoCOa Li.COa i + 2NaOH 

The Li 2 COa is soluble in a solution of ammonium chloride. 

3. Solutions of lithium salts are not precipitated by diluted 
sulfuric acid or soluble sulfates (ditt’erence from Strontium). 

Commercial Manufacture. — Lithium may be obtained by electro- 
lyzing (1) fused lithium chloride, (2) a fused mixture of lithium 
chloride and potassium chloride, or (3) the chloride in solution in 
pyridine. The very deliquescent lithium chloride is obtained by 
fusing lithium minerals with barium chloride. The cooled “melt” 
is lixiviated with water and the resulting solution filtered and 
evaporated to dryness. The residue is then extracted with a mix- 
ture of absolute alcohol and ether, which dissolves the lithium 
chloride but not the chlorides of sodium and potassium The alco- 
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hol-ether mixture is recovered and the residue of lithium chloride 
thoroughly dried. It is from this fused salt that the metal is ob- 
tained by electrolysis. The process is similar to that used for 
obtaining sodium from sodium chloride (see p. 146). 

Pharmacological Action of Lithium Ion.— The lithium ion behaves 
systemically very much like the potassium ion (see p. 225). It is 
depressant to the nerve centers and to the circulation. The ion 
has a diuretic action but has no advantages over potassium ion. 
The lithium ion is somewhat less toxic to the heart than the potas- 
sium ion. It stimulates the vagus and a gastro-enteritis is produced 
by continued administration of even small doses. At one time the 
great solubility of lithium urate stimulated the use of lithium salts 
as solvents for uric acid. The reaction between the lithium ion 
and the urate ion takes place only in concentrations too high to 
be safely used in the body and, therefore, their employment is 
irrational. 

LITHIUM BROMIDE 

Lithium Bromide^ N. F. VIII 

Formula, LiBr. MolecuLar Weight, 86.86 

Physical Properties.— Lithium Bromide occurs as a white, or 
pinkish-white granular powder, or in colorless prismatic crystals. 
It is odorless and has a sharp, slightly bitter taste. Its specific 
gravity is 3.446 at and its melting-point 547° C. The salt is so 
very deliquescent that it goes into solution in its absorbed moisture. 

One Gm. of Lithium Bromide is soluble in 0.6 cc. of water at 
25° C. and in 0,4 cc. of boiling water. It is freely soluble in alcohol 
and it dissolves in ether. 

At red heat the salt fuses and at higher temperatures it slowly 
sublimes without decomposition. 

Official Tests for Identity.— 1. A 5 per cent aqueous solution of 
the salt is neutral or slightly alkaline to litmus paper. 

2. Tests for lithium are given under Lithium Ion (p. 139). 

3. The addition of silver nitrate test solution to a 5 per cent 
aqueous solution of the salt produces a yellowish white precipitate 
of silver bromide, which is insoluble in nitric acid but slightly 
soluble in ammonia water (1). 

(1) LiBr + AgNOa -> AgBr j + LiNOs 

4. The addition of chlorine T.S., drop by drop, to a solution of 
a bromide liberates bromine, which may be dissolved by shaking 
with chloroform, coloring the chloroform red to reddish-brown. 

Commercial Manufacture,— Lithium bromide is usually prepared 
by placing 300 parts of iron wire in a flask, covering it with 900 
parts of water, and slowly adding 399 parts of bromine (2). The 
reaction may be hastened by immersing the flask in warm (not 
hot) water. When a green solution is obtained, the excess of iron 
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is filtered off, the filtrate heated, and then agitated with 816 parts 
of lithium carbonate (3) (q. r.). The cooled solution is filtered and 
evaporated to dryness. Crystals of lithium bromide are obtained 
by slowly evaporating the highly concentrated solution over sulfuric 
acid. Approximate yield: 434 parts of lithium bromide. 

(2) Fe + Br 2 FeBr 2 

(3) LiiiCOa + FeBr 2 — > 2LiBr + FeCOa i 

Pharmaceutical Preparations and Uses. — 1. Lithium Bromide 
(Lithii Bromidum), N. F. VIII.— Lithium Bromide, when dried 
at 165° C. for three hours, contains not less than 99 per cent of 
LiBr. Lithium Bromide and its pharmaceutical preparations are 
used for the same purpose as potassium bromide. It is more hypnotic 
than potassium bromide only because of the greater bromide ion 
content. Average dose — 1 Gm. (approximately 15 grains). 

2. Five Bromides Elixir (Elixir Bromidorum Quinque), N. F. 
VIII. — The elixir contains, in each 100 cc., the equivalent of not 
less than 18.5 Gin. and not more than 20 Gm. of Br. Lithium 
bromide is present to the extent of 3.5 per cent. It is used as a 
sedative because of the bromide ion. Average dose— 4 cc. (ap- 
proximately 1 fluidrachm). 

3. Bromides Syrup (Syrupus Bromidorum), N. F. VUI.—This 
syrup contains, besides other constituents, 8 Gm. of lithium bro- 
mide in each 1000 cc. The product, Pentabromides, is similar to 
this syrup. It is used as a sedative. Average dose— 4 cc. (ap- 
proximately 1 fluidrachm). 

LITraUM CARBONATE 

Lithium Carbonate, N. 1^^. VIII 
Formula, Li 2 C 03 . Molecular Weight, 73.89 

Physical Properties.— Lithium Carbonate is a light, white, granu- 
lar powder, or it occurs in minute monoclinic crystals. Its density 
is 2.111 at 17.5° C. It is odorless, has an alkaline taste, and is 
permanent in air. 

One Gm. of lithium carbonate is soluble in about 100 cc. of water 
at 25° C. and in about 140 cc. of boiling water. The solution 
obtained may not be perfectly clear because of traces of other 
carbonates or of other allowable insoluble substances. It is almost 
insoluble in alcohol. 

The salt fuses when lu*ated to dull redness and at higlier tem- 
peratures it loses a part of its carbon dioxide and is partially con- 
verted into lithium oxide. The cooled melt consists largely of the 
pearly oxycarbonate which is permanent in air. 

Official Tests for Identity. — 1 . A saturated aqueous solution of 
lithium carbonate is alkaline to litmus paper and is colored red 
with phenolphthalein T.S. 
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2. The salt effervesces when treated with an acid due to the 
carbonate radical. The evolved carbon dioxide produces a white 
precipitate when passed through a solution of calcium hydroxide 

T.S. 

8. For lithium tests see lithium ion (p. 139). 

Commercial Manufacture.— Lithium carbonate is usually made by 
boiling a concentrated aqueous solution of lithium chloride, ob- 
tained as described on page 139, with ammonium carbonate (1). 
The precipitate of lithium carbonate is washed with alcohol and 
dried. In order to save any lithium remaining in solution, the fil- 
trate is evaporated to dryness and the residue of lithium chloride 
ignited. 

(1) 4LiCl + 2(NH4)2COa 2Li2CO, i + 4 NH 4 CI 

Pharmaceutical Preparations and Uses.— 1. Lithiuvi Carbonate 
(Lithii Carbonas), N. F. VIII.— Lithium Carbonate, when dried 
at 105° C. for three hours, contains not less than 99 per cent LioCOa. 
Lithium carbonate is used as an antacid (see Sodium Bicarbonate, 
p. 153), antirheumatic, and diuretic. It is also used to render the 
secretions slightly alkaline. It is used in the manufacture of some 
lithia or mineral waters. Average dose -0.5 Cim. (approximately 
71 grains). 

LITHIUM CITRATE 

LitJiimn Citrate, N. F. 

Formula, CM,.OU.{CXXm)^; CILCOOLi 

I 

C(OII)COOLi 

I 

CILCOOLi 

Molecular Weight, 209.92 

Physical Properties.— Lithium Citrate occurs as a white powder, 
or in small white granules. It is odorless and has a cooling, faintly 
alkaline taste. Upon exposure to moist air, the salt deliquesces and 
when heated to 165° C. it loses not more than 26 per cent in weight. 

One Gm. of Lithium Citrate is soluble in 1 .4 ec. of water at 25° C. 
It is very slightly soluble in alcohol and insoluble in ether. 

Chemical Properties.— When Lithium Citrate is ignited, it decom- 
poses into inflammable vapors having a pungent odor, carbon 
dioxide, lithium carbonate and particles of carbon. LTpon prolonged 
ignition, a residue of lithium carbonate remains. 

Official Tests for Identity.— 1. A 5 per cent solution of the salt 
gives a faintly alkaline reaction with litmus paper. The solution 
is not reddened by 1 drop of phenolphthalein test solution. 

2. Lithium tests given under lithium ion (p. 139). 

3. When an aqueous solution of the salt is boiled with an equal 
volume of calcium chloride test solution there is produced a white 
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precipitate of calcium citrate (1), which is insoluble in cold potas- 
sium hydroxide solution. 

(1) 2Li,C6lW), + 3CaCh CaafCeHsOT)^ i + 6LiCl 

Commercial Manufacture.— Lithium Citrate is made by adding 
lithium carbonate to a solution of citric acid until the latter is 
neutralized (2). The solution is filtered, concentrated, and then 
allowed to crystallize. 

(2) 2H,,C6H507.IL0 -f 3Li2C.03 2 Li,C 6 n 507 + SCO^ t + 4 H 2 O 

(420.16) (221.64) 

Anhydrous lithium citrate may be obtained by evaporating the 
solution obtained as above to dryness and heating the residue at 
140° C. 

Pharmaceutical Preparation and Uses.— 1. Lithium Citrate (Lithii 
Citras), N. F. VIII.— Lithium (fitrate, when dried at 165° C. for 
three hours, contains not less than 00 per cent of C:iIl 4 . 0 IL((XX)Li) 3 . 

Lithium citrate is used for the same purposes as other citrates 
(see Sodium Citrate, p. 183) and lithium carbonate (f/. v.). On 
account of its weak alkaline taste it is more agreeable to take than 
other lithium salts. Furthermore, it is said to be less irritating 
to the stomach. Average dose*--0.5 Cm. (approximately 7^ grains). 



CHAPTER XI 

SODIUM AND SODIUM COMPOUNDS 


SODIUM 

Symbol, Na. Valence, I. Atomic Weight, 22.997; Atomic Number 11 

History.— The metallic element sodium was discovered by Sir H. 
Davy in 1807 when he electrolyzed sodium hydroxide. Shortly 
afterward, Cay-Lussac and Thenard suggested a method whereby 
molten caustic soda could be decomposed by means of red hot iron. 
This method in turn was succeeded by Brunner’s process of igniting 
sodium carbonate with charcoal. In 1886, Castner recommended 
the use of sodium hydroxide in place of sodium carbonate and 
thereby greatly lessened the cost of manufacture. Later, he advo- 
cated the use of iron carbide to replace charcoal and this process is 
still used. In 1890, (’astner patented an ele(‘trol\'tic process by 
which most of the metallic sodium of commerce was made for a 
long time. In 1924, J. (’. Downs patented the process by which 
metallic sodium is made today. 

Occurrence.— Sodium, like the other chemical elements belonging 
to the group of alkali metals, is found abundantly and widely 
distributed in Nature, but always in combination. Sodium chloride 
forms more than two-thirds of the solids dissolved in sea water. It 
occurs also in the form of rock salt in the earth. Many compounds 
of sodium are constituents of spring water, and in combination, 
sodium is universally distributed in vegetable and animal organisms. 

Soda felspar (NaAlSiaOa) is present in enormous quantities 
throughout the rocky crust of the earth. The decomposition of 
igneous rocks accounts for the presence of sodium compounds in 
all soils. Sodium carbonate is found widely distributed in Nature 
as the constituent of many mineral waters and as the principal 
saline component of natron or trona lakes. Sodium carbonate 
occurs as efflorescences in lower Egypt, China and Persia, and as a 
natural deposit in warm and dry districts of many countries, e. g., 
Egypt, India, and also in California, Nevada and Wyoming. In 
the latter localities it is usually found mixed with sulfates, chlo- 
rides or borates. The crude alkaline crusts of carbonate occurring 
in Hungary are known as ‘LSzekso.” In Nature, sodium sulfate 
occurs as flumardite (NaiS 04 — anhydrous) in Chile, and in rock 
salt deposits in Spain. Large deposits of sodium nitrate are found 
in the district of Atacama and the province of Tarapaca. A double 
fluoride of sodium and aluminum (NasAlFe) called cryolite is ex- 
tensively mined in Greenland and elsewhere. 

Physical Properties.— Sodium is a soft metal having a silvery-white 
luster when freshly cut. At ordinary temperatures the metal has 
( 144 ) 
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the consistency of wax and can be readily cut with a knife. It 
hardens on cooling. It has a specific gravity of 0.97 (20 C.), a 
melting-point of 97.5° C., and boils at 880° C., giving a green vapor 
which is a monatomic gas. Because of its marked tendency to lose 
an electron and pass from the elemental into the ionic state, sodium 
occurs fourth in the electromotive series of the metals. 

Chemical Properties of Sodium and Sodium Ion.— Sodium is very 
active chemically. Because of this activity it is stored under an 
inert liquid such as kerosene to retard the action of air and moisture 
upon it. When exposed to the air, it rapidly becomes covered with 
a dull gray coating which is a mixture of hydroxide, oxide and 
carbonate of the metal. When heated in air, it burns with a bright 
yellow flame, forming sodium monoxide (Na^O) and sodium per- 
oxide (Na202). Sodium decomposes water with the formation of 
the hydroxide and the evolution of hydrogen (1), which inflames 
only when hot water is used. 

(1) 2Na + 2H2O ~> 2Na()II + Ho T 

It also reacts with alcohols in an analogous manner (2). 

(2) 2Na + 2ROH 2RONa + II2 T 

When dry ammonia gas is reacted with sodium metal, a com- 
pound known as sodium amide (or sodamide) is formed (3). 

(3) 2Na + 2NII3 -> 2NaNII.> + H^T 

The reaction is (luite analogous to the reaction of sodium with water. 

The element combines directly with most non-rnetallic elements, 
especially in the presence of a trace of moisture. Sodium forms an 
amalgam (an alloy of mercury with another metal), which is said 
to contain one or more compounds of the two elements, although 
the amalgam behaves chemic^ally like a simple mixture of the two 
metals. When the amalgam contains more than a small amount 
of sodium, it is a solid and is frequently used as an active reducing 
agent instead of pure sodium because of the ease with which the 
interactions of the metal with aqueous or alcoholic solutions may 
be controlled. An amalgam containing 2 per cent of Na is a soft 
solid having a silvery luster. The reaction of the amalgam may be 
pictured as simply a reaction of sodium with water or alcohol, 
since sodium hydroxide (or a sodium alkoxide in th** case of an 
alcohol) together with hydrogen is formed and mercury deposited. 

Sodium ion does not form very many insoluble salts, but the few 
that are known deserve mention. Uric acid, for example, reacts 
with sodium ion to form two possible salts, the acid urate (4) and 
the normal urate (5). 

(4) H2C5H2(X<N4 + NaOII NaHC5ll203N4i + IW 

sol. in II2O = 1 : 1200 (cold) 

(5) H2C5II2O3N4 + 2NaOH ^ Na2C5H203N4i + 2H2O 

sol. in H^O = 1:75 (cold) 


10 
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Use has been made of the relative insolubility of the sodium urates 
together with other chemicals in the chemical demineralization ot 
sea water for the emergency preparation of drinking water.* 

When a freshly prepared solution of potassium antimonate- is 
added to a neutral or slightly alkaline (with KOI!) solution of sodium 
chloride and the mixture allowed to stand for an hour, a white 
crystalline precipitate of disodium pyroantimonate (nearly insoluble 
in water) settles out (0). 

(6) 2 KH,Sb 04 + 2Na+ NaoHoSboO: i + 2K+ + H 2 O 

There is a group of reagents whieh forms so-called tri])le acetates 
with sodium. Cdiief among these are zinc uranyl acetate, mag- 
nesium uranyl acetate and cobalt uranyl acetate. Ihey have the 
property of forming relatively insoluble salts with sodium ion 
having, in general, the following composition: 

SV(UCJW 2 ) 2 . M(C 2 H:A )2 ■ NaCoHA . hi I/), 

where IVl = Zn, IVIg or Co 

The zinc salt has been recommended as a reagent for the gravimetric 
determination of the sodium ion.^ However, it is said that the 
cobalt derivative is more suitable for qualitative testing because' 
it is not interfered with by potassium ion. 

Official Tests for Identity of Sodium Ion.— 1. When sodium com- 
pounds are converted to the chloride or nitrate salt they will yield 
a golden-yellow precipitate with cobalt-uranyl acetate T.S. upon 
agitation. (See under Chemical Properties of Sodium and Sodium 
Ion.) 

2. Sodium compounds will impart an intense yellow color to a 
non-luminous flame. This test may be said to be almost too sensi- 
tive in that it is difficult to tell from the color and intensity of the 
flame whether significant amounts or mere traces of sodium arc 
present. 

Commercial Manufacture.— The method of production of metallic 
sodium has changed in the last twenty years. The most important 
old or new commercial methods, however, have been electrolytic 
in nature. The principal difference in the old and new methods is 
in the electrolyte used. 

The older method, now almost obsolete, was the Castner electro- 
lytic process which was used extensively until approximately 1925. 
Briefly, it depended upon the electrolysis of fused sodium hydroxide 
(caustic soda) to yield sodium metal and hydrogen at the" cathode 
and oxygen at the anode. 

^ U. S. Patent 2,303,020; see also .J. Clieni. Ed., 22, 90 (1945). 

2 Orthoantimonic acid (H3Sb04) Is fused with a large excess of potassium liydroxidc. 
The material is then dissolved in water, filtered and evaporated. The hot syrupy 
solution is digested with a large excess of potassium hydroxide in a silver dish. The 
alkaline liquid is decanted, granulated and dried in the usual way. This reagent 
must be kept dry and dissolved only when required for use, because in solution it 
changes to tetrapotassium pyroantimonate (K4Sb207), which does not precipitate 
sodium ion. 

» Barber and Koltoff: J. A. C. S., 60, 1625, (192S). 
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In 1924, J. C. Downs patented the electrolytic process now in 
extensive use. It differs from the Castner process in that the less 
expensive sodium chloride is used as the electrolyte in place of 
sodium hydroxide (which must be manufactured from NaCl). 
Because the melting-point of NaCl (804° C.) approaches the boil- 
ing-point of metallic sodium (880° C.) the process at first encoun- 
tered trouble because it was difficult to collect the sodium metal. 
High temperatures, such as those existing in the cell, caused the 
sodium metal to form a '‘fog'’ which was exceedingly difficult to 
condense. However, the addition of electrolytes whicli are un- 
changed by electrolysis to the fusion bath was found to bring the 
melting-point of the bath down to about 600° C. and this solved 
the problem. The Down’s Cell is represented diagrammatically 
in Figure 10. 



Fkj. 10. The l^owns Cell. (By pernii.ssion of Timm, Ceneral Chemistry, copyrighted. 
1944, by McGraw-Hill Book Co., Inc.) 


Pharmacology of the Sodium Ion.— The sodium ion is almost 
devoid of any demonstrable drug or chemical effect upon the human 
hod}'. This would be expected from the knowledge that sodium 
ion is normally present in the body fluids in relatively large amounts, 
and it would be unreasonable to expect pronounced drug effects by 
adding more sodium ion. However, the sodium ion is extremely 
important because of the osmotic effects it is capable of producing. 
The sodium ion is the predominant cation in the so-called extra- 
cellvlar fluid (that outside the cells, i. e., in the circulation and 
surrounding the tissue cells), whereas the potassium ion is the 
predominant cation in the intrarcllvlar fluid (fiuid inside the cells). 
It is well known that an osmotic gradient (with a consequent flow 
of water molecules) results when the concentration of water mole- 
cules on one side of a seraipermeable membrane (permeable to water 
molecules but not to salts) exceeds the concentrjition on the other 
side. Therefore, in the body we have essentially a balanced system 
of electrolytes where sodium ions (associated with various anions, 
principally chloride and bicarbonate) exist on one side of a mem- 
brane (the cell wall) and potassium ions (also associated with 
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several anions) exist on the other side. It is believed that it is the 
sodium ion which is unable to pass through the membrane rather 
than the potassium ion. In this w^ay, an osmotic gradient is set 
up in one direction or another through the cell wall, depending on 
whether the sodium-ion concentrcition of the extracellular fluid is 
hypotonic or hypertonic to the electrolyte concentration of the cell 
contents (intracellular fluid). If the extracellular solution is hypo- 
tonic, water molecules flow into the cell, whereas if the solution is 
hypertonic water flows out of the cell and it becomes dehydrated. 
Needless to say, if the sodium-ion concentration is isotonic with 
the cell contents no osmotic gradient exists and, therefore, no flow 
of water molecules will take place. From the foregoing discussion, 
it is apparent that while the sodium ion has no specific action on 
the body tissue, its osmotic function is highly important with 
regard to the distribution of fluids in the body. 

Disturbances causing an abnormal sodium content in the body 
fluids lead to several well-defined clinical symptoms. Among the 
common causes for such disturbances may be excessive vomiting, 
diarrhea or perspiration. A detailed discussion^ of the alterations 
in blood sodium and consequent effects is not within the scope of 
this book. It should be pointed out, however, that the intelligent 
treatment of conditions arising from abnormal fluid distribution 
demands a knowledge of the osmotic phenomena bringing about 
the condition. For example, (‘ardiac patients often display an 
edematous condition (excess fluid in the tissues). One might jump 
to the conclusion that since sodium chloride is a diuretic, a good 
w'ay to get rid of the extra fluid in the tissues would be to admin- 
ister sodium chloride in sufficient amounts. However, in this case, 
it would be exactly contraindicated, since it would cause a hyper- 
tonic condition of the extracellular fluid. This, of course, would 
attract water from the intracellular fluid aggravating the edematous 
condition. For this reason, cardiac patients usually are on a low 
sodium chloride (or any sodium salt) diet. 

OKFrcTAL Compounds of Sodium 

SODIUM ACETATE 

Sodium Acetate, N. F. VIII 

Formula, CH;{.C00Na.3H20. Molecular Weight, 136.09 

Physical Properties.— Sodium Acetate occurs as colorless, trans- 
parent monoclinic prisms, or as a granular, crystalline powder. It 
is odorless or has a faint acetous odor and has a cooling saline taste. 
When exposed to dry, warm air, the salt effloresces. Its density 
is 1.45. 

1 Goodman and Gilman: The Pharmacological Basis of Therapeutics n 682 

1941. 
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One Gin. of Sodiinn Acetate is soluble in about 0.8 cc. of water 
and in about 19 cc. of alcohol, at 25° C. It is insoluble in ether. 

Official Tests for Identity. — 1. The salt responds to the ‘'Official 
Tests for Identity of Sodium Ion” (p. 14()). 

2. When heated to about 58° C., the salt begins to liquefy, and 
at 120° C. it becomes hard and anhydrous. At higher temperatures 
it decomposes, emitting inflammable vapors and leaving a residue 
of sodium carbonate and carbon (1). 

(1) 2CIl3C00Na-3Il20 + 40*2 Na2C0.3 + 91W + 3 CO 2 T 

The residue gives positive tests for sodium, is alkaline to litmus 
I)aper and effervesces with a(*ids (carbonates). 

3. Sodium acetate gives all of the tests characteristic of Acetates: 

(а) Acidification of sodium acetate or its solutions causes the 
evolution of an acetic acid (vinegar) odor, particularly if the mixture 
is warmed (2). 

(2) 2CH3COONa + H0SO4 ^ 2CII3COOH + Na2S04 

(б) If sodium acetate is warmed with sulfuric acid and ethyl 
alcohol the acid is esterified to form ethyl acetate which possesses 
a characteristic odor (3). The acid is formed first according to 
equation (2), and then the esterification takes place. 

H2SO4 

(3) CII3COOII + C2II5OII ^ CII3GOOC2H5 + H2O 

(c) Ferric chloride T.S. added to solutions of acetates causes the 
formation of a deep red color due to ferric acetate (4).^ This color is 
destroyed by mineral acids. 

(4) Fe(33 + 3(Tl3COONa ^ (CIl3CO())3Fc + 3NaCl 

Commercial Manufacture. — 1. Sodium acetate is made by neutra- 
lizing acetic acid with sodium carbonate or bicarbonate, filtering, 
and evaporating the resulting solution to crystallization (5). 

(5) 2CIl3( ^OOII + Na2C03 2 CU,COONa + H2O + CO2 T 
or 

CII3COOII + NallCO;, -> CIbCOONa +II2O + CO> T 

2. It is also made by adding sodium carbonate (in small quanti- 
ties at a time to avoid too rapid effervescence) to distilled wood 
vinegar (from pyroligneous acid) until the acid is neutralized. The 
tarry substances on the surface of the liquid are removed and the 
brown liquid, after being clarified by standing, is drawn off into 
shallow iron pans and boiled down to a specific gravity of 1.23. 
The sodium acetate is then crystallized in sheet-iron boxes. The 
crystals are drained from the mother liquor and centrifuged. When 
the impure sodium acetate crystals thus obtained are recrystallized 
from hot water, a very pure salt is produced. Very often the solu- 

^ Some workers attribute the red color to the formation of colloidal Fe(OH)3 
from the readily hydrolyzable ferric acetate. 
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tioii of impure sodium acetate is filtered through bone black oi 
boiled with about 10 per cent of the same decolorizing agent, l ho 
decolorized solution is filtered, concentrated and crystallized. 

Laboratory Preparation. — Dissolve 40 (rin. of lead acetate in 
120 cc. of water and 13 Gm. of inonohydrated sodium carbonate in a 
like volume of water. Filter each solution and then add the solution 
of lead acetate to that of the sodium carbonate, stirring briskly *(0). 
When the precipitate has settled, decant the supernatant liquid, 
wash the precipitate with a little cold distilled water and add the 
washings to the decanted liquor. Filter. Then add a sufficient 
quantity of acetic acid to this solution to render it distinctly acid to 
litmus paper. Evaporate to 50 cc. and set aside to cool and crystal- 
lize. llemove the first crop of crystals and concentrate the mother 
liquor by evaporation and again allow to crystallize. The product 
should be dried in a current of air at a temperature not exceeding 
30° C. 

(6) 3Pb(C2H.()o)..3Il20 -I- 3Na.>CO;JL>0 + 71U) (PbCOs)^.- 
Pb(OH)2 i + ()NaC2ll302.3n20 + CO, T 

Pharmaceutical Preparations and Uses.— 1. Sodium Acetate (Sodii 
Acetas), N. F. VIII.— Sodium Acetate, when rendered anhydrous 
by drying at 120° C., contains not less than 99 per cent of CII3- 
COONa. The acetate ion itself does not seem to possess any 
particular therapeutic virtue, except insofar as it is associated with 
a cation and functions as a means of introducing the cation into 
the body fluids. Thus, sodium acetate when orally administered 
is absorbed and easily oxidized in the tissues to sodium bicarbonate. 
Its physiological action is reflected in the fact that it causes a 
hypertonic condition of the extracellular fluid which attracts water 
from the cells into the extracellular fluid. This “salt effect” results 
in a diuretic action, since the kidneys regulate the electrolyte con- 
centration of the body fluids by excreting water and varying 
amounts of salts. At the same time the formation of bicarbonate 
tends to relieve systemic acidosis and lessen the acidity of the urine. 
Sodium acetate, therefore, is of particular value as a diuretic in the 
treatment of cystitis and diseases of the urinary tract associated 
with highly acid urine. 

In order to fuse sodium acetate it requires about four times as 
much heat as is absorbed by an equal volume of water and, because 
this heat is very slowly evolved, the fused salt is used as a filler for 
foot warmers and many other types of thermophores. Average 
dose— 1.5 Gm. (approximately 22 grains). 

2. Theobromine and Sodium Acetate (Theobromina et Sodii 
Acetas), U. S. P. XIII.— “A hydrated mixture of theobromine 
sodium (C 7 H 7 N 402 Na) and sodium acetate (NaC 2 H 302 ) in approxi- 
mately molecular proportions. It yields not less than 55 per cent 
and not more than 65 per cent of theobromine (C 7 II 8 N 4 O 2 ).” 
The purpose of the sodium acetate in this preparation is to solubilize 
the theobromine by forming a water-soluble double salt. Theo- 
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bromine preparations are effective diuretics which are of particular 
value in cardiac edemas. Avera^je dose-~0.5 (ym. (approximately 
1 \ grains). 

3. Theobromine and Sodium, Acetate Cajmdes (Capsulfe Theobro- 
rniine et Sodii Acetatis), IJ. S. P. XIII.— These capsules “contain 
an amount of theobromine, €7118X402, equivalent to not less than 
53 per cent and not more than 67 per cent of the labeled amount of 
theobromine and sodium acetate, including all tolerances." 

4. 7 heophylline and Sodium Acetate (Theophyllina et Sodii Acetas, 
Theophylline With Sodium Acetate), U. S. P. XIII. — “A hydrated 
mixture of theophylline sodium (C7H7N4()2Na) and sodium acetate 
(NaC2ll802) in approximately molecular proportion. It yields not 
less tlian 55 per cent and not more than ()5 per cent of anhydrous 
theophylline (€7118X402)." This is another double salt of sodium 
acetate in which sodium acetate acts merely to solubilize the thera- 
peutically effective compound. Theophylline is said to be a better 
diuretic than theobromine but, because its action is not as lasting 
and because it exhibits some undesirable side effects, theobromine 
is the preferred drug. Average dose— 0.2 €m. (approximately 
3 grains). 

5. Theophylline and Sodium Acetate Tablets (Tabelhe Theophyl- 
lime et Sodii Acetatis), U. S. P. XIII. —These tablets “contain an 
amount of anhydrous theophylline (€7118X402) corresponding to 
not less than 53 j)er cent and not more than (>7 per (‘ent of the 
labeled amount of theo])hylline and sodium acetate, including all 
tolerances." 

DISODIUM HYDROGEN ORTHOARSENATE.- (See p. 525.) 

SODIUM BICARBONATE 

Sodium Bicarbonate, \ . S. P. XIII 
OXa 

/ 

Formula, XaII€().,; Molecular Weight, 84.02 

\ 

Oil 

Physical Properties.— Sodium Bicarbonate is a white, odorless, 
crystalline (monoclinic) powder. It is stable in dry air, but in 
moist air it slowly decomposes into sodium carbonate, carbon di- 
oxide and water. It has a specific gravity of 2.206. 

One Gm. of Sodium Bicarbonate is soluble in 10 cc. of water at 
25° €. It is insoluble in alcohol. 

Chemical Properties.— When heated, the salt loses water and 
carbon dioxide and is converted into the normal carbonate (1). 

(1) 2XaII€03 - ^ Xa2€03 + II2O + €(>2 j 

1 he above decomposition takes place whether the dry salt or a 
solution of it is heated. It accounts for one of the major difficulties 
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in attempting to sterilize either the dry salt or solutions of it since 
the sodium carbonate solution which remains is much more alkaline 
than the bicarbonate solution and consequently would be dangerous 
to use parenterally. 

Another characteristic reaction of bicarbonate (also carbonates) 
is that carbon dioxide is liberated when treated with acids (2). 

(2) NaHCOs + HA NaA + CO. j + H.O 

IIA = any acid 

The liberated CO. bubbling through the liquid is called effervescence. 
Effervescent tablets and salts make use of the reaction of sodium 
bicarbonate with acids (usually organic acids, e. g., tartaric acid, 
citric acid, etc.), because in the dry state the bicarbonate and acid 
do not react, whereas, when introduced into water a vigorous 
evolution of CO. takes place. 

A discussion of the chemistry of sodium bicarbonate in a book 
dealing with its medical aspects would not be complete without 
mentioning the sodium bicarbonate : carbonic acid buffer system of 
the blood plasma. The normal acid-base balance of the plasma is 
maintained by three mechanisms working together: the buffers of 
the body fluids and red blood cells; the pulmonary excretion of 
excess carbon dioxide; and the renal excretion of cither acid or 
base, whichever is in excess. 

HA 1 :; [A]- + [H]^ 

4 * + 

NallCOi !=; [Na]<- + [HCOj] 

IT it 

NaA HjCOj 

Excreted 
by kidneys 

BOH t:; [OH]- + [B]+ 

4" -f- 

CO, + HoO 1 :; H2CO3 [H]+ -f [HCO3]- 

iT it 

HiO BHCO3 + NaCl ti; NallCOs + BCl 

Excreted 
by kidneys 

Fia. 11. — Meciianism of bicarbonate: carbonic acid buffer system. “A” represents 
a radical of fixed (non-mctabolizablc) acid; “B,” a radical of fixed base. 

Although there are other buffer systems in the plasma, e. g., 
(1) the sodium phosphate : sodium biphosphate system (see p. 207) 
and (2) the proteins, the NaHCOaiH.COs buffer system is by far 
the most important. This buffer system involves an equilibrium 
between sodium bicarbonate and carbonic acid. At a given pH, 
the ratio of the concentrations of the two substances is constant. 
While the workings of the system are complex in detail, they are 
simple in principle. If an excess of acid is liberated in the body, 
it is neutralized by some of the sodium bicarbonate; the excess 
carbonic acid decomposes into water and carbon dioxide and the 
latter is excreted by the lungs until the normal ratio is achieved. 


ti; H 2 O + CO 2 

Excrct(id 

throuKh 
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If an excess of alkali arises in the body, it combines with carbonic 
acid to form bicarbonate, and more carbonic acid is formed from 
carbon dioxide and water to restore the balance. Since carbon 
dioxide is an end-product of the metabolism of all types of food- 
stuff, there is always an abundant supply upon which to draw. 
The situation may be represented as in Figure 11.^ 

Official Tests for Identity. — 1. The salt effervesces when treated 
with acids (2), and the CO 2 which is formed will cause a precipita- 
tion of CaCOa when passed into lime water (contains Ca(0II)2 ) (3). 

(3) Ca(OH), + CO, CaCO:, j -f H,0 

2. A cold aqueous solution of sodium bicarbonate, if pure, will 
not cause phenolphthalein to color red which serves to distinguish 
it from soluble carbonates. Sodium carbonate, for exam})le, colors 
phenolphthalein an intense red. 

3. An aciueous solution responds to all the tests for sodium 
ion {q. V.), 

Commercial Manufacture.— Sodium bicarbonate is made by the 
Solvay Ammonia Soda process which will be described in some 
detail under Sodium Carbonate (p. 170). It can also be made by 
passing carbon dioxide into a very cold, saturated aqueous solution 
of sodium carbonate. On account of its lower solubility in water, 
sodium bicarbonate precipitates (4). 

(4) Na2C03 + ICO + CO 2 -> 2NaHC03 

Pharmaceutical Preparations and Uses.- 1. Sodlvvi Bicarhonate 
(Sodii Bicarbonas, Baking Soda), V. S. F. XIII.— Sodium Bicarbo- 
nate, when dried over sulfuric acid for six hours, contains not less 
than 99 per cent of NaHCO^. Sodium bicarbonate is used medic- 
inally principally for its acid neutralizing properties. It is used 
(a) to combat gastric hyperacidity, (b) to combat systemic acidosis 
and (c) for miscellaneous uses. 

(tt) Because sodium bicarbonate is such a common household 
chemical it is considered by the layman as a rather innocuous 
chemical and, in this way, has become quite popular for treating 
gastric hyperacidity and a multitude of other stomach ailments. 
It is common for the patient to attempt to treat “gas on the stom- 
ach” with sodium bicarbonate or an antacid powder containing it. 
Since the stomach is normally acid and thus reacts with carbonates 
or bicarbonates to liberate gaseous carbon dioxide, it is difficult 
to sec where any benefit can be derived. 

Of more serious consequence than the occasional use for gastric 
upset is its continued use in relatively large doses for the mitigation 
of the pains associated with peptic ulcer. The cause of the peptic 
ulcer is often traced back to the initial use of sodium bicarbonate, 
because sufficiently large doses of sodium bicarbonate will effectively 
neutralize all of the stomach acid and perhaps impart a slightly 

1 Abstracted in part from an article, Alkalosis, Physicians Bulletin, p. 19, pub- 
lished January-February, 1947, by Eli Lilly & Co. 
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alkaline reaction to the gastric fluids. Since the stomach noriiially 
operates at an acid pH this obviously is an abnormal condition. 
Therefore, when the sodium bicarbonate has been eliminated, the 
stomach again secretes acid, but usually in larger amounts than 
were previously found in the stomach. This constitutes what is com- 
monly known as “rebound acidity,” and relief from the excess acidity 
is sought by again using sodium bicarbonate. In this way, a vicious 
cycle may be set up which can end in the formation of a peptic ulcer. 

In spite of the misuses of sodium bicarbonate cited above, the 
drug is of established value in treating gastric hyperacidity, when 
used in controlled doses. 

Oral administration of the drug also causes a lessening of the 
acidity of the urine or may even produce an alkalinizatioii. This 
eftect is of value during the administration of certain drugs to 
increase tlnur efl*ec4iveness or lessen the possibility of their crystal- 
lizing in the kidneys or urinary tract. Notable among these 
drugs is sulfanilamide and its related drugs which are often pre- 
scribed with sodium bicarbonate for the purpose of preventing if 
possible the deposition of crystals of the conjugated sulfa drug in 
the kidney with consequent mechanical injury to that organ. ^ It 
might be pointed out, however, that the trend of opinion seems to be 
that large amounts of fluids ingested during the sulfa treatment 
are more apt to prevent this so-called “ crystal luria” than is sodium 
bicarbonate. More recently, the administration of two or more 
sulfa drugs simultaneously has been quite elfectivc, based on the 
principle that a given volume of liquid will hold more of the two (or 
more) than of any one. In addition to the use of sodium bicarbo- 
nate witn drugs, it has been shown that changing the reaction 
of the urine alternately from acid to alkaline may have a beneficial 
effect in the treatment of certain types of urinary trac^t infections. 

Occasionally, it is found that the simultaneous administration of 
sodium bicarbonate with other drugs inhibits the activity of the 
administered drug. Such a therapeutic incompatibility is found 
in the case of sodium bicarbonate and sodium salicylate- which are 
often prescribed in equivalent amounts, the sodium bicarbonate 
being administered to alleviate the gastric discomfort attendant 
upon oral sodium salicylate administration. The investigators 
found that the administration of sodium bicarbonate and sodium 
salicylate simultaneously in equal amounts greatly retarded the 
rise in the serum salicylate level in contrast to sodium salicylate 
alone which rather quickly brings up the salicylate level. Further- 
more, if a satisfactory salicylate level in the blood is reached by 
sodium salicylate alone, it was found that oral administration of 
sodium bicarbonate would markedly reduce the level. 

(b) Sodium bicarbonate is administered parenterally and orally 
to combat systemic acidosis. Its effect is mainly to increase the 
alkali reserve of the blood and to replace sodium ion in cases of 

' Flippin and Reinhold: Ann. Int. Med., 26, 433 (1946) 

^ J. A. M. A., 125, 1173 (1944) 
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clinical dehydration. Because it could easily be given in excessive 
amounts causing an alkalosis its intelligent use requires that the 
alkali reserve of the blood be determined before its administration. 
Inasmuch as it requires a laboratory analysis to determine the 
alkali reserve of the blood and because it is so difficult to sterilize 
sodium bicarbonate, se\Tral other sodium salts have been suggested 
as replacements, c. g., sodium lactate, sodium citrate, etc. These 
salts are claimed to be superior because the organic portion of the 
molecule is oxidized in the tissues to yield essentially sodium bicarbo- 
nate with the advantage that they can be sterilized and do not tend 
to cause alkalosis. 

(c) When moistened with water, sodium bicarbonate is used as 
a local application for burns, inse(*t bites, etc. It is also commonly 
used as a dentifrice although its taste does not lend itself to this 
purpose very well. Average dose — 2 Gin. (approximately 1^0 grains). 

2. Cliiniofun (Chiniofonuin), U. S. P. Xlll.— This preparation 
contains 7-iodo-8-hydroxyquinoline-5-sulfonic a(‘id, its sodium salt 
and sodium bicarbonate (about 20 per cent). It is required to 
contain not less than 26.5 per cent and not more than 29 per cent of 
iodine (I). The sodium bicarbonate appears in the method of prep- 
aration in which 1 part of sodium bicarbonate is added to 4 parts of 
the sulfonic acid. The reavSon for the presence in this preparation of 
three species of compounds is explained on the basis that in the 
mixing of dry sodium bicarbonate with dry 7-iodo-8-hydroxy(iuino- 
lin(‘-5-suIfoni(* acid there is a small amount of moisture unavoidably 
present which (‘auses a small portion of the ingredients to react. 
Rather than set up spexafic requirements for the three components 
the r. S. W simply states their presence in the monograph. How- 
ever, when dissolved in water, the powder effervesces due to the 
reaction between the acid and bicarbonate and the sodium salt 
forms. It is used in the treatment of intestinal amebiasis. Average 
dose--l (im. (approximately 15 grains). 

3. Corupomid Effervescent Powders (Pulvercs Effervescentes Com- 
positi, Seidlitz Powders), V. S. P. XIII.— These powders come in 
the form of blue papers and whife papers, “ddie mixture in a blue 
paper weighs not less than 9.5 Gm. and not more than 10.5 Gm., 
and contains not less than 23 per cent and not more than 27 per 
cent of NaIIC03, and not less than 73 per cent and not more than 
78 per cent of KNaC4ll406.4H20 (potassium sodium tartrate). 
The white paper contains not less than 2 Gm. and not more than 
2.4 Gm. of II2C4H4O6 (tartaric acid).” These p)Owders are used as 
a mild laxative, the effeet being principally due to the potassium 
sodium tartrate. The reaction between the sodium bicarbonate and 
the tartaric a(*id produces an effervescence of CO2 which adds to 
the general jialatability of the powders. The slight excess of acid 
imparts a pleasant acidulous taste to the preparation. Average 
dose— “The contents of a white and of a blue paper, each dissolved 
in about 60 cc. (2 fluidounces of water), the solutions mixed, and 
administered just after effervescence begins to subside.” 



156 SODIUM AND SODIUM COMPOUNDS 

4. Phenobulfonphthalein Injection (Injectio Phenolsulfonphtha- 
leini), U. S. P. XIII.-This preparation contains among other 
ingredients, 1.43 (im. of NaHCOs per 1000 cc. This may be re- 
placed by 17 cc. of normal NaOH if desired. The sodium bicarbo- 
nate (which changes to sodium carbonate when heated) is used in 
this preparation to convert the water-insoluble phenolsulfonphtha- 
lein (Phenol Red) into the water-soluble sodium salt. Sodium 
hydroxide accomplishes the same purpose. This preparation is 
used as a diagnostic aid in the estimation of renal (kidney) function 
by intravenous or intramuscular injection. Normal kidneys ex- 
crete the drug readily, whereas in cases of iinpaired renal function 
the excretion is slowed up. Average dose of j)henolsulf()nphthalein 
—diagnostic— intravenous or intramuscular, 6 ing. (approximately 
iVgniin). 

5. Effervescnit Potcissium Citrate (Potassii Citras Effervesccns), 
IL S. P. XIII.— Effervescent Potassium Citrate contains 47.7 per 
cent sodium bicarbonate, 20 per cent of potassium citrate, 25.2 per 
cent of tartaric acid and 16.2 per cent of uneffloresced citric acid. 
The amount of sodium bicarbonate is just sufficient to react with 
all of the acid present to bring about effervescence due to liberation 
of CO 2 . Here again its main function is to improve the palatability 
of the preparation by acting as a source of CO 2 . Average dose— 
4 Gm. (approximately 60 grains). For discussion of uses see 
Potassium Citrate (p. 243). 

6. Effervescent Sodium Phosphate (Sodii Phosphas ElTervescens) , 
U. S. P. XIII.— This preparation is analogous to the foregoing 
Effervescent Potassium Citrate except that 20 per cent of exsic- 
cated sodium phosphate (Na 2 HP 04 ) is used in place of potassium 
citrate. It is used as a saline laxative and cathartic (see p. 208). 
Average dose— 10 Gm. (approximately 2^ drachms). 

7. Compound Acetanilid Powder (Pul vis Acetanilidi Compositus), 
N. F. VIII.— This preparation contains 20 per cent of sodium 
bicarbonate. The sodium bicarbonate functions as an antacid. 
Average dose— 0.3 Gm. (approximately 5 grains). 

8. Arsenic and Mercuric Iodides Solution (Liquor Arseni et 
Hydrargyri lodidorum, Donovan’s Solution), N. F. VIII.— It 
requires 9 Gm. of sodium bicarbonate for the preparation of 1000 cc. 
of the finished solution. The reason for the use of sodium bicarbo- 
nate is to reduce the acidity of the solution to approximately 
pll 6.5 to 7.5. At this pH the stability of the preparation is 
greatly increased.^ (For further discussion see p. 406.) Average 
dose— 0.1 cc. (approximately 1^ minims). 

9. Cataria and Fennel Elixir (Elixir Catarite et Foeniculi, Catnip 
and Fennel Elixir), N. F. VIII. — Together with other ingredients 
this preparation contains 1.8 per cent of sodium bicarbonate. This 
preparation is used for its carminative and antacid properties, the 
sodium bicarbonate acting as the antacid. Average dose— for 
infants: 0.5 cc. (approximately 8 minims). 

i Husa: J. A. Ph. A., 21, 211 (1932). 
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10. Saccharated Ferrous Carbonate (Ferri Carbonas Saccharatus), 
N. F. VIIL— This preparation requires 350 Gm. of sodium bicarbo- 
nate for the preparation of 1000 Gm. of Saccharated Ferrous Carbo- 
nate. The function of the sodium bicarbonate is to react with the 
ferrous sulfate to form ferrous carbonate. The bicarbonate is 
used in preference to sodium carbonate because the reaction of the 
former (5, 6) liberates carbon dioxide (which retards oxidation of 
the formed h^eCOa) in contrast to the latter which does not (7). 
(See also p. ()29.) 

(5) FeS04.711.() + NallCO, -> FcCOsl + NaHS04 + 7II2O 

(6) NaIIS04 + NallCOa -> Na^ + IW + CO2T 

(7) FeS04.7Il20 + Na^COs FeCO,i + Na2S04 + 7H2O 

The preparation is used as a hematinic. Average dose —0.25 Gm. 
(approximately 4 grains). 

11 . Mild Mercurous Chloride and Sodium Bicarbonate Tablets 
(Tabelhe Hydrargyri Chloridi Mitis et Sodii Bicarbonatis, Calomel 
aial Soda Tablets), N. F. VH I.— These tablets “contain not less 
than 92.5 per cent and not more than 107.5 per cent of the labeled 
amount of HgCl for tablets containing more than 15 mg., and not 
less than 90 per cent and not more than 110 per cent for tablets 
containing 15 mg. or less of IlgCl.’' (Sec p. 415 for a more extended 
discussion.) Average dose— GO mg. (approximately 1 grain) of 
Mild ]\Ier(;urous Chloride, in tablets usually containing a frac^tion 
of the average dose, 

12. Rhubarb and Soda Mixture (Mistura Rhei et Sod^e), N. F. 
Vni.— This preparation contains 3.5 per cent of sodium bicarbonate 
in the finished product. The sodium bicarbonate is supposed to 
overcome the astringent action (by neutralizing tannic acid) and 
to disguise the taste of the rhubarb. The preparation is used as 
a cathartic and is said to be of some value for children. Average 
dose— 4 cc. (approximately 1 fluidrachm). 

13. Soda and Mint Solution (Liquor Sodai et Mentlue, Mistura 
Sodie et Menthye, Soda Mint), N. F. VIIL— Contains 50 Gm. of 
sodium bicarbonate together with 20 cc. of Aromatic Ammonia 
Spirit dissolved in ciK^ugh spearmint water to make 1000 cc. of 
finished preparation. It is clarified by the use of talc, if necessary. 
The preparation is used as a carminative and antacid preparation. 
Average dose— 8 cc. (approximately 2 fluidrachms). 

14. Sodium Bicarbonate and Calcium Carbonate Powder (Pulvis 
Sodii Bicarbonatis et Calcii Carbonatis, Sippy Powder No. 1), 
N. F. VIIL— The powder contains 77 per cent of sodium bicarbo- 
nate and 23 per cent of calcium carbonate. This is one of the 
powders developed by Dr. Sippy for the treatment of peptic ulcer 
on the theory that healing could be induced by placing the patient 
on a bland diet together with continuous ingestion of a mixture of 
antacid powders. The reduction in stomach acidity then would 
inhibit digestion and acid corrosion of the ulcer. The administra- 
tion of the antacid powders in the quantities advocated by Sippy 
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entails the possibility of incurring systemic alkalosis which am 
terminate fatally unless corrective measures are taken. How ever, 
the success of continuous suppression of the hydrogen-ion concen- 
tration of the stomach in peptic ulcer therapy has led to the dis- 
covery and development of safer and perhaps more effective chemi- 
cals. (See Magnesium Trisilicate, Aluminum Hydroxide, etc.) 
Average dose— 2.6 Gm. (approximately 40 grains). 

15. Sodium Bicarbonate and Calcium Carbonate I ablets (l abellie 
Sodii Biearbonatis et Caleii Carbonatis, Sippy Powder Tablets 
No. 1), N. F. VIIL— These tablets ‘'contain not less than 92.5 per 
cent and not more than 107.5 per cent of the labeled amount of 
NaHCO.j and GaGO.i.” These are simply tablets of Sippy Pow'der 
No. 1 in a convenient form for administration. 

16. Sodium Bicarbonate and Magnesium Oxide Powder (Jhilvis 
Sodii Biearbonatis et Magnesii Oxidi, Sippy Powder No. 2), N. F. 
VIIL— This powder “contains not less than 92.5 per cent and not 
more than 107.5 per cent of the labeled amount of NallCO.s, and 
not less than 90 per cent and not more than 110 per cent of the 
labeled amount of MgO.’' The formula used to prepare it requires 
a fifty-fifty mixture of the two chemicals. It is used as an antacid 
as described under the discussion of Sippy Powder No. 1. Average 
dose— 1.3 Gm. (approximately 20 grains). 

17. Sodium Bicarbonate and Magnesium Oxide Tablets (Tabelhe 
Sodii Biearbonatis et Magnesii Oxidi, Sippy Powder Tablets No. 2), 
N. F. VIIL— These tablets “contain not less than 92.5 per cent 
and not more than 107.5 per cent of the labeled amount of NaHCOa” 
and not less than 90 per cent and not more than 110 per cent of 
the labeled amount of MgO. Again, the tablets arc a convenient 
form in which to administer Sippy Pow^der No. 2. 

18. Sodium Bicarbonate Tablets (Tabelhe Sodii Biearbonatis), 
N. F. VIIL— These tablets contain “not less than 92.5 per cent 
and not more than 1 07.5 per cent of the labeled amoimt of NallCO.^.” 
A convenient form in which to administer sodium bicarbonate. 
The tablets are usually marketed in 5 and 10 grain sizes. Aver- 
age dose— same as for Sodium Bicarbonate. 

19. Compound Sodium Borate Solution (Liquor Sodii Boratis 
Cornpositus, Dobell’s Solution), N. F. VIIL— To prepare 1000 cc. 
of this solution requires 15 Gm. of sodium bicarbonate. Glycerin 
and liquefied phenol are added to an aqueous solution of sodium 
borate and sodium bicarbonate, and the mixture allowed to stand 
half an hour or until effervescenc(‘ ceases. The produ(‘t is made* 
up to volume and filtered. (See also p. 1()4.) For use on mucous 
membranes— undiluted; or for the dental spray bottle, diluted with 
5 volumes of water. 

20. Sodium Citrate Solution (Liquor Sodii Citratis, Mistura Sodii 
Citratis, Potio Riverii), N. F. VIIL— This solution is prepared by 
dissolving sodium bicarbonate in a solution of citric acid contained 
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in a strong bottle (8). As soon as solution is effected the bottle 
' is stoppered. 

(8) C3H4(0II)(C00H)3 + 3NanC03-> C3H4(OII)(COONa)3 + 

3CO2 T + 3H2O 

Sodium Citrate Solution is used as a diaphoretic. (See p. 185.) 
Average dose- 15 cc. (approximately 4 fluidrachms). 

21. Diluted Sodiinn Hypochlorite Solutimi (Liquor Sodii Hypo- 
(Lloritis Dilutus, Modified Dakin’s Solution, Liquor Sodre Chlori- 
natte Chirurgicalis), N, F. VIII.-This solution requires the use of 
sodium bicarbonate to reduce the alkalinity of the solution to 
such a point that it will not cause a red coloration with powdered 
phenolphthalein. For a discussion of the mechanism whereby this 
takes j)lace, see p. 195. It is used as a disinfectant and irrigant 
for wounds. 

SODIUM BIPHOSPHATE 

Sodiin/i lUphosphatCy U. S. P. XIII 

NaO 

\ 

Formula, Nalld^ HoO; H0-P-=0-lIo0. 

HO 

Molecular Weight, 138.01 

Physical Properties.— Sodium Biphospliate occurs in tlic form of 
a, white, crystalline powder or as colorless, transparent rhombic 
prisms. It is odorless and has an acid, saline taste. The salt is 
slightly deliquescent. It crystallizes in the rhombic system with 
1 molecule of water, which it loses at 100 C., and becomes anhy- 
drous. Sodium Biphosphate is very soluble in both cold and hot 
water, but is practically insoluble in alcohol, in chloroform, and 
in ether. 

Chemical Properties.— When the salt is heated to 240^ it is 
(‘oiivertcd into disodium dihydrogen pyrophosphate (1). 

(1) 2NaH2P04 Na2ll2P207 + H..0 

When this salt (Na 2 H 2 r 207 ) is heated to 240° C., it is clnnged into 
sodium metaphosphate (2) and modifications of sodium inetaphos- 
phate, such as NaoP-iOr,, etc., the composition of the latter depending 
upon the conditions of heating. 

(2) NajHsP^O, ^ 2NaP02 + H 2 O 

Although sodium biphosphate is a sodium salt of phosphoric acid, 
it is the result of replacing only one of the hydrogens of orthophos- 
phoric acid with sodium and consequently exliibits acidic properties. 
The acidic properties can be largely attributed to the ionization of 
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JT 2 PO 4 - ( 4 ) which results from the ionization of sodium biphos- 
phate (3). 

(3) NaH 2 r 04 ^ Na+ + IhPOr 

(4) H 2 PO 4 - + H 2 O ^ IW^ + HPO 4 - 

The ionization in equation (4) takes place to approximately the 
same extent as the ionization of hypochloroiis acid (HOCl) or the 
ionization of the first hydrogen in carbonic acid. It is sufficiently 
acid to decolorize phenolphthalein but is not addic enough to turn 
methyl orange yellow. Of course, the IIP 04 ~ is also capal3le of 
ionizing but only to such a small extent that it is*virtually negligible. 
(See p. 12G.) 

Official Tests for Identity . — 1 . Solutions of Sodium Biphosphate 
are acid to litmus paper and effcrves(‘e with sodium carbonate (5). 

(5) 2 NaIIoP 04 + Na 2 C 03 -> 2 Na 2 lir 04 + H.O + CO 2 T 

2. A 1 in 20 solution of sodium biphosphate responds to all of the 
official tests for sodium ion (f/. v.) and for phosphate ion (r/. v.). 

Commercial Manufacture.- When orthophosphoric acid is added 
to a solution of secondary sodium orthophosphate and the solution 
evaporated, monohydrated sodium dihydrogen orthophosphate crys- 
tallizes out in rhombic prisms (G). 

(G) NaoHP 04 + II 3 PO 4 2 NaIl 2 P 04 

Pharmaceutical Preparations and Uses. — 1. Sodium Biphosyhate 
(Sodii Biphosphas, Sodium Dihydrogen Phosphate, IVIonosodiurn 
Orthophosphate, Sodium Acid Phos})hate), U. S. P. XIII.— Sodium 
Biphosphate, when dried to constant weight at IOC C., should 
contain not less than 98 per cent of NalloPOd. This salt is admin- 
istered internally to produce distinctly acid urine. It renders the 
urine acid because when absorbed it tends to disru})t the buffer 
system of phosphates in the blood. However, the kidneys excrete 
the excess phosphate as sodium acid phosphate which accounts 
for the urine acidity. The sodium biphosphate may be alternated 
with sodium bicarbonate for the purpose cited under Sodium 
Bicarbonate (p. 154), i. £?., to cause change of urine reaction from 
acid to alkaline or vice versa. Another important reason for the 
acidification of the urine is to “activate’’ certain antiseptic drugs, 
particularly methenamine. Methenamine itself is not antiseptic, 
but formaldehyde is liberated from it in acidic media. Formalde- 
hyde, of course, is highly antiseptic and thus the methenamine 
combined with an acid urine acts as an antiseptic in the treatment 
of cystitis and other urinary tract infections. 

Technical grades are used in some baking powders. Average 
dose— 0.6 Gm. (approximately 10 grains). 

2. Methenamine and Sodium Biphosphate 1' ablets (Tabellae Meth- 
enaminse et Sodii Biphosphatis, Tablets of Methenamine and Acid 
Sodium Phosphate), N. F. VIII.— These tablets “contain not less 
than 92.5 per cent and not more than 107.5 per cent of the labeled 
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amounts of (CH2)6N4 and of NaH2P04.H20” and are a convenient 
way of administering sodium biphosphate with methenamine. 
However, the best way to administer the sodium biphosphate is 
midway between doses of methenamine. 

SODIUM BORATE 

Sodium Borate, U. S. P. XIII 
Formula, Na2B407. IOIT2O. Molecular Weight, 381.43 

Physical Properties.— Sodium borate occurs as colorless, odorless, 
transparent, monoclinic crystals. It has a sweetish, alkaline taste, 
and effloresces in warm, dry air. Its specific gravity is 1.694 
(17° C.). 

One Gm. of sodium borate is soluble in 16 cc. of water and in 
about 1 cc. of glycerin, at 25° C. One Gin. dissolves in about 1 cc. 
of boiling water. It is insoluble in alcohol. 

Chemical Properties.— When sodium borate is heated, it loses part 
of its water of h^^dration and swells to a white, porous product. 
When the heat is increased to redness, the remainder of the water 
is expelled and the salt fuses to a colorless liquid, which on cooling 
forms a transparent mass known as borax glass or bead. If the 
formula for sodium tetraborate is written (NaB02)2.B203 it will 
be noted that a considerable excess of boric anhydride (B2O3) is 
present. This may unite with basic oxides to form mixed metabo- 
rates (1). These usually have a characteristic color and are used 
in qualitative analysis to test for various cations. 

(1) (NaB02)2.B203 + CuO -> (NaB02)2.Cu(B02)2 

An aqueous solution of sodium borate is distinctly alkaline to 
litmus paper and to phenolphthalein T.S. This is accounted for 
by the fact that sodium tetraborate is hydrolyzed by water into 
sodium metaborate and boric acid (2), and the former is further 
hydrolyzed to sodium hydroxide and boric acid (3). Dilution 
increases the hydrolysis. 

(2) Na2B407 + 3H.0 ^ 2NaB02 + 2H3BO3 

(3) NaB02 + 2PI2O ^ NaOH + H3BO3 

That the hydrolysis takes place as described above can be demon- 
strated by adding silver nitrate T.S. to a saturatea solution of 
borax. White silver metaborate is precipitated (4). On the other 
hand, when silver nitrate T.S. is added to a very dilute solution of 
borax, silver oxide (black) is precipitated (5). 

(4) NaB02 + AgNOs AgB02 i + NaNOs 

(5) 2NaOH + 2AgN03 -> Ag20 i + 2NaN03 + H2O 

When acidified, aqueous solutions of sodium tetraborate will 
deposit crystals of boric acid (6). 

(6) Na2B407 + II2SO4 + 5H2O -> Na2S04 + 4II3BO3 i 
11 
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Official Tests for Identity.- 1 . Turmeric paper is colored reddish- 
brown by an acidulated (HCl) aqueous solution of so^um tetrabo- 
rate. If the dried paper is moistened with ammonia 1 .b. the color 
changes to greenish-black. This is a general test for borates. 

2. When the salt is treated with sulfuric acid, methanol added, 
and the mixture ignited, it burns with a green-bordered flame. 1 his 
is a general test for borates, and depends first upon the formation of 
boric acid according to equation (6), followed by the esterification of 
the boric acid with the methanol (7) to form trimethylborate wliicli 
burns with a green flame. 

(7) H3BO3 + 3 CII 3 OII (CU-OSOa + 3 II 2 O 

Commercial Manufacture. -Ninety per cent of the world supply 
of borax is said to be manufactured by two American companies.^ 
One of the companies uses the brine obtained from Searles Lake, 
which is a deposit of various salts Avith brine filling in the spaces 
between the crystals. The brine is pumped to the plant and con- 
centrated to obtain deposits of the various chemicals. Potassium 
chloride is the first salt obtained. Since the mother liquor from it 
is nearly saturated with borax, cooling of the solution in a vacuum 
crystallizer yields crude borax. The crude borax, when recrystal- 
lized, constitutes commercial borax. 

The other company has been working mainly with borax minerals. 
Until recently, this firm used colemanite (CaoBGOn. SHoO) as its 
raw material. "Phis mineral occurs in immense deposits in California 
(Death Valley). According to a U. S. patent by Bayley,- the mineral 
is mixed with sodium sulfate and heated to redness (8), but not to 
fusion, in a rotary furnace. After the mass has cooled, the borax 
is dissolved in water and allowed to crystallize. 

(8) 2Ca2B60n + 3 Na 2 .S 04 3CaSO.i + CaO + 3 Na. 2 B 407 

"Fhe mineral horocalcife, CaB.i()7.4Il20, is also converted into borax 
by this method (9). 

(9) CaB 407 . 4 n 20 + Na 2 S 04 Na>B 407 + CaSCb + 4H.,0 

The action of sodium carbonate upon colemanite forms borax, 
sodium hydroxide, and calcium carbonate (10). 

(10) 2Ca2B60ii + 4 Na 2 C 03 + II 2 O — > 3 Na 2 B 407 + 2NaOII -f 

4CaC03 

Recently, however, a large deposit of rasorite (Na 2 B 407 . 4 H 20 ) 
has been discovered in California and has replaced colemanite as 
the raw material. The rasorite is dissolved in water by heat and 
pressure, filtered, and a pure borax (11) is crystallized out. 

(11) Na2B407.4il20 + ()Il20->Na2B407.10n20 

^ Badger and Baker: Inorganic Chemical Technology, 2nd ed., p. 213, McGniw- 
Hill Book Co. 

2 Chas. G. Yale, Chem. Zeit. 43, 29 (1905). 
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Pharmaceutical Preparations and Uses.—l. Sodium Borate (Sodii 
Boras, Borax, Sodium Tetraborate, Sodium Biborate, Sodium Pyro- 
borate), U. S. P. XIIL-- Sodium Borate “contains not less than 
52.3 per cent and not more than 54.9 per cent of Na 2 B 407 corre- 
sponding to not less than 99 per cent of Na>B 407 • lOH^O.” 
This salt is not used internally to any extent because it has been 
shown to be of no value in the treatment of such diseases as cystitis 
or (with bromides) epilepsy. Although borax is a fair antiseptic, 
its use in food products as a preservative has been prohibited by 
the Food and Drug Administration on the grounds that it is too 
toxic for internal use. 

Sodium borate is used externally, however, for (1) eye-washes in 
1 to 2 per cent concentrations and (2) as wet dressings for wounds. 
It is claimed that its action is more bacteriostatic than bactericidal. 

Borax is used for “softening” water. It is employed in making 
hard glass, glazes and enamels. Because it forms fusible salts with 
oxides of many metals, the calcined salt is used extensively as a 
flux in welding and soldering. 

2. Rose Water Ointvicnt (Unguentuin Aqiue Roste), U. S. P. 
XIIL— In addition to other ingredients this ointment contains 
0.5 per cent of sodium borate. The solution of borax is alkaline 
and hence saponifies a part of the expressed oil of almonds also 
present, making a whiter finished preparation. It is used as a 
“ skin food ” and cold cream, and on occasion as a base for medicated 
ointments. 

3. Alkaline Aromatic Solution (Liquor Aromaticiis Alkalinus), 
N. F. VIII. —Twenty (rin. of sodium borate are used in the prepara- 
tion of 1000 cc. of the finished preparation, togctlier with 100 cc. of 
glycerin and 20 (Im. of potassium bicarbonate. Because the 
sodium borate forms boric acid when dissolved in water (2), and 
because boric acid reacts with glycerin to form a monobasic acid 
(see Boric Acid, p. 100) the reactions which take place in manu- 
facturing this preparation can probably lie expressed by the fol- 
lowing equations (12, 13): 
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This preparation closely resembles the proprietary preparation 
“glycothymoline/' It is used as a nasal douche or as a gargle. 
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For oral use — undiluted; or, for use in a dental spray bottle, dilute 
with 5 volumes of water, 

4, Compound Sodium Borate Solution (Liquor Sodii Boratis Com- 
positus, Dobell’s Solution), N. F. VIII.— This solution requires 

15 Gm. each of sodium borate and sodium bicarbonate together 
with 3 cc. of liquefied phenol and 35 cc. of glycerin to make 1000 cc. 
of the preparation, the solution being made up to volume with dis- 
tilled water. The reactions which take place here are probably 
the same as those taking place above (in Aromatic Alkaline Solu- 
tion) with the exception that sodium bicarbonate is used in place 
of potassium bicarbonate. This solution is used as an alkaline 
antiseptic although the concentrations of active ingredients are 
hardly sufficient to make them effective. Because of its non- 
irritating properties it is particularly valuable for use on mucous 
membranes. Hie mixed ingredients can be purchased in tablet 
form. These are convenient in preparing small quantities of the 
solution. For use on mucous membranes— undiluted; or, for the 
dental spray bottle, diluted with 5 volumes of water. 

SODIUM BROMIDE , 

Sodium Bromide, U. S. P. XIII 
Formula, NaBr, Molecular Weight, 102.91 

Physical Properties.— Sodium Bromide occurs in colorless or white 
cubical crystals, or as a white, granular powder. It is odorless and 
has a saline, slightly bitter taste. Sodium bromide slowly takes up 
moisture from the air without deliquescing. At temperatures below 
30° C. the salt crystallizes with 2 molecules of water of hydration 
in the inonoclinic system. At temperatures above 30° C., it forms 
anhydrous crystals belonging to the regular system. These facts 
probably account for its property of absorbing moisture from the 
air without deliquescing. Its specific gravity is about 3.014. 

One Gm. of Sodium Bromide dissolves in 1.1 cc. of water and in 

16 cc. of alcohol, at 25° C. One Gm. is soluble in 0.8 cc. of boiling 
water and in 11 cc. of boiling alcohol. 

The salt melts at 768° C., and at higher temperatures is slowly 
volatilized with partial decomposition. 

Chemical Properties. — Inasmuch as the chemistry of the sodium 
ion has been discussed (g. v,), it only remains to consider the 
chemistry of the bromide ion to clarify the chemistry of sodium 
bromide. 

The bromide ion, in general, is easily oxidized by molecular 
chlorine (CI 2 ) to free bromine (Br 2 ). This follows the general rule 
that halogens will displace other halogens of greater atomic weight 
from their binary salts (1). Other substances such as potassium 
permanganate, nitric acid and concentrated sulfuric acid will also 
oxidize bromides and liberate bromine. 

(1) 2NaBr + Cb 2NaCl + BraT 
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The bromide ion may he precipitated as an insoluble bromide by 
soluble salts of Ag, Hg(ous), Cu(ous) and Pb(ic). For example, 
sodium bromide solution will yield a precipitate of silver bromide 
with silver nitrate (2). 

(2) NaBr + AgNO, - > AgBr j + NaNO, 

Sodium bromide is the salt of a strong acid and a strong base 
and, therefore, when in solution it is not appreciably hydrolyzed. 
This accounts for the fact that it is neutral or only slightly alkaline 
when in solution. The slight alkalinity may be accounted for by the 
fact that hydrobromic acid is weaker as an acid than sodium 
hydroxide is as a base. This slight alkalinity is sometimes held to 
be the cause of precipitation of alkaloids from concentrated solu- 
tions of sodium bromide. 

Official Tests for Identity. — 1. The salt responds to all of the tests 
for Sodium ion {q. v.). 

2. It also responds to all of the tests for Bromide ion. 

A. The addition of chlorine T.S., dropwise, liberates bromine 
from aqueous solutions of sodium bromide (1). By shaking the 
aqueous solution containing the liberated bromine with a small 
amount of chloroform the bromine may be dissolved from the water 
and will show up in the chloroform as a red to reddish-brown color. 

B. Solutions of sodium bromide will precipitate AgBr (2) with 
a silver nitrate T.S., the precipitate being insoluble in nitric acid, 
but slightly soluble in ammonia T.S. 

Commercial Manufacture.- Most of the sodium bromide made 
commercially is prepared by adding a slight excess of bromine to a 
solution of sodium hydroxide to form a mixture of bromide and 
bromate (3). 

(3) GNaOII + 3Br.> SNaBr + NaBrO^ + 31^0 

The reaction mixture is evaporate d to dryi.ess and the solid residue 
is reduced with carbon to convert the sodium bromate to sodium 
bromide (4). 

(4) NaBrOa + 3C ~> NaBr + 3C0T 

As will become increasingly apparent, this general method is used 
to advantage in the preparation of other bromides from bromine, 
and of iodides from iodine. 

Searle's Lake brine is said to be a potential commercial source 
of sodium bromide, although the principal production scheme is 
built around the recovery of potassium chloride and borax. ^ 

Pharmaceutical Preparations and Uses. — l. Sodium Bromide (Sodii 
Bromidum), U. S. P. XIII.— Sodium Bromide, when dried at 110'^ C. 
for six hours, contains not less than 99 per cent of NaBr. Sodium 
bromide is used solely for the effect of the bromide ion, namely as 
a sedative (see^^^l). It has been recommended by some that 

^ Robertson, G. Ross. Expansion of the Trona Enterprise, J. Ind. and Eng. Chem., 
34 , 133 ( 1942 ) 
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sodium bromide be substituted for ull other bromides iniismiu li us 
it provides the action of the bromide ion in a relatively non-toxic 
form. Whether this suggestion is worthwhile is debatable. Aver- 
age dose— 1 (m. (approximately 15 grains). 

2. Five Bromides Elixir (Elixir Ilromidorura Quinque), N. F. 
VIII. -This elixir contains 8.7 per cent of sodium bromide together 
with varying concentrations of potassium, calcium, lithium and 
ammonium bromides as the active sedative components. Average 
dose— 4 cc. (approximately 1 fluidrachm). 

.3. Bromides Syrup (Syrupiis Bromidorum), N. F. VIJ I. — Bro- 
mides Syrup contains 8 per cent of sodium bromide together with 
the ^me bromides as found above in Five Bromides Elixir but in 
slightly different amounts. Average dose — 4 cc. (approximately 
1 fluidrachm). 

4. Three Bromides Elixir (Elixir Bromidorum Trium), N. F. 
\TII.— This elixir contains 8 per cent each of sodium, potassium 
and ammonium bromides. Average dose— 4 cc. (ai)proximatel.\' 
1 fluidrachm). 

5. 'Three Bromides Tablets (Tabcllas Bromidorum Trium, Triple 
Bromides Tablets), N. F. VIII.— These tablets “ (consisting of am- 
monium bromide, potassium bromide, and sodium bromide in equal 
proportions) show a content of bromine not less than 70 per cent 
and not more than 81 per cent of the labeled amount of total 
bromides, including all tolerances. The tablets show a content 
of ammonium bromide not less than 30.8 per cent and not more than 
35.8 per cent of the labeled amount of total bromides.” Average 
dose— 0.3 (ini. (approximately 5 grains) each of Aminoniurn Bro- 
mide, Potassium Bromide, and Sodium Bromide. 

6. Sodium Bromide Elixir (Elixir Sodii Bromidi), N. F. VIII.— 
This elixir ‘‘contains, in each 100 cc., not less than 16.5 Gm. and 
not more than 18.5 Gm. of NaBr.” Average dose— 4 cc. (approxi- 
mately 1 fluidrachm). 

7. Sodium Brermide Tablets (Tabellie Sodii Bromidi), N. F. VIII. 
—These tablets “ contain not less than 92.5 per cent and not more 
than 107.5 per cent of the labeled amount of NaBr.” Average dose 
— 1 Gm. (appro.ximately 15 grains) of Sodium Bromide. 

SODIUM CACODYLATE. (See p. 527.) 

SODIUM CARBONATE 

Monohydrated Sodium Carbonate, U. S. P. XIII 

Formula, NaaCOj.HjO. Molecular Weight, 124.02 

Physical Properties.— Monohydrated Sodium Carbonate is a white, 
orthorhombic, crystalline or granular powder. It is odorless and 
has a strong alkaline taste. The salt absorbs a small amount of 
moisture from the air, but in warm, dry air at 50° C. or above it 
effloresces, becoming anhydrous at 100° C. Anhydrous sodium 



SODIUM CARBONATE 


\i\7 


carbonate melts at 853° C., at which temperature it loses a small 
quantity of carbon dioxide. It is decomposed at very high tem- 
peratures. 

One Gm. of Mcmohydrated Sodium (Carbonate dissolves in 3 cc. 
of water and in 7 cc. of glycerin, at 25° C. One (bn. is soluble in 
1.8 cc. of boiling water. It is insoluble in alcohol. 

Chemical Properties.— The chemistry of sodium carbonate may be 
(K)nsidered advantageously in three major divisions, namely, (a) 
hydrolysis reactions, {h) hydration and (c) other reactions. 

(а) Sodium carbonate, when dissolved in water imparts a highly 
alkaline reaction to the water as (‘viden(*ed by the fa(b that the 
pll of a molar solution is !].(>. This is due to the hydrolysis 
which takes ])lace in aqueous solutions of it. The hydrolysis is due 
to the fact that the carbonate ion is a fairly strong base (see Lowry- 
Hrorsted Goncept of Acids and Bases, p. 34) (1). 

(1) ("0."= + llOII ^ II(X).r + oil- 

A further hydrolysis takes place (2) to a lesser extent wherein 
another mole of 011“ is formed. 

(2) IKTV- + lion ^ I1,(X), + OII- 

The accumulation of OII~ accounts for the alkalinity exhibited by 
the solution. 

(б) Sodium carbonate is interesting from the standpoint that it 
forms at least 3 well-characterized hydrates besides the anhydrous 
salt. These are: 

1. Monohydratc = Na^GO.s. lIoO 

2. Ileptahydrate = NaiGOa.THiO 

3. Dekahydratc = NajGO.}. lOILiO 

iMgure 12 shows graphically the forms which are in equilibrium 
with the saturated solution at different temperatures. 

At temj)eratures above 35° G. a saturated solution will deposit 
only the monohydrated form. If the hot saturated solution is 
allowed to cool in an atmosphere free of dust it is often possible 
to obtain the heptaliydrate crystals. However, if the solution 
cools below 33° Ck the dekahydrate forms because the heptahy- 
drate is more soluble than the dekahydrate. It is interesting to 
note that the maximum solubility of sodium carbonate is at ap- 
proximately 35 °C. 

(Commercial anhydrous sodium carbonate is known as soda a.s7?, 
whereas the dekahydrate is commonly known as sal soda, washing 
soda, or soda crystah. The dekahydrate is prone to effloresce under 
conditions of storage. Efflorescence is the term used to denote the 
loss of water of crystallization from a compound at room tem- 
perature. It is explained on the basis that every salt containing 
water of crystallization has a certain vapor pressure. If the vapor 
pressure exerted by the water of crystallization is greater than 
that exerted by the moisture in the air then the compound will 
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lose water to the air until equilibrium has been established or until 
all available water is gone. 

(f) Sodium carbonate enters into niany reactions such as neti- 
tralizatixm, dmble decomposition, precipitation and saponification. 

Sodium carbonate, in solution or in the solid form, is capable oi 
neutralizing acids with the formation of a salt, CO2 and H2O (d). 

(3) Na^CO, + 2HA 2NaA + H2O + CO.> T 

(HA = any acid) 

Cold solutions of sodium carbonate, when treated with carbon 
dioxide will form the bicarbonate (3a), which may be regarded 
as essentially a half neutralization of sodium carbonate with car- 
bonic acid (formed by interaction of CO2 + H«0 ^ Ih/ O.i). 

(3a) Na^CO:, + CO, -|- II2O 2NaIICO, 



Fig. 12.— Solubility Curve for Sodium Carbonate, (Reprinted by permission from 
Synthetic Inorganic Chemistry, by Blanchard, Phelan and Davis, published by John 
Wiley & Sons, Inc.) 


Sodium carbonate is used in qualitative analysis because of its 
ability to decompose difficultly soluble precipitates such as BaS04, 
PbS04, CaS04 and SrSO;. For example, barium sulfate is decom- 
posed (although with difficulty) by boiling or fusing it with sodium 
carbonate (4). 

(4) BaS04 + NasCOa BaCO.l + Na,S04 
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Although BaS04 is difficult to decompose, the other sulfates men- 
tioned are almost completely decomposed by this treatment. 

Since the only normal carbonates which are freely soluble are 
those of the alkali metals and ammonium, it is possible to use 
sodium carbonate, for example, as a reagent to precipitate the 
insoluble carbonates of the other metals. Thus, we find that silver 
nitrate, and also barium chloride, form insoluble carbonates with 
an aqueous solution of sodium carbonate. Although this might 
seem to be the case with mercuric chloride, this does not occur, 
inasmuch as mercuric chloride T.S. when added to an aqueous solu- 
tion of the salt immediately {)recipitates a reddish-brown precipitate 
of a basic salt (5). 

(5) 3lIgCl, + 2Na,C^O, 4NaCl + 2rO,t + HgCl,(IIgO)4 

Because sodium carbonate is alkaline in solution it is used to 
some extent as a saponifying agent for fats and oils both in pharma- 
ceutical practice and elsewhere. Tor example, a fat such as stearin^ 
which is a gl}Teryl ester of a fatty a(;id, will be hydrolyzed or 
saponified by sodium carbonate (see also Sodium Hydroxide, p. 189) 
to yield glycerin and a soap (a metallic salt of a fatty acid; in this 
case the sodium salt). This saponifying action of sodium carbonate 
has lead to the use of its preparations as detergents for removing 
grease in many industrial operations. Often, however, the alkalin- 
ity imparted by the sodium carbonate is too high. In these cases, 
it is possible to purchase various admixtures of the sodium 
carbonate with sodium bicarbonate which are less alkaline. One 
common preparation of this type is sodivm seK^quicarhonate , 
Na2CO3.NaHCO3.2H2O. 

Official Tests for Identity.— 1 . A solution of Monohydrated Sodium 
Carbonate (1 in 10) is strongly alkaline to litmus paper and to 
phenolphthalein T.S. for the rea.sons cited under ‘^Chemical Proper- 
ties.” This distinguishes it from sodium bicarbonate which either 
does not color phenolphthalein or does so only slightly. 

2. The salt responds to all of the tests for Sodium {q. v.), 

3. The salt responds to all of the tests for Carbonate ion: Sodium 
carbonate eflervesces with acids (3) to liberate CO2 which will cause 
a i)recipitate of calcium carbonate if passed through lime water (6). 

(0) Ca(OH)2 + CO2 -> CaC03 i + H,0 

Commercial Manufacture.— Sodium carlonate is or has been ob- 
tained by (1) the LeBlanc Process, (2) the Cryolite-Soda Process, 
(3) the Solvay Process, and (4) recovery from natural brine. 

1. LeBlanc, in 1790, devised a method for converting salt into 
sodium carbonate. Up to this time the world supply of alkali 
was from natural sources or from wood ashes. Although this 
method was never introduced into the United States it attained 
great popularity in Europe and during the nineteenth century was 
responsible for practically the world’s supply of alkali. The follow- 
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iiig general reactions are thought to occur in the lurnace (commonly 
known as a '' black^ash” furnace) (7, 8). 

(7) Na,S04 + 2C NasS + 2 CO 2 1 

(8) NaoS + CuCO, -> Na2(:03 + (^aS 

Salt cake, obtained in the manufacture of hydrochloric acid (see 
p. 110), limestone crushed to about the size of “pea coal, and 
finely crushed coal constitute the raw materials. After being 
heated in the furnace, the product, known as ''black a.s7?,” is cooled 
and lixiviated in a series of tanks arranged so as to permit of con- 
tinuous extraction. When concentrated, the solution deposits sal 
soda (‘rystals (sometimes known as " black salt).'' These are then 
calcined to rid them of water, organic; matter, etc., and then ground 
in mills. 

This process is obsolete because it has been superseded by the 
Solvay process which is more economical and produces a much 
purer product. 

2. Cryolife-soda Process.— Soda may be obtained from a mineral 
known as cryolite, a double fluoride of sodium and aluminum 
(AlFa.BNaF), which occurs in large (piantities in Denmark and in 
the southern part of Greenland. In the early part of the nineteenth 
century, Julius Thomsen, a Dane, first considered this mineral as a 
possible source of sodium carbonate. In 1854 he obtained the 
exclusive right to mine the cryolite and work it up into soda. He 
later sold his rights to an American company. 

To obtain sodium carbonate the finely powdered mineral is mixed 
with limestone and calcined at red heat in a reverberatory furnace 
(9). The mass is never allowed to fuse on a(;count of the difficulty 
encountered in the subsecpient lixiviation of su(;h a mass. After 
lixiviation, the solution is carbonated with carefully washed lime- 
kiln gases (10). During the carbonation the solution is kept hot, 
thereby assuring a granular precipitate of aluminum hydroxide, 
from which it is comparatively easy to wash out the soda. Solutions 
at ordinary temperature yield a gelatinous precipitate of aluminum 
hydroxide which is practically impossible to handle. The solution of 
sodium carbonate is evaporated and the salt allowed to crystallize. 

(9) AlFs.SNaF + SCaCOs NasAlO.^ (soluble) -f 3CaF> -f 

3COo I 

(10) 2Na3A103 + 3 CO 2 + 3 II 2 O 3Na2C03 + 2A1(()II)3 i 

This process is likewise obsolete having been replaced by the Solvay 
Process. 

3. Solvay Ammonia-soda Process.— In 1838, H. G. Dyar and 
J. Hemming took ou^* an English patent for making sodium car- 
bonate by means of a reaction well known at that time (1 1 and 12). 

( 11 ) NaCl + NH 4 HCO 3 -> NaHC 03 + NII 4 CI 

(12) SNaHCOs + heat — > Na 2 C 03 + CO 2 j +II 2 O 
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Jn 1803, Ernest Solvay, a Belgian, began to develop a comrnereial 
method for making sodium carbonate from sodium chloride, ammo- 
nia, and carbon dioxide. Although unfamiliar with most of the 
previous work that had been done upon it, he overcame the mechani- 
cal difficulties and made it a commercial success in 1873. Since that 
time it has heen growing in importance until at present most of the 
world’s sup])ly of soda is made by the Solvay process. 

In brief, the process consists in passing carbon dioxide, which 
has been prepared either by burning limestone using coke or by 
calcining sodium bicarl)onate (13) (16), into ammonium hydroxide 
to form ammonium bicarbonate (14). When the latter is mixed with 
a solution (jf s( diuni chloride, sodium bicarbonate is precipitated and 
ammonium chloride remains in solution (15). The sodium bicarbo- 
nate is collected and then calcined and the evolved carbon dioxide 
is cooled and used over again (16). The ammonium chloride is 
treated with milk of lime (17) and the evolved ammonia is led back 
into the system (18). The solution of calcium chloride so formed 
is usually run to waste or evaporated for commercial uses. 

(13) CaC Oa — > CaO -f- CO2 

(14) NIEOH + (’()> ^ NH4HCOa 

(15) NaCl + NH4IICO3 NallCOa j + NH4CI 

(16) 2NaII(X:)a II 2 O + CO 2 + Na 2 C 03 

(17) CaO + ICO ^ Ca(OII)2 

(18) Ca(OH )2 “h 2NII4C 1 CaC Lj “h 2 NII 3 -T 2 II 2 O 

In the actual process, the number of required steps is less than 
the foregoing equations would indicate, because the sodium chloride 
solution (brine) is hrst saturated with ammonia and then carbon 
dioxide passed through the mixture (14) and (15). At a lowered 
temperature sodium bicarbonate separates out. It will be noted 
that the reaction (15) betw^een the sodium chloride and ammonium 
bicarbonate is a reversible one. Therefore, the reaction can never 
go to completion, although it can be driven in the desired direction 
by having an excess of sodium chloride present. 

Although the reactions involved in the Solvay Process are usually 
represented as above, there is some disagreement^ as to the exact 
mechanism whereby the end-product is reached. In brief, it is 
pointed out that the supposition of ammonium bicarbonate as an 
intermediate is irrational because (1) ammonium bicarbonate is 
just as sparingly soluble as sodium bicarbonate in the mother 
liquors and would itself be precipitated, and (2) such a reaction 
would be endothermal, whereas the actual reaction is exothermal. 
The suggested mechanism is as follows (19, 20, 21): 

(19) 2NII3 + CO2 + HoO ^ (NIl4)2C03 

(20) (NIl4)oC03 + 2NaCl ^ Na.CO., + 2NH4CI 

(21) Na2C03 + CO2 + II2O ^ 2NaIIC03 i 

^ See Mellor’s Modern Inorganic Chemistry, revised edition by Parkes and Mellor, 
Longmans, Green & Co., p. 55S. 19.39. 
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Pharmaceutical Preparations and Uses. — 1. Monoliydrated Sodiuvt 
(Sodii Carbonas Monohydratus), U. S. P. XIII.— Mono- 
hydrated Sodium Carbonate, when dried at 110° C. to constant 
weight, contains not less than 99.5 per cent of NaoCO^. Ihis is 
the only sodium carbonate which is official, although the anhydrous 
form is I’equired as a buffer in Sterile Thiopental Sodium. Sodium 
carbonate may be given internally for the same conditions for 
which sodium bicarbonate is employed. However, it is seldom used 
because of its marked alkalinity and irritating properties. Solutions 
of sodium carbonate are employed as lotions in certain skin diseases, 
such as scaly eruptions, psoriasis, etc. They tend to dissolve skin 
oils and also the horny matter on the skin surface thus softening 
the skin. 

This salt is used more for its alkalinity in making various pharma- 
ceutical preparations than it is in therapy. 

2. Sterile Thiopeiital Sodium (Thiopentalum Sodicum Sterile, 
Sterile Thiopentone Soluble), U. S. P. XIIL— “Sterile Thiopental 
Sodium is a mixture of thiopental sodium with anhydrous sodium 
carbonate as a buffer. It contains not less than 84 per cent and 
not more than 87 per cent of thiopental (CnHisN-iO.S), calculated 
on a moisturc-frec basis, corresponding to not less than 91.7 per 
cent of CiiHi7N202SNa.’' Since anhydrous sodium carbonate is 
not official except as a reagent, this preparation is considered here. 
It is used for its hypnotic effect and is usually administered intra- 
venously. During World War II this drug was a favorite anesthetic 
in the warm countries where the gaseous anesthetics were difficult 
to administer. It was frequently referred to as the “needle anes- 
thetic.” Average dose— for anesthesia—to be determined by the 
physician according to the needs of the patient. 

3. Ferrom Carbonate Mass (Massa Ferri Carbonatis, Vallet’s 
Mass), N. F. VIII. — “Ferrous Carbonate Mass contains not less 
than 36 per cent and not more than 41 per cent of FeCO;i.” The 

N. F. requires 460 Gm. of Monoliydrated Sodium Carbonate to be 
reacted with 1000 Gm. of Ferrous Sulfate to prepare 1000 Gm. of 
the finished product. The function of the sodium carbonate is, of 
course, to furnish the carbonate ion for the synthesis of ferrous 
carbonate. (For a further discussion see Ferrous Carbonate, p. 682.) 
Average dose— 0.6 Gm. (approximately 10 grains). 

4. Nitromersol Solution (Liquor Nitromersolis), N. F. VIIL — 
The preparation of 1000 cc. of this solution requires the use of 
4.25 Gm. of Monohydrated Sodium Carbonate together with 

O. 4 Gm. of sodium hydroxide. These two alkalies are used to dis- 
solve the water-insoluble Nitromersol by opening its anhydride ring 
and forming the sodium salt which is water-soluble. The N. F. 
cautions: ''Dilutions of Nitromersol Solution should be prepared as 
needed as they tend to precipitate upon standmg.'' This preparation 
is an efficient antiseptic. 

5. Solid Soap Liniment (Linimentum Saponis Spissum, Campho- 
rated Soap Liniment, Solid Opodeldoc), N. F. VIIL— Ten Gm. of 
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Monohydrated Sodium Carbonate are required together with other 
ingredients to prepare 1000 cc. of the finished product. The 
sodium carbonate reacts with the stearic acid present to form the 
sodium stearate (22) soap. 

(22) 2HCi8ll3rA + Na,C03 2NaCi8n350. + H.O + CO 2 T 

(Stearic acid is a mixture of stearic and palmitic acids, but the 
above will suffice to explain the reaction.) This preparation is 
used externally as a liniment, since it has rubefacient and irritant 
properties. 

SODIUM CHLORIDE 

iiodimn Chloride, U. S. P. XIII 
Formula, NaCl. Molecular Weight, 58.45 

Physical Properties. — Sodium Chloride occurs in the form of 
colorless, transparent, cubical crystals, or as a white crystalline 
powder. When crystallized from dilute solutions it forms hollow 
quadratic pyramids. When saturated solutions of sodium chloride 
are cooled to —10° C., large monoclinic tablets of NaC1.2H20 sepa- 
rate out. At 0° C. these tablets lose water and are converted into 
cubes. The salt is odorless, has a saline taste, and a specific gravity 
of 2.163. Usually it is slightly hygroscopic, due to the presence of 
small amounts of magnesium or calcium chloride. 

Sodium chloride is only slightly more soluble in boiling water 
than it is in cold water, 1 (im. dissolving in 2.8 cc. of water at 
25° C. and in 2.7 cc. of boiling water. One Gm. is soluble in 10 cc. 
of glycerin, at 25° C. It is slightly soluble in alcohol and insoluble 
in hydrochloric acid. 

When heated somewhat above 100° G., the salt decrepitates 
because of the evaporation of the interstitial water enclosed by the 
small crystals. It fuses at about 804° C., boils at 1413° C., and 
at white heat slowly volatilizes with partial decomposition. 

Chemical Properties.— Most of the chemical properties of sodium 
chloride, which are of importance pharmaceutically, may be attrib- 
uted to the chloride ion. 

Chlorides of almost all of the metals are water-soluble with the 
notable exception of AgCl, IlgCl and PbCIo. Therefore, solutions 
of sodium chloride will produce precipitates with soluble silver, 
mercurous, and lead salts (1). 

(1) NaCl + AgN 03 Ag(l j + NaN 03 

Sodium chloride reacts readily with fixed acids such as sulfuric 
(2) and phosphoric acids to liberate hydrogen chloride. This, of 
course, is the basis for the preparation of hydrochloric acid from salt 
(see p. 110). 

(2) 2NaCl + II2SO4 2HC1 + Na 2 S 04 
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Sodium chloride is rather easily oxidized to liberate free chloriiie, 
the oxidation being carried out either chemically or electrolyhcally. 

The chemical oxidation of sodium chloride may be illustrated by 
the addition of concentrated sulfuric acid and MnOj to the chloi ide 
( 3 ) to liberate free chlorine. 

( 3 ) 2 NaCl + Mn 02 + 2II2SO4 MnS04 + Na2S04 + 2 Il 2 () 

+ CI 2 1 

The electrolytic oxidation of sodium chloride may be carried out 
on the anhydrous fused salt (sec Manufacture of Sodium, p. 147 ), 
or it may be carried out on an aqueous solution of sodium chloride 
(see Manufacture of Chlorine, p. 85 ). 

Official Tests for Identity. — 1 . A solution of sodium chloride 
gives all of the tests for Sodium ion (q. v.). 

2 . Sodium chloride solutions also respond to all of the tests for 
Chloride ion. 

(а) They yield a precipitate of AgCl with silver nitrate T.S. ( 1 ). 
This precipitate is insoluble in an excess of nitric acid, but is soluble 
in an excess of ammonium hydroxide (see p. 110 ). 

( б ) When warmed with potassium permanganate and diluted 
sulfuric acid, solutions of sodium chloride will evolve the character- 
istic odor of chlorine ( 4 ). 

( 4 ) lONaCl + 2KMn04 + 8II2SO4 5Na2S04 + + 

2MnS04 + 5CI2 T + 8H2O 

Commercial Manufacture.^ —Sodium chloride is found in all 
parts of the world either in the form of natural deposits, such 
as those of Stassfurt, Reichenhall, Cheshire, New York, Kansas, 
Colorado, Louisiana, Utah, California, Michigan and many other 
districts; or in solution in sea, lake, spring, or natural or made wells. 
It is an absolute necessity to man and beast; aiding in the absorption 
of albuminoid materials and, by dissociation, no doubt sup[)lyiiig the 
chloride ion for the hydrochloric acid of the gastric juice. 

In Germany, Louisiana, and elsewhere, it is mined as rock salt. 
Shafts are sunk to the bed and long galleries, often a mile in length, 
are run out. The salt is undereut and blasted down with low-power 
dynamite. It is then crushed in roller mills and screened to obtain 
the various sizes. In one Colorado deposit the salt occurs in the 
form of a crust over an underground lake of brine. This is worked 
by removing the earth, cutting the crusted salt like ice, washing it 
in the brine, and then crushing, as previously described, in mills. 

In other deposits, e. < 7 ., those of New York, Ohio, Michigan, etc., 
the salt is found either mixed with clay or organic matter, or the 
locations of the beds are such as to make mining very impractical. 
In such places, wells are sunk, the salt dissolved in water, and the 
resulting brine pumped to the surface. 

1 Badger and Baker: Inorganic Chemical Technology, 2nd cd., McGraw-Hill 
Book Co., p. 6, 1941. 
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In California and in the hot countries around the Mediterranean 
basin, salt is obtained from sea-water (containing about 3 per cent 
sodium chloride) by concentrating it in very large, shallow ponds 
connected in series. The heat from the sun is sufficient to effect 
the evaporation of the water. At high tide the sea-water is allowed 
to flow into the first basin where the less soluble material and sus- 
pended matter (calcium carbonate, clay, gypsum, organic substances 
etc.) precipitate out. It then goes to the so-called crystallizing 
ponds, where it is evaporated to about 25° Baume. Here the crys- 
tallized salt separates out. In the succeeding pans, the more soluble 
salts, e. //., magnesium sulfate, magnesium chloride, sodium sulfate, 
potassium chloride, and varying quantities of potassium iodide and 
bromide (bittern) are obtained. 

In northern Bussia, Norway, and other cold countries the sea- 
water is concentrated by freezing the water in basins and pumping 
out the residual liquid part which contains all of the salt. 

All sodium chloride that has been obtained from its natural 
source in the form of brine must be purified. The methods in use are 
many, and depend largely upon the character of the impurities 
present in a particular brine. Calcium and magnesium salts are 
the usual impurities and may be removed by treating the brine with 
either soda ash and lime or soda ash and caustic soda, and allowing 
the precipitate to settle. 

The purified brine is concentrated in long, narrow, shallow pans 
fit t(‘d with steam pipes extending the entire lengths of the pans and 
supported some distance above the bottom of the pans. These 
pans are called “grainers” and are from 50 to 100 feet long and 
from 10 to 25 feet wide. As the salt crystals form on the pan bot- 
tom, they are raked out automatically onto a sloping drain board 
on one end of the pan. Triple-effect vacuum pans are also used 
for concentrating and crystallizing the salt. Free acid, formed 
by the hydrolysis of the magnesium salts, seriously corrodes the 
pipes in the vacuum concentrators and scale forms on the steam 
pipes if the salt has not been sufficiently purified. 

The purest form of salt is now obtained by passing hydrogen 
chloride into a saturated solution of salt, and mechanically “fishing 
out” the crystals as they form. The crystals so obtained arc centri- 
fuged and dried. When highly solulde hydrogen chloride is passed 
into a saturated solution of sodium chloride it forms a concentrated 
solution of hydrochloric acid in which the sodium chloride is only 
slightly soluble. The slight solubility of sodium chloride in solu- 
tions saturated with hydrogen chloride is accounted for by the fact 
that hydrogen chloride, when dissolved in water, forms hydrates 
which, of course, reduce the amount of water available for dissoh - 
ing sodium chloride. It is comparable to having removed an equiv- 
alent number of water molecules from the solution by evapora- 
tion, etc. 
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Laboratory Preparation of Pure Sodium Chloride.^ Dissolve 25 (Tin. 
of rock salt in 75 cc. of water, hastening the action with gentle 
heating. To the solution add about 1 Gm. of sodium carbonate 
dissolved in a few cc. of water. Stir, let settle, and add a few 
drops more of sodium carbonate solution, and if no fresh precipitate 
is produced in the clear part of the solution no more need be added; 
otherwise enough more must be added to produce this result, kilter 
the hot solution, through an ordinary filter. Prepare pure hydrogen 
chloride by placing 50 Gm. of rock salt in the generator flask and 



Fig. 13. — Apparatus for Preparing Pure Sodium Chloride. (Reprinted by permis- 
sion from Synthetic Inorganic Chemistry, by Blanchard, Plielan and Davis, published 
by John Wiley & Sons, Inc.) 


treating it with 95 cc. of concentrated sulfuric acid. The gas is 
purified by bubbling it through a washing bottle co^jtaining about 
110 cc. of concentrated hydrochloric acid, and then it is passed 
through the wide-mouthed funnel into the sodium chloride solution 
in a 600-cc. beaker. When hydrogen chloride ceases to be evolved 
by the generator, collect the precipitated sodium chloride on a 
suction filter. Test the filtrate for sulfate by adding a little barium 
chloride T.S. to a small sample of it diluted with water. A positive 
test will probably be obtained. Now wash the crystals with suc- 
cessive portions of 10 cc. of 18 per cent hydrochloric acid, until 
the washings show no further test for sulfates. Then transfer the 
crystals to a porcelain dish and heat gently, while stirring, until 
all decrepitation ceases. Bottle the product. 

1 Blanchard, Phelan and Davis: Synthetic Inorganic Chemistry, John Wiley & 
Sons, p. 189, 1936. 


SODIUM CHLORIDE 


177 


Pharmaceutical Preparations and Uses. — 1. Sodium Chloride (Sodii 
Chloridum), U. S. P. XIII. —Sodium Chloride, when dried at 
110° C. for two hours, contains not less than 99.5 per cent of 
NaCl. Sodium chloride exerts the effect of the chloride ion (see 
p. 86), as well as the effect of the sodium ion (see p. 147). It 
occurs in all of the fluids and nearly all of the tissues of the body. 
When introduced into the stomach in moderate amounts, it pro- 
duces very little effect. However, a deficiency of sodium and 
chloride ions in the body results in the phenomena of “salt hunger,” 
expressed in metabolic disturbances, emaciation, etc. 

Sodium chloride, in 20 per cent solution, is used to some extent 
for the injection treatment of varicose veins of the lower extremities 
The solution, in amounts up to 5 or 10 cc. is injected into the lumen 
of the vein to bring the concentrated solution into intimate contact 
with the wall of the vein. 

In the last decade or so, numerous articles have appeared in 
pharmaceutical and medical journals about the importance of 
making eye solutions with the same osmotic pressure as that of the 
lachrymal fluid. The lack of interest shown in this subject by both 
physicians and pharmacists may be attributed to the fact that the 
calculations involved for preparing isotonic solutions have been 
rather technical and time-(*onsuming. However, in recent years 
the method of calculation has been simplified to the point where it 
is only a matter of using simple mathematics with a prepared table 
of sodium chloride equivalents for the various chemicals. During 
the last few years this simplified method of calculation has been 
given wide publicity in pharmaceutical journals and in published 
articles. (See Appendix for Tables). 

It is being increasingly recognized by physicians that solutions 
coming into close contact with the delicate eye tissue must be 
isotonic if irritation, pain, and discomfort are to be avoided. There 
is some disagreement on this point as shown by recent work.^ 

When a pharmacist receives a prescription which reads Fiat Iso- 
tonic Collyriinn, he should be prepared to compound that prescrip- 
tion according to the prescriber’s orders. 

The varied commenaal uses of sodium chloride as well as the 
large amounts used yearly are illustrated by the fact that 7,157,646 
tons were used in 1943 to produce soda ash, 2,656,293 tons for the 
manufacture of chlorine, 508,050 tons to make other chemicals, 
and 66,000 tons in the synthetic rubber program. 

2. Dfwtrose and Sodium Chloride Injection (Injectio Dextrosi et 
Sodii Chloridi), H. S. P. XHI. — “ Dextrose and Sodium Chloride 
Injection is a sterile solution of dextrose and sodium chloride in 
water for injection. It contains not less than 95 per cent and not 
more than 105 per cent of the labeled amount of CellioOe.H^O and 
of NaCl.” The U. S. P. gives a caution: The sodium chloride content 
of tJm Injection is generally of high concentration. Dextrose and 

J Hind and Goyan, J. A. Ph. A., 36, 33 (1947). 

12 
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Sodium Chloride hijeefion contawing a sodium chloride conrentrahon 
cor resimi ding to the sodinm chloride content of isotonic sodium chloride 
solution is to he labeled ''Dextrose Injection in Isotonic Sodium 
Chloride Solution.'^ This solution is often used for the intrav'enous 
introduction of chloride ion. 

3. Phenolsulfonjihthalein Injection (Injectio l^hcnolsulfonphthu- 
leini), U. S. P. XllL— This injecti(ni “is a sterile solution of phenol- 
sulfonphthalein rendered soluble with sodium bicarbonate or sodiiun 
hydroxide in isotonic sodium chloride solution made with water for 
injection. It contains not less than 95 })er cent and not more 
than 105 per cent of the labeled amount of PiJTmO.,S.’’ The func- 
tion of the sodium chloride in this pr(‘paration is, of course, to 
furnish an injection vehicle which is isotonic with the blood. Nine 
Gm. of sodium chloride are recpiired for 1000 c(‘. of finished prepara- 
tion. (See also p. ir)().) 

4. Ringer s Solution (Liciuor Kin^eri, Isotonic Solution of 'Phree 
Ghlorides, W S, T\ XII), 1. S. P. XIII.— This solution “contains, 
in each 100 cc., not less than S20 m^. and not mon* than 900 m^. 
of NaCl, not less than 25 mg. and not more than 35 mg. of KGl, 
and not less than 30 mg. and not more than 30 mg. of (4i(T> . 21120.” 
The U. S. P. notes that "Unless otherwise siwcijicd, No. U Sterile 
Ringer's Solution for Parenteral Use nuest he dispensed." Th(' 
r. S. P. s{)e(*ifies thn'e kinds of Ringer’s Solution: 

No. ] - Non-stenle RingeCs Solution (|)r('])are(l from (S.() (im. 
Nad, 0.3 (im. KGl and 0.3)3 (im. ( ’a( lo .2Il2() i)er 1000 cc. 
of solution). 

No. 2— Sterile Ringer s Solution Not for Parenteral Use. 

No. S- Sterile Ringer's Solution for Parenteral Use. 

The deleterious efh'cts of singh‘-salt solutions, i. r., Isotonic 
Sodinm Chloride Solution, V. S. P. Xlll, 111)011 excised tissues, were 
responsible for the production of so-('aIlcd “balanced solutions,” 
such as Ringer’s Solution. Sterile Isotonic* Sodium Ghloride Solu- 
tion, when injected into animals, is ra])i(lly adjusted, insofar as 
the several ion concentrations are concerned, by exchange with the 
various tissues. This, however, does not take' place with excised 
tissues and, therefore, the ion concentrations of blood plasma 
must be simulated as near as possible in onha- for the solutions to 
maintain the functions of the excised tissues. Ringer’s Solution 
is one of these balanced .solutions in which the calcium ion antago- 
nizes the inhibitory effects of the potassium ion as well as the 
stimulant effects of the sodium ion. Racteriostatic* agents are not 
permitted in Ringer’s Solution and the pH must fall within the 
limits of 5 to 7.5. 

5. Lactated Ringer s Solution (Li([uor Ringeri Lacticus), U. S. P. 
XIII.— This solution “is a .sterile solution in water for injection 
containing, in each iOO cc., not less than 18 mg. and not more 
than 22 mg. of CaCl2.2ll20, not less than 27 mg. and not more than 
e33 mg. of KCl, not less than 570 mg. and not more than ()30 mg. 
of Nad, and not less than 290 mg. and not more than 330 mg. of 
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NaCsHnOs.” This solution was developed by Alexis F. Hartmann 
as a “combined solution’’— a combination of sodium lactate and 
hypotonic Ringer’s solution. The solution is designed to supply 
water, base chloride, base bicarbonate, and antiketogenic effect in 
treating dehydration accompanied by moderate acidosis or alkalosis. 
Inasmuch as this solution, when given in sufficient amounts brings 
about relief of moderate acidosis or alkalosis, it obviates the expen- 
sive and time-consuming necessity of chemical analysis of the blood 
to determine whether an acidosis or an alkalosis exists. (See p. 201.) 

6. Isotonic Sodium Chloride Solution (Li(pK)r Sodii Chloridi Iso- 
tonicus, Physiological Sodium Chloride Solution, Physiological Salt 
Solution, Normal Saline Solution), U. S. P. XIII. — “ Isotonic 
Sodium Chloride Solution contains, in each 100 cc., not less than 
850 mg. and not more than 950 mg. of NaCl.” Just as in Ringer’s 
Solution, there are three Isotonic Sodium Chloride Solutions, 
namel}^ (1) No. 1 —Non -sterile Isotonic Sodium Chloride Solution, (2) 
No. 2~ Sterile Isotonic Sodium Chloride Solution Not for Parenteral 
Use, and (3) No. 8— Sterile Isotonic Sodium Chloride Solution for 
Parenteral Use. The No. 3 solution is to be dispensed in the event 
that no specification is made. 

The title Hypotonic Sodium Chloride Solutum applies to solutions 
which contain less than 0.85 (bn. of sodium chloride in each 100 cc. 
and the title Hypertonic Sodium Chloride Solution applies to solu- 
tions which contain more than 0.95 Gm. of sodium chloride in each 
100 cc., and such solutions should be so labeled when dispensed, and 
the proportion or the weight of sodium chloride in a given volume 
must be indicated on the label. 

The addition of bacteriosttatic agents is not j)ermittcd. The Iso- 
tonic Sodium Chloride Solution has a pll range from 5 to 7. Iso- 
tonic sodium chloride solution may be used intravenously or by 
hypodcrmoclysis to amplify the volume of the blood without caus- 
ing serious osmotic changes, inasmuch as it affects the extracellular 
fluid only as a diluent. Because of the rapidity with which sodium 
chloride, water, etc., escape from the circulation during shock con- 
ditions, such colloidal substances as acacia are often added to the 
solutions to prevent this rapid loss, and thus maintain blood vol- 
ume. It is also often used as an isotonic vehicle for various medic- 
aments to be applied to mucous membranes. 

7. Anticoagulant Sodium Citrate Solution (Liquor Sodii Citratis 
Antieoagulans), U. S. P. XIII.— This is “a solution of sodium citrate 
in isotonic sodium chloride solution and contains, in each 100 cc., 
not less than 2.3 Gm. and not more than 2.7 (mi. of NasGeHoOr.- 
2 H 2 O, and not less than 850 mg. and not more than 950 mg. of 
NaCl.” (See p. 184.) 

8. Thyroid (Thyroideum), V. S. P. XIII.- -Since the iodine con- 
tent of the thyroid gland often varies above the U. S. P. requirement, 
certain diluents such as a desiccated thyroid of a lower iodine con- 
tent, lactose, sodium chloride, starch, or sucrose are permitted. 
Average dose— GO mg. (approximately 1 grain). 
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9. Kj)hedrine Snlfafe Solntion (Liquor Ephedrinse Sulfatis), N. 
MIL -This solution contains 30 Grn. of ephedrine sulfate, 5 Gm. 
of chlorobutaiiol, and 3.G Gm. of sodium chloride in 1000 cc. of 
finished solution. The function of the sodium chloride in this 
preparation is to bring up the osmotic equivalent of the solution to 
approximately an isotonic strength. The amount of sodium chlo- 
ride used is slightly more than enough to make the solution isotonic, 
but when it is diluted with isotonic sodium chloride solution as 
recommended, the difference in the iso tonicity of the solution from 
that of the nasal secretions is practically negligible. For use on 
mucous membranes —dilute with an ecpial volume of isotonic sodium 
chloride solution. 

10. Pectm Pcuste (Tasta Pectini), N. F. VIIL— Sodium chloride 
occurs in this preparation as a constituent of Isotonic Three Chlo- 
rides Solution (Ringer’s Solution). Pectin Paste is sometimes 
used b}^ itself or with added medicaments for the treatment of 
burned or abraded surfaces. The use of an isotonic base results in 
less irritation at the site of application. 

11. Thin Pectin Paste (Pasta Pectini Tenuis), N. F. VIIL— This 
preparation is the same as the preceding with the exc^eption that 
the paste is of a thinner consistency. 

12. Procawe Hydrochloride Solntion (Liquor Procainae Ilydrochlo- 
ridi), N. F. VIIL— Sodium chloride occurs in this preparation as 
a constituent of Isotonic Sodium Chloride Solution. Twenty Gm. 
of procaine hydrochloride is dissolved in sufficient isotonic solution 
to make 1000 cc. of the finished preparation. The function of the 
sodium chloride, of course, is to provide isotonicity for a solution 
which is to be used by injection. Non-isotonic solutions induce 
pain. Average parenteral dose— 1 cc. 

13. Sodium Chloride Tablets (Tabelhe Sodii Chloridi), N. F. 
VIIL— These tablets “contain not less than 92.5 per cent and not 
more than 105 per cent of the labeled amount of NaCl.” These 
tablets are available usually in 5-, 7^-, 10- and 15-grain sizes. 
They are often used to replace the sodium chloride lost through 
excessive perspiration in hot weather. It is said^ that the use of 
tablets of sodium chloride is inferior to the use of salted water (0.1 
to 0.2 per cent) in that the tablets are more apt to cause nausea 
and vomiting through gastric irritation. One Gm. of sodium chloride 
dissolved in a quart of water makes 0.1 per cent solution which 
may be used for this purpose. (See also Sodium Chloride and 
])(‘xtrose Tablets immediately following.) 

14. Sodium Chloride and Dextrose Tablets (Tabelhe Sodii Cdiloridi 
et Dextrosi), N. F. VIIL— These tablets “contain not less than 
92.5 per cent and not more than 107.5 per cent of the labeled 
amounts of NaCl and of CellnOe-HgO.” These tablets have been 
designed as a means of administering sodium chloride during hot 
weather. The sodium chloride, as stated above, replaces the salt 


1 A. M. A. Council on Pharmacy and Chemistry Reports, p. 7 (1945). 
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lost through perspiration, wlua-eas the dextrose is said to supply 
a quickly available source of energy. The commercial tablets on 
the market usually contain 7 grains of salt and 3 grains of dextrose 
per tablet. The recommendefl dose (of the commercial prepara- 
tion) is 5 to 10 tablets daily, to be taken one at a time with a glass 
of water. Although the administration of sodium chloride is 
rational enough it seems as if the in(*hisi()n of dextrose in the tablets 
for the purpose of supplying energy has little, if any, merit, inas- 
much as 10 such tablets would contain only 30 grains (2 (Im.) of 
dextrose. This amount would seem to fall far short of the energy 
requirements during hot weather. 

SODIUM CITRATE 

Sodiion. Citrate, li. S. ]\ XI II 

CH.COONa 

Formula, Nii,C,U,Oc2\W; C(OH)COONa.2II,() 

CH^.COONa 

Molecular Weight, 294.12 

Physical Properties. - Sodium Citrate occurs in colorless, mono" 
(;linic crystals or as a white, odorless, crystalline powder, having a 
cool, saline taste. The salt slowly eflloresees on exposure to dry air. 

One (im. of the salt dissolves in 1.5 cc. of water at 25'’ C. and in 
0.() cc. of boiling water. It is insoluble in alcohol. 

Chemical Properties.- When heated to 100° C., it begins to lose 
water and at about 150° C. it becomes anhydrous. At red heat it 
carbonizes, emitting inflammable gases having a pungent, acrid 
odor, and leaves a black residue of carbon and sodium carbonate (1). 

(1) 2Na3r«H,07.2ll20 + 90> -> 3Na.>C03 + OCO. t + 9H,0 

It is a salt of a strong base and a relatively weak acid and it 
hydrolyzes sufficiently to impart a slight alkalinity to its aqueous 
solutions. 

Because sodium citrate in solution ionizes to liberate sodium and 
citrate ions, the salt may be used as a buffer against acids. The 
mechanism whereby this takes place is through the citrate ion, 
which will take up hydrogen (or hydronium) ions from highly 
ionized acids such as hydrochloric acid, to form relatively non-ionized 
citric acid. The following schematic diagram shows the reactions 
taking place. 

NasCellsO? ^ SNa"^ + CellsOv — 

+ + 

3IT,0 + 3HC1 ^ 3C1- + 3 H 3 O+ 

Ti 

3NaCl H 3 C 6 II 5 O 7 + 3114) 
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In addition to the official salt which is a dihydrated sodium 
citrate (Na 3 C 6 H 507 . 2 n 20 ) there is another common hydrate 
(Na 3 C 6 H.s 07 ) 2 . 1 ]ir 20 . This salt also occurs as a well-crystaffized 
compound, 1 (Jm. of which is soluble in 1.1 cc. of water at 25 ( . 
and 0.4 cc. of water at 100° C. It was official in U. S. P. VIII, 
but was deleted in favor of the more stable dihydrate. 

OiBcial Tests for Identity. — 1. A solution of Sodium Citrate (1 in 
20) responds to the tests for Sodium (</. v.). 

2. A 1 in 10 solution also responds to the tests for Citrate, (a) When 
an excess of calcium chloride T.S. is added to a cold, neutral solution 
of sodium citrate, no precipitate is produced. However, when the 
solution is heated, a white ffranniar precipitate of calcium citrate 
settles out (2). The precipitate is insoluble in .sodium hydroxide 
T.S., but dissolves immediately in diluted hydrochloric acid (3) 
due to formation of water-soluble citric acid and calcium chloride. 

Clb— COONa 

I 

(2) 2HO -C— COO.Va + :?CaCI., 

I 

CH..-COf)Xa 

A>0(' ('ll. 

I Ca; i 

no— c -coo^ ooc- (’--oil 

I I 

('ll,.- coo - Ca -- CX)C-Cli.. -t- (iXaCI 

Calcium citrate 

CIl.,— C(X111 

(3) Calcium Citrate -j- (illCl -> 2HO— C— COOII 4- ,3CaCI, 

I 

CII.7— C(X)H 

(5) If potassium permanganate T.S. is added to a hot solution of 
sodium citrate, to which has been added one-tenth of its volume of 
mercuric sulfate T.S. (Denige’s reagent), a white precipitate is pro- 
duced (4, 5). Tartrates do not give this precipitate. The equations 
for the reactions thought to take place are given below. 

/CH^COOH 

(4) 2 H 3 C. 6 lIi 07 -f- 02 (KMn 04 ) — > 2C= O (acetone-dicar- 

\CH.7C00H 

boxy lie acid) -f- 2 CO 2 1 + 2 H 2 O 
/CH 2 COOH 

(5) 2C= O + 5HgS04 + 2 H 2 O 

\Cir 2 COOH 

yO Hg O. 

)S ;Hg.2[CO(CIl2COO)2]Hgi -f 4 H 2 SO 4 

O^ X>— Hg— o^ 
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3. yV heii ipjiiited, sodium citrate beluivt^s in the manner charac- 
teristic of almost all metallic salts ()f organic acids, in that it first 
chars and burns, and then upon continued heating yields a residue 
f)f sodium carbonate (I) which eirervesces with acids, and imparts 
the yellow sodium (;olor to a non-luminous fiame. 

Commercial Manufacture. — Sodium citrate is made by neutralizing 
a solution of citric acid with sodium carbonate or bicarbonate (0). 
When eflervescence has ceased, the solution is evaporated to 
(Tystallizatiou or, more inKpiently, the salt is granulated in the 
usual way. 

((;) dNalKX), + n,(VJl,()7.II.() >XaX;H.()7.2rM) + 3(01 + 

211,0 


Laboratory Preparation. — 1 )issol\e 10 Om. of citric acid in 50 cc. 
of distilled water contained in an eva})orating dish and add small 
(juantiti(‘s of sodium bicarbonate to the solution until effervescence 
ceases. Evaporate on a st(‘am bath and granulate in the usual 
way. (Se(‘ ecjiiation 0.) 

Pharmaceutical Preparations and Uses.- 1. Sodiutn Clfnite (Sodii 
Oitras), V. S. E. XI 11. -“Sodium Oitrate, when dried at 150'' (\ 
to constant w(‘ight, contains not less than 00 ])er ('cnt of Xa/'dlr.Ov.” 
The uses of sodium citrate* are* c()nsid(*red unde'r the* sp(‘cific head- 
ings as follows: 

(d) Ordlli/, sodium citrate is ing<*st(‘d into the body and is oxidized 
in the* tissue's to sodium bicarbonate*. This oxielizatie)n is not as 
rapiel as that taking plaer with aea'tales. Its thera})eutie* value, 
e)rally, elepends the'ii on this alkalinization, anel hene*e its use to 
re'lieve milel ae'idosis and alse) to promote a diure'tic ettee*t. (See* 
also Sealium Acetate*, p. 150.) non-official e*om])ounel which is 
elexsely relateel te) soelium e*itrate is elisoelium citrate which has an 
anale)ge)us ae’tion to anel is saiel to have a more agreeable taste than 
the e)fficitd salt. 

(b) Pdrnifrrdlhu soelium citrate is capable of shortening the 
coagulation time of the ble)oel, althemgh this seems entirely in 
ce)ntraeliction to its antie*e)agulant ae*tion e)U bloe)el in vitro. 

(e) In, vitro, when soelium citrate is aelele*d te) freshl\' drawn 
blood it prevents the ce)agulation e)f ble)od e)V(*r a relatively Ie)ng 
period e)f time. This actie)n, })re)bably elue te) the inactivation e)f 
ble)oel e*ale*ium as nnelisse)e*iateel cale*ium e*itrate, is utilizeel in making 
ble)e)d transfusions, wherein the ble)e)el is drawn inte) a flask ee)n- 
taining a suitable ame)uiit of sodium citrate. The drawn ble)od 
may then be kept fe)r some time, or may be used immediately 
withemt dangcT of clotting. d1ie e*itratie)n of ble)e)el is usually 
carried out by using a 2.5 pea* cent se)eiium citrate se)lution, in the 
proportion of lO ee. to 100 ee. of the donor’s bloexl. It is necessary 
that citrated bloe)d be stored at body temperature and it should 
be used as soon as possible. 

(d) PharmaceuticdUy, sodium citrate is often used to prevent 
discoloration of various preparations such as the glyeerites of jdieuol 
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and tannic acid. (See p. 185.) Average dose— 1 Gm. (approxi- 
mately 15 grains). 

2. Penicillin Tablets (Tabella? Penicillini), U. S. 1\ XIII.— These 
tablets contain “penicillin calcium or penicillin sodium buffered 
with calcium carbonate, anhydrous sodium (titrate, aluminum 
hydroxide, or other buffers, approved by the Federal l^'ood and 
Drug Administration.” Because of the unpleasant features con- 
nected with the parenteral administration (intramuscular) of pen- 
icillin, investigators were active in trying to find a means of pro- 
tecting penicillin from the inactivating cffe(*ts of the acid gastric 
juices (it is also inactivated by excess alkali). Gharney and co- 
workers^ used trisodium citrate and disodium citrate as buffer salts 
to cause formation of the weak acid, citric acid, in the stomach at 
the expense of the more highly acidic hydrochloric acid normally 
present in the stomach (see Chemical Properties of Sodium Citrate, 
p. 181). The better absorption of penicillin was reflected in the 
raised urinary levels of excreted penicillin. The anhydrous sodium 
citrate (unofficial) is used to prevent decomposition of the water- 
sensitive penicillin, inasmuch as the official dihydrate is prone to 
effloresce and in that way release its water of hydration. Average 
daily dose of penicillin — on a fasting stomach, 300, 000 lUiits. 

3. ^ Anticoagulant Sodium Citrate Solution (Licpior Sodii (3tratis 
Anticoagulans), iJ. S. P. XIII.— This is a solution of sodium citrate 
in isotonic solution of sodium chloride and contains, in ('a(‘h 100 cc., 
not less than 2.3 Gm. and not more than 2.7 Gm. of sodium citrate 
(fsa^C eHsOT.^IIoO) and not less than 0.85 Gm. and not more than 
0.95 Gm. of sodium chloride (NaCl), including all tolerances. 

T. hree anticoagulant solutions of sodium citrate are designated 
by the Ti. ^^P* XIII, m^., No. 1 — the Non-sterile Solution; No. 2 — 
the Sterile Solution Not for Parenteral Cse; and No. 3— the Sterile 
Solution for Parenteral Use, which is the one that must be dis- 
pensed unless otherwise specified. 

No. 1 is prepared by dissolving 25 Gm. of Sodium Citrate and 
9 Gm. of Sodium Chloride in sufficient distilled water to make 
1000 cc. and filtering the solution until it is free from suspended 
particles. 

No. 2 is made as directed for No. 1 but it is sterilized prcferablv bv 
Process C. (See p. 694, II. S. P. XIII.) 

No. 3 is also prepared like No. 1 excepting that the distilled water 
IS replaced by water for injection and, after placing the solution 
in suitable containers, it is sterilized preferably by Process C 
Bacteriostatic agents, of course, must not be added. The pll 
should not be less than 6.7 and not more than 7.5. 

The U. S. P. XIII permits of variations in the sodium citrate 
content of anticoagulant solutions of sodium citrate, but requires 
that such solutions must be labeled so as to indicate the per cent or 
amount of sodium citrate per unit of volume. Such solutions must 

» Charney el al: Science, 101, 251 (1945). 
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contain not less than 92 per cent and not more than 108 per cent 
of the labeled amount of sodium citrate. These solutions must 
conform to I . S. P. XIII recjuirenauits for general methods of prepa- 
ration, physical properties and tests given for Anticoagulant Sodium 
(^itrate Solution. 

4. Anticoacjulaiif Acid Citrate Dextrose Solution (lii(|uor Acidi 
Citratis Dextrosi Anticoagulans, A.C.I). Solution), V. S. P. XIII.— 
This is “a sterile solution of sodium citrate, citric acid, and dextrose. 
It contains, in each 100 cc., not less than 2 (jin. and not more than 

2.4 Clm. of NaaCcIUOy /illoO, and not less than 750 mg. and not 
more than 850 mg. of IIsCcIbOT-IIvO.” This solution is used in 
the same manner as Anticoagulant Sodium Citrate Solution, viz., 
as an anticoagulant for use in preparing plasma or whole blood for 
i nd irect transf usions. 

5. Tanuic Acid Glycerite (Clyceritum Acidi Tannici, (dyceritc of 
Tannin), U. S. P. XIII. —Tannic Acid Glycerite contains 1 per 
cent of sodium citrate in addition to the other constituents. It is 
used in this preparation to prevent discoloration due to the forma- 
tion of iron tannate. This pharmaceutical is used as an astringent, 

6. Ferric Citrochloride Tincture (Tinctura Ferri Citrochloridi), 
N. V. Mil. —This tincture recpiires the use of 450 Gin. of sodium 
citrate in the prejiaration of 1000 cc. of finished product. The 
sodium citrate is added to the preparation to prevent the ferric; ion 
from being precipitated as dark-colored, insoluble iron tannate 
which (‘onstitutes one of the (;ommon incomiiatibilities of iron solu- 
tions when mixed with tannin-containing preparations. (See also 
p. ()19.) Average dose— 0.5 cc. (approximately 8 minims). 

7. Gentian Elixir (Elixir Gentiame), N. F. YIIL — Gentian Elixir 
contains 3 })er cent of sodium citrate. This preparation is a hydro- 
alcoholic solution of duidextract of gentian, sodium citrate, com- 
pound cardamom spirit, syruj) and glycerin. The sodium citrate 
prevents the precipitation of iron tannate wlien the elixir is used as 
a vehicle for iron salts or solutions. 

8. Compound Hypo phosphites Syrup (Syrupus Hypophosphitum 
Compositus), N. F. ^TII.— This preparation contains 0.37 per cent 
of sodium citrate. The sodium citrate is probably used for solubility 
purposes. (vSee p. 022.) Average dose— 8 cc. (approximately 2 
fluidrachms). 

9. Peptonized Iron (Ferrum Peptonatum, Iron Peptonate), N. F. 
VIII. — “ Peptonized Iron is a compound of iron oxide and peptone, 
rendered soluble by the presence of sodium citrate, and yields not 
less than 16 per cent and not more than 18 per cent of Fe.” 

10. Phenol Glycerite (Glyceritum Phenolis, Carbolic Acid Glyc- 
erite), N. F. VIII. — This glycerite contains 1 per cent of sodium 
citrate to prevent discoloration of the preparation. The glycerite 
is used for its antiseptic (phenol) and dehydrating (glycerin) action. 

11. Sodium Citrate Solution (Liquor Sodii Citratis, Potio Riverii), 
N. F. VIII.— This solution “contains, in each 100 cc., not less than 

2.5 Gm. and not more than 3 Gm. of Na3C6ll607.2H20.” The 
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sodium citrate is prepared by interaction of sodium bicarbonate 
with citric acid. The citric acid is dissolved in distilled water and 
the sodium bicarbonate dissolved in this solution with gentle 
agitation, the bottle being stoppered immediately. It should not 
be dispensed unless reeently prepared. 

SODIUM GLYCEROPHOSPHATE 

Sodium Glycerophosphate y N. F. VI 1 1 
CII2OII ONa 

Formula, CH- O— IV~() IMoh'cular Weight, 2l().(){) 

I I 

('IT2OII ONa 

Physical Properties.— Sodium (Uycerophosphatc occurs as white, 
monoclinic plates or scales, or as a white powder. It is odorless, 
and has a saline taste. At 15° C. large crystals of the salt are stable 
in air. When in the form of small crystals or a powder, the salt 
effloresces slightly in air. 

One Orn. of the salt is soluble in about 1.5 cc. of water at 25° C. 
It is very soluble in hot water, but nearly insoluble in ak*ohol. 

Chemical Properties. — When sodium glycerophosphate is strongly 
heated, it decomposes and at red heat is converted into sodium 
pyrophosphate, acrolein, and water (1). 

( 1 ) 2C,H5(Oii),po,Na2 + 2 (di.> = cii.rno t + 

dll,>0 t 

Prolonged boiling ot sodium glycerophosjdiate solutions will bring 
about hydrolysis of the compound (2). 

(2) C3n5(0H)2P04Na2 + IPO -> CAUOU), + Na^IIPOi 

Official Tests for Identity. - 1 . A 1 in 20 aqueous solution of the 
salt will give all of the tests for Sodium {q. v.). 

2. Although solutions of glycerophosphates do not yield a pre- 
cipitate in the cold with ammonium molybdate T.S., boiling will 
bring about hydrolysis of the glycerophosphate (2) and the re- 
sultant phosphate will then yield a precipitate with the reagent (3). 

(3) 12(NIl4)2Mo04 + Na.2HP04 + 23HNO3 -> miXVO, 

I2M0O3 i + 2INH4NO3 + 2NaN03 + I2H2O 

3. Moderately dilute solutions of glycerophosphates, when treated 
with calcium chloride T.S., remain unaffected in the cold, but on 
boiling a precipitate is produced, probably through the same 
mechanism as cited for the previous test. The equations represent- 
ing the reactions may be conveniently combined into one equation 
(4). 

(4) C3H5(0H)2P04Na2 + CaCb + PPO C,lh(OU), + 

CaHP04 i + 2NaCl ^ 
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4. When a glycerophosphate is mixed with an equal weight of 
potassium bisulfate (powdered) and heated, the very pungent odor 
of acrolein is evolved. The potassium bisulfate, being a dehydrating 
salt (sometimes regarded as an equimolecular mixture of potassium 
sulfate and suHuric acid) will dehydrate the glycerin resulting from 
the breakdown of the glycerophosphate to yield acrolein (5). 

-2IL>0 

(5) CJI, (011)3 — — CII, = (’II-CII() 

Glycerin Acrolein 

5. When sodium glycerophosphate is strongly heated it decom- 
poses yielding inflammable vapors (1). 

Commercial Manufacture. — The details of the process used for 
manufacturing sodium glycerophosphate are not published, hence 
only a general outline of the method can be given. When glacial 
phosphoric acid {q. v.) is gradually dissolved in an equal weight of 
gl\’eerin and the resulting solution heated for several hours at 
110° ( \, glycerophosphoric acid is formed (0). This easily decom- 
posable a(‘i(I is dissolved in cold water, neutralized with milk of 
lime (7), and the calcium phosphate filtered off*. The filtrate is 
freed of any ex(*ess cak'ium hydroxide by passing carbon dioxide 
through it and the resulting calcium (*arbonate is filtered off. 
The solution is concentrated in a vacuum and the calcium glycero- 
j)hosphate either granulated or precipitated by al(‘ohol, in whi(‘h 
it is nearly insoluble. The calcium salt is washed thoroughly 
with alcohol to frtT it from adhering glycerin and then dissolved in 
water. liy tlu' addition of sodium carbonate to the solution, cal- 
cium carbonate is precipitated and sodium glycerophosphate remains 
in solution (8). The latter is then precipitated by the addition of 
alcohol. 

(()) CJI,(()H)3 + IhVO, C,Il 5 ( 0 II).>P 04 H, + HoO 

(7) C:iUOU)d^O,lh + CdiOUh C:JI,(()H),raP 04 + 211,0 

(8) C;Jl 5 ( 0 II),raP 04 + Na,(X), -> ^^^(OIT.lUNa, + raC 03 i 

Pharmaceutical Preparations and Uses.- 1. Sodium Glycerophos- 
phate (Sodii (ilycerophosphas), N. F. VUl. — “Sodium Glycero- 
phosphate contains not less than 68 per cent and not more than 
74 per cent of Na,C;Jl 5 ( 0 IT) 2 l^ 04 .” This salt was introduced into 
medicine as a tonic, particularly for the nerves. However, no evi- 
dence has ever been presented to substantiate this claim. In view 
of the fact that the salt is easily decomposed in the body to glycerin 
and inorganic phosphate it is reasonable to believe that its action 
is no greater than that of inorganic phosphate. Average dose— 
0.25 Gm. (approximately 4 grains). 

2. Calcium and Sodium Glycerophosphates Elixir (Elixir Calcii et 
Sodii (jlycerophosphatum, Glycerophosphates Elixir), N. F. VIII. 
—This preparation contains 1.8 per cent of sodium glycerophosphate 
together with 0.9 per cent of calcium glycerophosphate and other 
ingredients. It is used as a tonic although, as stated before, its 
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value is doubtful. Average dose — 4 cc. (approximately 1 fluid - 
drachm). 

3. Compound Glycerophosphates Elixir (Elixir Glycerophosphatuin 
Compositum, Compound Glycerophosphates Solution), N. h. VIII. 
—Besides other glycerophosphates (Ca, Fe, and Mn), this prepara- 
tion contains 3.5 per cent of sodium glycerophosphate. This prepa- 
ration is prescribed by some physicians as a nerve tonic*. Average 
dose— 8 cc. (approximately 2 fluidrachms). 

SODIUM HYDROXIDE 

Sodium Hydroxide y U. S. P. XIII 
Formula, NaOH. Molecular Weight, 40.01 

Physical Properties. — Sodium Hydroxide is obtainable in dry, 
hard, brittle, white or nearly white sticks, in fused masses, in small 
pellets, in flakes, and in other forms; all having a dense crystalline 
fracture and a specific gravity of 2.13. It is very deliquescent and 
rapidly absorbs moisture and carbon dioxide from the air. Sodium 
hydroxide and its solutions rapidly destroy organic tissues, hence 
great care is necessary in handling them. 

In the cold (0° C. or below), concentrated solutions deposit various 
crystalline hydrates, whose compositions vary from NaOII.IhiO to 
NaOH.THoO. 

Sodium hydroxide melts at 318"^ C. and volatilizes at higher tem- 
peratures. The vapors decompose between 1200° and 1250° C. 

One Gm. of Sodium Hydroxide dissolves in 1 cc. of water at 
25° C. with the evolution of heat. One Gm. is soluble in 0.3 cc. of 
boiling water. It is soluble in alcohol, in ether, and in glycerin. 

Chemical Properties. — The chemical properties of sodium hydrox- 
ide are quite varied and although there is some overlapping it is 
considered advantageous to discuss them under the headings: (a) 
basic properties, (6) reaction with salts, (c) reaction with metals, 
(d) reaction with non-metals, and (c) saponifying properties. 

(a) Because sodium hydroxide is so highly ionized when dissolved 
in water, it is one of the strongest bases (1). As has been previously 
pointed out, the basic properties are entirely due to the hydroxide 
ion (see p. 34). 

(1) NaOH ?=> Na+ + OH" 

Its excellent acid-neutralizing powers (2) are made use of in 
various ways, especially in alkalimetry and acidimetry. 

(2) NaOH + HCl NaCl + IW 

The marked ability of sodium hydroxide (as well as many other 
metallic hydroxides) to absorb CO 2 with the subsequent formation 
of the corresponding carbonate is well known. This is a good 
example of its acid-neutralizing effect. One may consider that 
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CO 2 on dissolving in water forms carbonic acid ( 3 ), which in turn 
reacts readily with sodium hydroxide to form sodium carbonate ( 4 ). 

(3) II. 2 O + CO 2 ^ II 2 CO, 

(4) 2 NaOH + Na^COa + 2 H 2 O 

( 6 ) Sodium hydroxide reacts with the salts of all metals in solu- 
tion, precipitating practically all except those of the alkali metals 
and ammonium. 

In the case of ammonium salts the product of the reaction is 
NII4OH (5). This reaction is used as a test for ammonium ion 
and is carried out by heating the alkalinizcd solution. The evolu- 
tion of ammonia (detected by odor or moistened red litmus) is a 
positive test for presence of ammonium ion. 

(5) NII 4 CI + NaOII NIT 40 IT(Nrr 3 T + IhO) + NaCl 

When non-volatile hydroxides are formed they precipitate from 
solution, as in the case of ferric hydroxide ( 6 ). 

( 6 ) FeCl 3 + 3NaOH Fe(OIl )3 i + 3NaCl 

In some cases, an excess of sodium hydroxide will redissolve the 
precipitated hydroxide. For example, aluminum hydroxide when 
freshly precipitated (7) will readily dissolve ( 8 ) in an excess of 
sodium hydroxide. 

(7) AICI 3 + 3NaOn Al(On)3 j + 3NaCl 

(8) A1(0H)3 + NaOII NaAlOo + 2 H 2 O 

(c) Many metals are attacked either by aqueous solution of 
sodium hydroxide or hy the fused material. Zinc (9) and alumi- 
num (10) are ty{)ical examples of metals which react rather easily 
in this manner. 

(9) Zn + 2NaOH (fused) Na.>ZnO> + II. T 

(10) 2A1 + 2NaOII + 2IIoO 2NaA10.> + 3 H 2 T 

(d) Among the non-metals which react with sodium hydroxide 
are boron (11), silicon (12), phosphorus (13), and chlorine (14). 

(11) 2B + 2NaOH + 2H.>0 2NaB02 + 3II., t 

(12) Si + 2NaOII + II 2 O -> Na.>Si 03 + 211. ] 

(13) 4P + 3NaOH -f 3 H 2 O 3NariIo02 + PH. T 

(14) Clo + 2NaOII NaOCl + NaCl + II.O 

(e) Sodium hydroxide is used extensively because of its very 
effective saponifying power. (See aLso Sodium Carbonate, p. 169.) 
As previously pointed out, sai)onification of a fat or oil is the process 
of hydrolyzing it by means of an alkali, e. g., sodium hydroxide (15) 
to glycerin and the sodium salt of the fatty acids. 

C17H35COO-CII0 CH2OII 

1 1 

( 15 ) C17II35COO— CH + 3NaOH -> 3Ci7ll35COONa + CII— OH 
I 1 

C17H35COO— CH2 CH2OH 

Stearin (a fat) Sodium stearate Glycerin 

(a soap) 



190 SODIUM AND SODIUM COMPOUNDS 

Official Test for Identity.— A solution of sodium hydroxide (1 in 
25) responds to the tests for Sodium (q. v.). ^ 

Ck)mmercial Manufacture.— Sodium hydroxide, or caustic soda as 
it is more commonly known, is prepared commercially by either 
(1) the chemical method or (2) the electrolytic rnetliod. Approxi- 
mately one-half of the caustic soda manufactured today is made 
by the chemical process and one-half by the electrolytic method. 
However, the electrolytic procedure has been ^ainin^ in ])opiiIarity 
and if the present trend continues will in a large measure replace 
the chemical method. 

1, The chemical method involves causticizin^i: milk ol lime. Es- 
sentially, the process requires the interaction of sodium carbonate 
with calcium hydroxide to give sodium hydroxide and insoluble 
calcium carbonate (16). 

(16) (;a(OII )2 + NaoCO. ~> 2NaOII + (’a(X), i 

The (‘alciurn hydroxide is obtained by “slaking” lime (CaO), i. c., 
adding enough water to the lime to convert it to a dry calcium 
hydroxide (17). 

(17) CaO + II.O ^ Ca(OII )2 

In practice, the dry slaked lime and soda ash (anhydrous Nai>(X);0 
are stirred into water in which they rea(*t to form a (‘austic soda 
solution containing a suspension of insoluble calcium (‘arboiiate. 
The caustic soda liquor is obtained from this mixture by allowing 
the precipitate to settle and then decanting the clear li(juid. Since 
the “mud” of calcium carbonate which has settled out has too much 
caustic soda adhering to it, it is washed and the washings used 
as the liquid to which slaked lime and soda ash are added. The 
caustic soda solution obtained by decantation is eva})oratcd either 
to a 50 per cent solution in which form one-third to one-half of all 
caustic soda is sold and used, or it may be evaporated in iron pots 
to the solid form in which case it is obtained as a solid mass which 
may be crushed or made into flakes. If desired, the fused material 
may be cast in silver molds into the form of sticks or pellets, the 
latter being the usual form in which the pharmacist obtains it. 
The manner in which the small pellets are made is quite interesting. 
They are made in one of two ways: (1) by dropping the fused 
material in the same manner as “drop shot” is made, in which case 
the fused caustic flattens out into a hemisphere when it strikes the 
receiving plate; (2) by the use of depression plates, in which the 
fused material is poured on a plate provided with small hemispheri- 
cal depressions and the excess scraped off. In this case, also, the 
material is obtained as small hemispheres. The purpose in shaping 
it into pellets or sticks is to offer a comparatively small surface to 
atmospheric moisture and CO 2 , thus minimizing caking, deliques- 
cence and conversion of the product into sodium carbonate. 

2. The electrolytic process has already been discussed in some 
detail (see p. 85) in connection with the manufactufe of chlorine. 
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However, it should be pointed out that two distinct types of electro- 
lytic* cells are used, viz., (a) the diaphragm cell, and (6) the mercury 
cell. 

(a) Ihe diaphragm cells are so named because they have the 
anode and cathode separated by an asbestos diaphragm. Usually 
the ano(le is enclosed with a diaphragm. The purpose of the dia- 
phragm is to prevent, insofar as possible, the interaction of sodium 
hydroxide (around cathode) and chlorine (evolved at anode). 

If the products of electrolysis are not separated by a diaphragm 
the following reactions take place (18, H), 20): 

(18) 2i\aOII + Cl, -> NaCl + x\aC1() + ILO 

(1 9) 8NaClO -> 2NaCl + NaClO, 

(20) Na(dO + Ho Na(d + 11,0 

The cell liquor after ele(‘trolysis contains from 8 to 12 per cent of 
sodium hydroxide and about lo j)er (*ent of sodium chloride. It is 
concentrated to 50 per cent NaOII in multiple-effect evaporators 
when most of the sodium chloride crystallizes out of solution. The 
caustics liquor is then handled in a manner analogous to that cited 
for the chemical process. 

(b) The mercury cell differs radically from the dia})hragin cell. 
In this type of cell mercury is used as a cathode and graphite as 
the anode. Metallic sodium is the primary cathode product (in 
contrast to the diaphragm cells) and is deposited on the mereury 
to form an amalgam. The amalgam (liquid) is eondu(*ted into a 
decomposition cell where it is made to react with water (21) to form 
sodium hydroxide and hydrogen. The amount of water used is 
such tliat a 50 per cent caustic soda solution is obtained, thus 
obviating the necessity’ of costly evaporation, which is one of the 
principal disadvantages of the diaphragm cell. 

(21) 2Xa + 211,0 2NaOH + II, t 

There are numerous mercury cells described in the liteniture but 
apparently the ones in current use have not been accurately de- 
scribed. 

Pharmaceutical Preparations and Uses. 1 . Sodium llydro.ride (Sodii 
Hydroxiduin, Caustic Soda), V. S. F. XIII. — “ Sodium hydroxide 
contains not less than 95 per cent of total alkali calculated as 
NaOH, of which not more than 8 per cent is Na^CO.v” Sodium 
hydroxide is so caustic that it finds little use in therapy. However, 
it is used to some extent in the preparation of various pharmaceuti- 
cals. Much of the caustic soda produced commercially is used in 
the soap industry and also in numerous other ways. 

2. Saponated Crcsol Solution (Liquor Cresolis Saponatus, Com- 
pound Cresol Solution), U. S. F. XIII.- This solution consists essen- 
tially of cresol dissolved in a soap, the soap being formed by the 
saponification (sec p. 189) of any of several oils (corn, linseed, cotton- 
seed, etc.) with potassium or sodium hydroxide. The official for- 
mula calls for potassium hydroxide, but permission is given to use 
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sodium hydroxide in an equivalent amount if desired. In the event 
that a different strength alkali is used than that specified, an 
equivalent amount is to be calculated and used. 1 his preparation 
is similar to the commercial preparation “Lysol. It is used as a 
general disinfectant. 

3. Phenohidfori'phthahiii liijectioii (Injcctio Phenolsulfonphtha- 
leini), li. S. P. XIII.— This injection has been described previously 
under Sodium Bicarbonate (see p. 156). The purpose of the 
sodium hydroxide is the same as that of sodium bicarbonate, namely, 
to convert the insoluble phenolsulfonplithalcin to its water-soluble 
sodium salt. 

4. Soda Lime (Calx Sodica), U. S. P. XIII. — “Soda Lime is a 
mixture of calcium hydroxide with sodium or potassium hydroxide 
or both, intended for use in metabolism tests, anesthesia, and 
oxygen therapy.” The IL S. P. states that it may contain an 
indicator which will not react with the common anesthetic gases, 
and whicli will change color when the absorption capacity of the 
soda lime for COo is exhausted. The function of Soda Lime in a 
closed system (such as exists in metabolism tests, etc.) is to absorb 
the CO 2 which otherwise would accimmlatc in the system. The 
manner in which this takes place is quite interesting in that it may 
be interpreted as a case of two chemicals helping one another out 
for their mutual benefit. In this case, the sodium hydroxide is 
capable of picking up carbon dioxide with avidity (3, 4), but its 
eombining power is soon exhausted. However, at this point the 
calcium hydroxide appropriates the accumulated carbon dioxide 
(22) to form calcium carbonate and thereby relieves the sodium 
hydroxide. Thus we see a continuous cycle in which the sodium 
hydroxide is converted to sodium carbonate, but is then changed 
back to sodium hydroxide which is again capable of combining with 
CO2. 

(22) NaoCOa + C^a(OIt )2 2NaOII + CaCOa 

In hospitals, where the uncolored (i. c,, with no indicator) form 
of soda lime is used, it is customary to keep a record of the length 
of time that a charge of soda lime has been used. From past ex- 
perience it is then possible to change the soda lime before its strength 
is exhausted. In the case of soda lime to which has been added an 
indicator, the color change of the indicator serves warning that it 
must be changed. 

5. Nitromersol Solution (Liquor Nitromersolis), N. F. MH.— 
This solution has been described previously (see p. 172). The 
sodium hydroxide together with sodium carbonate acts merely as 
a solubilizing agent for the water-insoluble nitromersol, 

6. Nitromersol Tincture (Tinctura Nitromersolis), N. F. VHL — 
This tincture employs 0.1 per cent of sodium hydroxide to aid in 
keeping the nitromersol in solution. It is used as an antiseptic. 

7. Rectified Turpentine Oil (Oleum Terebinthinee Ilectificatum), 
N. F. VIIL— To prepare Rectified Turpentine Oil from Turpentine 
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Oil, equal quantities of the oil to be rectified and a solution of 
sodium hydroxide, containing 5.3 Gm. of 95 per cent NaOH in each 
100 cc., are mixed and placed in a still. Upon recovery of three- 
fourths of the oil by distillation, the clear oil is separated from the 
water which also comes over and is dried with anhydrous CaCb or 
anhydrous sodium sulfate. The use of sodium hydroxide in this 
preparation is said to bring about the removal of the substances 
which give a disagreeable odor and taste to the oil. This is prob- 
ably due to polymerization of aldehydes, saponification of resins, 
etc., by the alkali. Average dose~0.3 cc. (approximately 5 minims). 

SODIUM HYPOCHLORITE 

Formula, NaClO. Molecular Weight, 74.45 

Physical Properties. - Sodium hypochlorite, like all of the hypo- 
chlorites, is very unstable and therefore is not obtainable in solid 
form. It is official only in the form of its solutions. 

Chemical Properties. — In solution, sodium hypochlorite is decom- 
posed by boiling and by nearly all acids (1). 

(1) 4Na(;iO + 4IIC1 4NaCl + 2UL> T + 0> t + 2H,0 

It is a very powerful oxidizing agent; this action being attributable 
to active oxygen formed upon decomposition (2). Some investi- 
gators, however, claim it acts as free chlorine. 

(2) NaClO Xa(4 + O (active) 

A solution of sodium hypochlorite will form a precipitate of silver 
chloride with solutions of silver nitrate (3). 

(3) 3AgNO, + 3NaC10 2AgCl j + AgClO, + SxVaNO^ 

Sodium hypochlorite is readily changed, when warmed, to sodium 
chloride and sodium chlorate (4). This property is characteristic 
of all hypochlorites. 

(4) 3NaC10 2Na(4 + NaClO, 

Sodium hypochlorite solutions will cause the formation of mer- 
curic oxide and sodium chloride when shaken with metallic mer- 
cury (5). 

(5) Ilg + NaClO IlgO + NaCl 

This is in (M)ntrast to free hypochlorous acid which reacts to form 
a brown basic mercuric chloride with metallic mercury (6). 

(()) 2llg + 2HC10 Hg.>Cl20 + H 2 O 

Solutions of potassium iodide liberate free iodine when treated 
with sodium hypochlorite (7). 

(7) 2KT + NaClO + H^O 2KOH + NaCl + I. 

13 
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Official Tests for Identity. —There are no official tests for sodium 
hypochlorite since it is a non-existent compound per se, but the 
tests given for the Sodium Hypochlorite Solution may be taken as 
a criterion for the compound itself. 

1 . The solution at first colors red litmus blue, and then decolorizes 
it. The blue coloration of the litmus is, of course, due to the fact 
that sodium hypochlorite is somewhat h 3 ^drolyzed in solution and 
thus exhibits an alkaline reaction. The paper is bleached bec’ause 
of the oxidizing action of the solution. 

2. The addition of diluted hydrochloric acid to sodium hypo- 
chlorite solution causes an evolution of chlorine (1). 

3. The solution obtained in the above experiment responds to the 
flame test for sodium. 

Commercial Manufacture.— ]\ lost of the commercial products con- 
taining sodium hypochlorite are made by electrolyzing a solution 
of sodium chloride (see p. 191). The cells do not contain a dia- 
phragm and hence the chlorine liberated at the anode contacts 
the sodium hydroxide produced around the cathode to form sodium 
hypochlorite. The cell contents are usually cooled with cold water 
circulated in s})ecially constructed hard rubber tubing, as any 
marked rise in the temperature is conducive to undesirable sodium 
chlorate formation. 

^ Pharmaceutical Preparations and Uses. — 1. Sodiwi, Ilypochlorifc 
Sohdio?} (Liquor Sodii Hypochloritis), T". S. P. XITl. — “Sodium 
Hypo(‘hlorite Solution contains not less than 4 per cent and not 
more than 0 per cent of NaClO.^’ The U. S. P. cautions that this 
solution is not suitable for application to wounds. It is a dear, 
pale, green ish-vel low liquid having an odor of chlorine, and it is 
affected ajherscly by light. If ''Ixibarrmpies Solufmi" is desired, 
this solution diluted with an equal volume of water may be dis- 
pensed. The solution is used as an oxidizing and bleaching agent. 
It is interesting to note that a 2 per cent solution is being widely 
used as a laundry bleaching agent, e, g., Ililex^ Hy-Lo, etc. 

^ 2. Dilvfed Sodivin Hypochloriie Solution (Liquor Sodii Ilypochlo- 
ritis Dilutus, Modified Dakin’s Solution, Liquor Sodic Chlorinata^ 

( -hirurgicalis), N. F. VIII.-This is an “aqueous solution of chlo- 
rine compounds of sodium containing, in each 100 cc., not less 
than 0.45 Gm. and not more than 0.50 Gm. of NaOCl, equivalent 
to not less than 0.43 Gm. and not more than 0.48 Gm. of avail- 
able Cl/' 

^ It is prepared by diluting 1000 cc. of Sodium Hypochlorite Solu- 
tion with 5000 cc. of distilled water, adding 40 cc. of a 5 per cent 
solution of sodium bicarbonate in cold distilled water, and mixing 
the solution thoroughly. Twenty cubic centimeters of the mixture 
are removeid, about 20 mg. of powdered phenolphthalein added 
and the mixture shaken gently for two minutes. If a red color 
develops, more of the solution of sodium bicarbonate is added to 
the original dilution until no red color is produc*ed when other 20-cc 
samples of the mixture are tested as directed above Then the 
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percentage of sodium hypochlorite in the solution is determined as 
directed in the assay, and sufficient distilled water added to make 
the final solution contain 0.48 Gm. of NaOCl in each 100 cc. 

Sodium bicarbonate is a salt composed of a strong base and a 
weak acid. By the addition of a solution of sodium bicarbonate the 
Na"^ is increased and therefore the 011“ will be decreased, because 
the product of the concentrations of the sodium ion and the hydrox- 
ide ion divided by the concentration of sodium hydroxide is equal 
, , , ^ [Na-^1 X fOHi 

[INaUHJ 

The limit of alkalinity is determined by adding about 20 mg. of 
powdered phenolphthalein to 20 cc. of the solution contained in a 
test tube. No red color should be produced in the mixture when 
agitated. 

The purpose in buff(Ting this solution is to lower the alkalinity 
and thus make it more suitable for application to the tissues. It is 
used as an antiseptic and irrigant for wounds. 

SODIUM HYPOPHOSPHITE 


Sodivvi IIypo])}io.s‘phifef N. F. VIII 

II 

I 

IVrrnula, Na PTloO,. IFO; NaO— P-O.ll O 

I 

H 

Molecular Weight, 10(’.01 

Physical Properties. — Sodium Hypophos])hite occurs in the form 
of small, colorless, transparent, rectangular plates, having a pearly 
luster, or as a white granular powder. It is odorless and has a saline 
taste. The salt deliquesces in moist air. 

One Gm. of the salt dissolves in about 1 cc. of water at 25° C., 
or in about 0.20 cc. of boiling water. It is soluble in alcohol and 
freely soluble in glycerin at 25° C., and in boiling alcohol. It is 
slightly soluble in dehydrated alcohol. 

Chemical Properties. — When sodium hy])ophosphite is heated, it 
loses its water of hydration. Fpon further lieating, it is decom- 
posed into inflammable phosphine (1) (PH;^, poisonous'), and sodium 
pyrophosphate is left as a residue (2). 

(1) 2PII3 + 4O2 2IIPO3 + 21120 

(2) 4NaPIl202 Na4P207 + 2PII3 T + 

The principal chemical property of hypophosphites is eviden(‘ed 
in their remarkable reducing power. This has already been dis- 
cussed under Hypophosphorous Acid (p. 115). 

Official Tests "for Identity.— 1. It responds to all tests for Sodiian 

(7. V.) 

2. It responds to all tests for Hypophosphites: 
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(a) When strongly heated, spontaneously inflammable phosphine 

is evolved (1, 2). ^ i i- 

(b) When treated with mercuric chloride 1 .S., hypophosphites 

give a white precipitate of mercurous chloride (3). 

(3) AHgCh + NaPH202 + 2 H 2 O 2Hg.>Cl2 j + 3HC1 + 
II3PO4 + NaCI 

This precipitate becomes gray with an excess of hypophosphite due 
to further reduction of the mercurous chloride to free mercury. 

(c) When a solution of sodium hypophosphite is acidified with 
sulfuric acid and warmed with copper sulfate T.S., a red precipitate 
of copper hydride is formed. (See p. 115.) 

Commercial Manufacture.— Sodium hypophosphite is usually pre- 
f)ared by (1) the decomposition of calcium hypophosphite with 
sodium carbonate, or (2) by the less (‘ommoii method of boiling 
{)hosphorus with sodium hydroxide. 

1. Calcium hypophosphite is first prepared by the action of 
phosphorus on milk of lime (4). The products are calcium hypo- 
phosphite and phosphine. 

(4) 3Ca(OIl),> + 8? + 611,0 3Ca(?lT.,0.>)2 + 2ril3 T 

Rarium hydroxide could be substituted for calcium hydroxide in 
the above reaction, in which case barium hypophosphite would be 
formed. The calcium hypophosphite is purified by suitable means 
(see p. 331) and then reached with sodium carbonate (5) to yield 
a precipitate of calcium carbonate together with the sodium hypo- 
phosphite which remains in solution. Tlie precipitated calcium 
carbonate is filtered off and the filtrate carefully evaporated at 
reduced pressure and with constant stirring until a granular salt is 
obtained. 

(5) Ca(RITa)2 + Na^CO:, 2NaPIl202 + CaCO^ j 

2. Sodium hypophosphite may be made by boiling phosphorus 
with a solution of sodium hydroxide (6). In order to prevent the 
decomposition of the hypophosphite by any excess alkali, carbon 
dioxide is passed into the liquid. When the reaction is complete, 
the solution is carefully evaporated and the sodium hypophosphite 
dissolved in alcohol, from whi(;h it may be granulated or crystallized. 

(6) 6NaOII + 8P + 6H2O 6NaPn202 + 2PH3 T 

Pharmaceutical Preparations and Uses. — 1. Sodium Hypophosphite 
(Sodii Hypophosphis), N. F. VIII. — Sodium Hypophosphite, when 
dried over sulfuric acid for two hours, contains not less than 98 per 
cent of NaH2p02.H20. The N. F. cautions that care should be 
exercised in compounciiiig sodium hypophosphite with other sub- 
stances, especially nitrates, chlorates and other oxidizing agents. 
Because of its marked reducing properties, an explosion may result 
when it is intimately contacted with oxidizing agents. The use of 
hypophosphites as nerve tonics has already been shown to be 
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irrational (see p. 117) because most of them pass through the body 
unchanged. Average dose— 0.5 Gm. (approximately 7| grains). 

2. Hypoph(),s‘ 2 jliite.^> Syrvp (Syrupus Hypophosphitum), N. V. 
VIII.— This syrup contains 1.8 per cent of sodium hypophosphite 
together with the same amount of potassium hypophosphite and 
8.5 per cent of calcium hypophosjdiite. ddie use of this syrup is 
based on the su])posed nerve tonic* properties of the hypophosphites. 
ddie syrup is probably of little value. Average dose— 8 cc. (ap- 
proximately 2 fluidrachrns). 

S. Compound Ilypophosjjhites Syrup (Syrupus Hypophosphitum 
Gompositus), N. F. Mil.— This preparation contains 1.75 per cent 
of sodium hypophosphite tog(‘ther with other hypophosphites (Ca, 
K, Fe, and Vln). It is an even more complex preparation than 
Hypophosphites Syrup but probably has no more value as a n(‘rve 
tonic. Average dose— 8 cc. (approximately 2 fluidrachrns). 

SODIUM IODIDE 

Sodium lodidcy V. S. P. XHI 

Formula, Nal. VIolecular Weight, 149.92 

Physical Properties.- Sodium Iodide occurs as a white crystalline 
powder or as colorless, odorless, cubical crystals. The salt cakes 
and then deliquesces in moist air and frequently decomposes witli 
the liberation of iodine which gives the salt a brown tint. It has a 
density of 8.()()7 at 20° C. At temperatures below 30° C., mono- 
clinic crystals with 2 molecules of water separate from aqueous 
solutions. 

One Gm. of Sodium Iodide dissolves in 0.() cc. of water, in about 
2 cc. of alcohol, and in about 1 cc. of glycerin, at 25° C. One (im. 
is soluble in 0.4 cc, of boiling water. 

Sodium iodide melts at 051° C. At higher temperatures it 
slowly volatilizes with partial decomposition of the vapors. 

Chemical Properties.- The chemical reactivity of sodium iodide 
may be considered from the standpoint of (1) precipitation reactions 
and (2) ease of oxidation to iodine. 

1. Almost all of the iodides are soluble with the exception of 
silver, mercury (ous and ic), lead, copper (ous), and bismuth. 
When solutions containing these cations are reacted with solutions 
of sodium iodide a precipitate of the (‘orresponding insoluble iodide 
will be formed. For example, silver nitrate precipitates Agl (1), 
mercuric chloride precipitates Hgl 2 (2), etc. 

(1) AgNOs + Nal Agl i + NaNO, 

(2) HgCb -h 2NaI HgL> i + 2NaCl 

However, in the presence of an excess of sodium iodide (or other 
soluble iodide) many of the insoluble iodides are converted to 
soluble compounds (3). 

(3) Hgla + 2NaI — > Na 2 Hgl 4 
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Silver iodide, however, is not solubilized. . 

2. Sodium iodide (in common with other soluble iodides) is easily 

oxidized by many reagents to yield iodine. 

Chlorine water (also bromine water) will displace iodine iroin 
its binary compounds as previously shown (see p. 84). Sodium 
iodide is no exception (4). 

(4) 2NaI + X2 2NaX + I2 (X = Cl or Br) 

Hydrogen peroxide liberates iodine from an acidified (dil. H2SO4) 
solution of sodium iodide (5). 

(5) H2O2 + 2Na[ + 112804 -> I2 + 2II2O + Na>S()4 

Ferric salts ha\'e sufficient oxidizing power to oxidize sodium 
iodide to iodine ((>), although they are incapable of doing the same 
to solutions of bromides. 

(6) 2FeCl;i -j- 2XaI — > 2FeCl2 “f~ ^2 “h 2Xa( 1 

There are numerous other oxidizing agents which arc capable of 
forming iodine from sodium iodide, but the above suffices to illustrate 
this type of reaction. 

Official Tests for Identity.--!. The salt responds to all tests for 
Sodium (q. V.). 

2. Solutions (1 in 20) of sodium iodide respond to all tests for 
Iodide: 

(а) The addition of chlorine T.S. (*auses the liberation of iodine 
(4) which colors the solution yellow to red. If the iodine is dis- 
solved from the water by shaking the latter with chloroform, the 
chloroform is colored purple. This free iodine will color starch blue. 

(б) The addition of silver nitrate test solution will cause 
the precipitation of insoluble yellow silver iodide (1) which is in- 
soluble in diluted nitric acid and also in excess ammonia T.S. 

Commercial Manufacture.— Sodium iodide is manufactured by two 
processes which are analogous to those described in detail for the 
laboratory preparation of potassium bromide {q. v.). Briefly, these 
methods involve (1) the decomposition of ferrous iodide with 
sodium carbonate or (2) the action of iodine upon a solution of 
sodium hydroxide. (See Sodium Bromide.) 

1. Iodine may be reacted with iron wire or filings to obtain ferrous 
iodide (7, 8) which is then decomposed with sodium carbonate (9). 

(7) Fe + I2 Fel2 

(8) 3Fel2 + I 2 -> Fel2.2Fel3 

(9) Fels . 2Fel3 + 4Na2C03 8NaI + FeO . Fe20., j + 4CO2 T 

The ferroso-ferric oxide is filtered out and the filtrate is concen- 
trated to obtain the sodium iodide. 

2. As in the analogous case of sodium bromide, iodine may be 
added to a solution of sodium hydroxide until a slight excess is 
present. This causes the formation of sodium iodide and sodium 
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iodate (10). The sodium iodate is converted to iodide by reduction 
with carbon (11). 

(10) ONaOH + :^l 2 - 5x\al + NalOa + 3 II 2 O 

(11) NalOa + 3C Nal + 3CO t 

Laboratory Preparation. — (See Laboratory Method of Preparation 
for Potassium Iodide, p. 249.) 

Pharmaceutical Preparations and Uses. — 1. Sodium Iodide (Sodii 
lodidum), U. S. P. XIIL — “Sodium Iodide, when dried at 120° 
to constant weight, contains not less than 99 per cent of Nal.” 
Therapeutically, sodium iodide has the action of the iodide ion. 
(See Pharmacology of Iodide Ion, p. 95.) It may be administered 
orally or intravenously. The intravenous route is said (in com- 
mercial literature) to avoid gastric discomfort and to be less likely 
to produce iodwm. However, the N. N. R. (1947) gives the follow- 
ing warning, “The intravenous injection of sodium iodide is a 
dangerous proceeding. While it is tolerated in many cases without 
bad effects, it may produce not only acute and violent iodism, but 
also colloidoclastic shock and pulmonary edema. It should there- 
fore not l)e employed to secure the ordinary actions of iodides, 
except in very special and restricted conditions, such as (1) certain 
rare cases of acute thyrotoxicosis with severe vomiting, and (2) in 
severe paroxysms of asthma.” 

In pharmaceutical practice sodium iodide m.ay be used to dissolve 
difficultly water-solul)le substances, e. (/., iodine by forming a water- 
soluble salt (see also KI, p. 248). Average dose— 0.3 Gm. (ap- 
proximately 5 grains). 

2. Iodine Tincture (Tinetura lodi, Afild Tincture of Iodine, 
II. S. P. XII), Ii. S, P. Xlll.-Contains 2.1 to 2.0 per cent of 
sodium iodide. (See p, 9().) 

3. Iodine Solution (Liquor lodi), N. F. VUL— This solution con- 
tains not less than 2.1 Gm. and not more than 2.() Gm. of Nal in each 
100 ee. as an aid in holding the iodine in solution. Sodium iodide 
is used instead of potassium iodide because the sodium iodide is 
said to be better tolerated by the tissues. (See also p. 98.) 

4. Sodium Iodide Ampuh (Ampullm Sodii lodidi, Sodium Iodide 
Injection), N. F. VUL— These ampuls “contain a sterile solution 
of sodium iodide, in water for injection, and yield Nal, ecpial to 
not less than 95 per cent and not more than 103 per cent of the 
labeled amount of Nal.” As pointed out above, the intravenous 
use of sodium iodide gives rapid iodide action with possible side 
effects. It is marketed as a 10 or 20 per cent solution usually in 
10 or 20 cc. ampuls. Administration of from 10 to 20 cc. of the 
solution at 2 to 6 day intervals is advocated until results are obtained. 
Average dose— 1 Gm. of Sodium Iodide. 

5. Sodium Salicylate and Iodide A7npuk (Ampulhe Sodii Salicyla- 
tis et lodidi. Sodium Salicylate and Iodide Injection), N. F. VIII.— 
These ampuls “contain a sterile solution of sodium salicylate and 
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sodium iodide in water for injection, and yield €6114 011 .(X)ONa, 
and Nal, equal to not less than 93 per cent and not more than 
103 per cent of the labeled amount of each.’' This is a combination 
which seems to be of especial value in the treatment of rheumatic 
conditions. One of its advantages lies in the fact that both (Irugs 
are administered intravenously and in that manner the gastric dis- 
comfort usually attending their oral administration is avoided. 
The preparation has found some use in tlie treatment ol pneumonia, 
arthritis, and also asthma. Average dose — 1 Om. of Sodium Sal- 
icylate and 1 Cm. of Sodium Iodide. 

(). Sodium Salicylate and Iodide With Colchicine Ampuh (Ani- 
pullse Sodii Salicylatis et lodidi cum Colchicina, Sodium Salicylate 
and Iodide With Colchicine Injection), N. F. MIL —These ampuls 
“contain a sterile solution of sodium salicylate, sodium iodide, and 
colchicine in water for injection, and yield CelL OlI .COONa, and 
Nal, equal to not less than 93 per cent and not more than 103 per 
cent of the labeled amounts of each.” The use of this ampul is 
similar to the use of Sodium Salicylate and Iodide Ampuls with 
the added antiarthritic, antirheumatic and analgesic effect of 
colchicine. Average dose— 1 Gm. of Sodium Salicylate, 1 Gm. of 
Sodium Iodide, and 0.65 mg. of Colchicine. 

SODII3M LACTATE 

CHa II 

\*/ 

Formula, NaCrllftO^; C Molecular Weight, 112.04 

/ \ 

HO COONa 

Physical Properties.— Sodium lactate occurs as a colorless or 
almost colorless, thick, odorless liquid. It is miscible with water 
and alcohol to give a neutral solution. In cc'mmerce it is available 
in admixture with water containing 70 to 80 })er cent of sodium 
lactate. 

Chemical Properties. — This salt is easily ignited to form sodium 
carbonate, CO2 and water (1). 

(1) 2NaC,H603 + 6O2 Na.COa + 5CO2 1 + 5II2O 

Because cf the as^nnetric (ailcn atem (*) in the lactic acid 
portion of the molecule there are two recognized forms of sodium 
lactate, namely sodium <i-lactate and sodium /-lactate. However, 
the commercial salt is usually a racemic mixture consisting of equal 
parts of each of the above and may be termed sodium r-lactate. 
The c/-lactate when administered intravenously is converted almost 
entirely to liver glycogen. ^ The /-lactate is converted into sodium 
bicarbonate. In this way injection of the r-lactate is accompanied 
by both alkalinization (NaHCOs) and antiketogenic effect (liver 
glycogen). 
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From u knowledge of luetiite solubilities, the precipitation reac- 
tions of sodinrn lactate may be readily predicted. The lactates of 
the alkali metals are very soluble, those of the alkaline earth metals 
are only slightly solul)le {e. g., cal(‘ium lactate), and ])ractically all 
others are insoluble. 

Tests for Identity. - I. Solutions of sodium lactate respond to all 
tests for Sodium (7. v.). 

2. When solutions of lactates are acidified with sulfuric acid and 
then heated with potassium permanganate T.S. they liberate acetal- 
dehyde which may be recognized by its odor (2). 

(2) HlNaCJU), + IIII0SO4 + 4KM11O4 lOCH/dlO t + 

2K,S04 + 4]VInS04 + 5Na,SOi + IbH.O + lOCO, t 

Commercial Manufacture.- Sodium lactate is made commercially 
by neutralizing dilute solutions of lactic acid with either sodium 
carbonate (3) or sodium hydroxide (4). 

(3) 2HC,IIrA + Na.C^O;; 2i\a(:.sH503 + II^O + CO. T 

(4) + NaOII NaC^HrA + ICO 

The solution resulting from the neutralization is then concentrated 
to obtain sodium lactate as a 70 to 80 per cent solution. 

Pharmaceutical Preparations and Uses.— 1. Lacfaied Ringer s Solu- 
tion (Liquor llingeri Lacticus), \\ S. P. XIII. — In addition to 
sodium chloride, potassium chloride and calcium chloride, this 
solution contains not less than 290 mg. and not more than 330 mg. 
of sodium lactate per 100 cc. Its use is discussed on p. 179. 

2. Sodium Lactate Injection (Injeetio Sodii Lactatis), U. S. P. 
XIII. — “Sodium Lactate Injection is a sterile solution of sodium 
lactate (Naf^ilkA) in water for injection. It contains not less 
than 95 ])er cent and not more than 110 per cent of the labeled 
amount of NaC;JI.A.” This injection is usualh' marketed as a 
1 molar soluti(m of the racemic form (r-lactate) which must be 
diluted with 5 volumes of sterile distilled water prior to use. The 
purpose of the dilution is to reduce the concentration to \ molar 
which is a])proximately isotonic with the body fluids. Injection of 
sodium la(4ate may be intravenously, intraperitoneally, or subcu- 
taneously depending on the rapidity with which results are required. 
The function of sodium lactate, and incidentally the reason it is 
included in this text, is that the tissues oxidize it very readily to 
sodium bicarbonate with a resultant systemic alkalinizing effect. 
The use of sodium lactate as an alkalinizing agent has certain 
advantages over the use of sodium bicarbonate in that it may be 
readily sterilized and does not produce a systemic alkalosis as 
readily as sodium bicarbonate. Purthermore, the salt is anti- 
ketogenic in that it corresponds to the effect obtained with dextrose 
solution, i. e., glycogen deposition in the liver. To summarize, it 
may be said that sodium lactate can be used in all conditions where 
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the systemic alkaliiiizing effect of sodium bicarbonate is desired to 
combat acidosis, e, g,, severe dehydration in diarrheas, diabetes 
mellitus, renal insufficiency, etc. 

SODIUM NITRITE 

Sodium. Nitrite, S. P. XIII 

Formula, NaN02; NaO— N=0. Molecular Weight, 69.01 

Physical Properties.— Sodium Nitrite occurs in the form of (1) 
white or nearly white, opacpie, fused masses or sticks, (2) colorless, 
transparent, hexagonal crystals, or (3) white or slightly yellow 
granular powder. It is odorless and has a mild, saline taste. It has 
a specific gravity of 2.168 at 20° C. When exposed to the atmos- 
phere, it deliquesces and is slowly oxidized to sodium nitrate. 

One Gm. of Sodium Nitrite dissolves in 1.5 cc. of water at 25° C. 
It is very soluble in boiling water but only sparingly soluble in 
alcohol. 

When heated to 271° C. the salt melts, and at red heat it de- 
composes into oxygen, nitrogen, oxides of nitrogen, and sodium 
oxide. 

Chemical Properties.— Aqueous solutions of sodium nitrite are 
alkaline because nitrous acid is a weak acid and its salts are appre- 
ciably hydrolyzed in solution. 

All nitrites are easily decomposed by acidification with dilute 
sulfuric acid to yield nitric oxide which is readily oxidized by 
atmospheric oxygen to form NO 2 (1, 2, 3). 

(1) 2 NaN ()2 + II2SO4 ^ Na 2 S 04 + 2HNO.> 

(2) 3 IINO 2 ^ H 2 O + 2NO t + HNO 3 

(3) 2NO + O 2 (air) — > 2 NO 2 1 (brown) 

The reactions of the nitrites fall into two categories in which (1) 
the nitrite acts as a reducing agent and (2) the nitrite acts as an 
oxidizing agent, 

1. When the nitrite acts as a reducing agent it itself is oxidized 
to the nitrate. Potassium permanganate, for example, is readily 
reduced when treated with sodium nitrite in acid solution (4). 

(4) 2 KMri 04 + 5 HNO 2 + 3 II 2 SO 4 2 MnS 04 + 5 IINO 3 + 

3 II 2 O + K 2 SO 4 

The chlorates (of the alkali metals) are likewise reduced by acidified 
solutions of the nitrite (5). 

(5) KCIO 3 + 3 HNO 2 3 HNO 3 + KCl 

2. The oxidizing action of the nitrites is accompanied by forma- 
tion of nitric oxide (NO) or nitrogen. The oxidation of an acidified 
(acetic acid or dil. H 2 SO 4 ) solution of potassium iodide to iodine 
illustrates the former (6). 

(6) 2HNO2 + 2 KI + H2SO4 I2 + 2NO t + 2H2O + K2SO4 
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The oxidation of ammonium chloride illustrates the latter (7). 

(7) NaN02 + NII4CI N 2 1 + NaCl + 2 H 2 O 

Official Tests for Identity.- 1. A solution of sodium nitrite re- 
sponds to the tests for Sodhmi (q. r.). 

2. A solution of sodium nitrite also responds to the tests for 
Nitrite: 

(a) When treated with mineral acids or acetic acid, nitrites yield 
hrownish-red fumes of nitrogen dioxide (1, 2, 3). 

(b) A few drops of potassium iodide 1\S. added to an acidified 
solution of a nitrite liberates free iodine which responds to tlie 
starch test (turns starch blue) (8). 

Commercial Manufacture.— 1. Sodium nitrate is melted in iron 
l)ans and sheet lead added a little at a time (8). The temperature 
is kej)t between 450'^ and 500° C., to prevent the destruction of the 
iron pan. The fused mass is poured into water and any alkali 
developed during the reaction is neutralized with diluted sulfuric 
acid. Lead oxide settles to the bottom of the vat. The aqueous 
solution of sodium nitrite is sometimes treated with carbon dioxide 
to remove any dissolved lead, concentrated in open pans to a 
specific gravity of 1.47, and allowed to crystallize in special vessels, 
liy this process approximately 93 per cent of the sodium nitrate 
is converted into scMlium nitrite. A salt containing 98 per cent 
of sodium nitrite may be obtained by recrystallizing the product 
from hot water. 

(8) NaNO, + Lb -> NaNOo + TbO 

2. Sodium nitrite is also made by mixing a concentrated solution 
of sodium nitrate with (piicklime. The mixture is heated and then 
air-free sulfur dioxide is ])assed through it (9). The precipitate is 
allowed to settle and the supernatant liquor filtered and concen- 
trated to crystallization. 

(9) NaiSOa T C. aO -}- SO 2 — ^ ^ aSCLJ, iSaN02 

3. When a mixture of sodium nitrate and sodium hydroxide is 
fused at 3()()° (\ and anhydrous calcium sulfite added, the nitrate 
is reduced to the nitrite (10). 

(10) NaNOs + CaSCL NaNO> + CaS 04 

4. Most of the sodium nitrite is now obtained by absorbing the 
NO gases, resulting from the catalytic oxidation of ammonia, in 
NaOII. (See p. 122.) 

Frequently, the crystallized sodium nitrite obtained by any one 
of the above processes is fused and the melt poured into stick or 
pencil-shaped moulds. 

Laboratory Preparation.— Fuse 30 Gm. of sodium nitrate in an 
iron crucible and heat between 450° and 500° C. At this tempera- 
ture any water of hydration is driven off and iodides and iodates 
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are decomposed. To the fused mass at 450^ U. add 75 Gm. of lead 
(in thin sheets), in divided portions, stirring constantly (8). Stir 
the mixture more or less continuously for four hours, and maintain 
it in the fused condition for three and a half hours longer. Pour 
this molten mass into water which is constantly agitated. 

At this point there is formed about 1 per cent of sodium 
hydroxide in which lead is soluble. The solution also contains 
sodium nitrite, sodium chloride and sodium nitrate. The residue 
consists of lead, lead oxide and lead peroxide. 

Strain the residue from the washings, dilute the latter until it 
has a specific gravity of 1.342, and neutralize with diluted nitric or 
sulfuric acid. Concentrate the liquid to a specific gravity of about 
1 .47, clarify by standing, and set it aside in a glass dish to crystal- 
lize. Recrystallize the salt from hot water. 

Pharmaceutical Preparations and Uses. — 1. Sodiwu Nitrite (Sodii 
Nitris), U. S. P. XIII.— Sodium Nitrite, when dried over sulfuric 
acid for four hours, contains not less than 97 per cent of NaN02. 
The principal action that can be ascribed to sodium nitrite is that 
of relaxing smooth muscle, especially that in the smaller blood 
vessels. This action lowers the blood pressure markedly. Because 
of this action sodium nitrite has been used in a variety of diseases, 
of which angina pectoris is of particular importance. It requires 
from five to twenty minutes to obtain the nitrite effect from a dose 
of the drug but the activity lasts from one to two and a half hours. 
Because of its slow onset of action it is without value in the treat- 
ment of an acute attack. However, it is a cheap and effective 
prophylactic drug for use in angina pectoris. 

Sodium nitrite has been more or less discredited^ in the treatment 
of essential hypertension, its luse being termed '‘illogical and 
dangerous.’' The salt is used in the treatment of cyanide poisoning.^ 

Sodium Nitrite has the ability to form methemogh^bin when 
injected into the animal body. Methemoglobin reacts readily with 
cyanide ion to form cyanmethemoglobin in which form the cyanide 
ion is incapable of exerting its toxic effects. Sodium thiosulfate is 
injected following the nitrite, in order to convert the cyanide to 
the much less toxic thiocyanate. Average dose— 60 mg. (approxi- 
mately 1 grain). 

2. Sodium Nitrite Tablets (Tabellae Sodii Nitritis), U. S. P. XIII. 
—These tablets “contain not less than 93 per cent and not more 
than 107 per cent of the labeled amount of NaNOi." These tablets 
offer a convenient method of administration of sodium nitrite, since 
solutions of sodium nitrite are unstable. 

3. Copaiba Mixture (Mistura Copaibse, Lafayette Mixture), 
N. F. VIII.— Copaibr Mixture contains 0.3 per cent of sodium 
nitrite in addition to numerous other ingredients. This prepara- 
tion was originally introduced as a gonorrhea remedy, but finally 

1 Weiss and Ellis: Arch. Int, Med., 62, 106 (1933). 

2 Chen, Rose, and Clowes: Am. J. Med. Sci., 188, 767 (1934). See also Goodman 
and Gilman: Pharmacolotdcal Basis of Therapeutics, The Macmillan Company 
p 701 (1941). 
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came to be used for its diuretic action. This preparation is out- 
dated and has been superseded by many superior drugs. (See 
Potassium Hydroxide, p. 246.) Average dose— 8 cc. (approxi- 
mately 2 fluidrachms.) 

SODIUM PERBORATE 

Sodivm Perborate, V. S. P. XIII 
Formula, NaB03.4H20. Molecular Weight, 153.88 

Physical Properties. — Sodium Perborate occurs as white, crystal- 
line granules or as a white powder. It crystallizes in transparent, 
colorless, monoclinic prisms. It is odorless and has a saline taste. 
The salt is stable in cool, dry air free from carbon dioxide. In warm 
(40° C.) or in moist air, it is decomposed with the evolution of 
oxygen. One Gin. is soluble in about 40 cc. of water. 

Chemical Properties.— Sodium perborate in aqueous solution slowly 
hydrolyzes at room temperature to form sodium metaborate and 
hydrogen dioxide (1) from which oxygen is slowly evolved. When 
the solution is warmed to 40° C., the oxygen is given off more 
rapidly. 

(1) NaB03.4H20 II 2 O 2 + NaB02 + 3 H 2 O 

Some investigators claim that the official formula does not accur- 
ately represent the constitution of this compound and contend that 
NaBO2.II2O2.3H2O is the correct composition. This would explain 
the ease with which it is hydrolyzed yielding H2O2 (1). 

Solutions of the salt are alkaline in reaction. This is readily 
explained on the basis of its hydrolysis equations (2, 3). 

(2) NaB03.4H20 ^ H 2 O 2 + NaB02 + 3 H 2 O 

(3) NaB02 + 2H2O ^ NaOH + H3BO3 

The reactions of sodium perborate may be summarized as being 
a composite of those involving the sodium ion, hydroxide ion, boric 
acid, hydrogen peroxide and metaborate ion, all of which have 
been discussed previously. 

Official Tests for Identity.— 1. An aqueous solution gives an alka- 
line reaction to both litmus and phenolphthalein (2, 3). 

2. The salt in solution gives the same test with turmeric paper 
as is obtained with borates (see p. 101). 

3. Because hydrogen peroxide is obtained by the hydrolysis of 
the salt (1), the test for hydrogen peroxide (see p. 57) is used to 
detect the salt. This test is carried out by agitating a mixture 
of 1 cc. of an aqueous solution of the salt (1 in 50), 1 cc. of diluted 
sulfuric acid, a few drops of potassium dichromate T.S. and 2 cc. 
of ether. A blue color in the ether constitutes a positive test. 

Commercial Manufacture.- Two of the methods used for the manu- 
facture of sodium perborate are of German origin and differ only 
ill the conditions under which boric acid and sodium peroxide react 
to form the salt. 

1. Jaubert's method involves the mixing of boric acid and sodium 
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peroxide and slowly adding it to cold water acidulated with either 
sulfuric or hydrochloric acids (4). The^crystals that separate out 
are washed with alcohol and dried at 58 ( . 

( 4 ) H 3 BO 3 + Na^Oo + HCl NaB 03 + 2 II 2 O + lVa(4 

2. Another method which is said to yield better results is to add 
150 kilos of sodium peroxide to 200 liters of cold water. A rise in 
temperature is prevented by the addition of ice. One hundred and 
fifty kilos of boric acid are then added and carbon dioxide ])assed 
into the liquid until 50 cc. of the filtered solution only reduces the 
permanganate in 5 to 10 cc. of an acidulated (II 2 SO 4 ) fifth-normal 
solution of potassium permanganate. The reaction mixture is kept 
cold during the entire operation and the reaction is finally coni- 
pleted by saturating the mother liquors with sodium chloride (5). 

(5) 2 H 3 BO 3 + 2NajOo + CO 2 -> 2 NaB 03 + NajCOs + 3IL,() 

3. Sodium perborate may be prepared by adding sodium hydrox- 
ide and twice the theoretical quantity of hydrogen dioxide to a 
saturated aqueous solution of borax (6). 

(6) Na 2 B 407 + 2NaOH + 4 H 2 O 2 -> 4 NaB 03 + 51 W 

Pharmaceutical Preparations and Uses. - 1. Sodium Perborafe (Sodii 
Perboras), II. S. P. XIII.— ‘'Sodium Perborate contains not less 
than 9 per cent of available oxygen, corresponding to about 86.5 
per cent of NaBOn . 4 II 2 O.” The use of this salt de])ends entirely 
upon its ability to form hydrogen peroxide upon hydrolysis (essen- 
tially nascent oxygen). Because of this formation of hydrogen 
peroxide it has been used orally a great deal in the treatment of 
Vincent’s angina. In this disease (commonly known as “trench 
mouth’’) sodium perborate is applied as a glycerin or water paste, 
and this may be supplemented by using a 2 per cent (saturated) 
solution as a mouth wash. It is widely used as a dentifri(‘e, although 
there is some danger of corrosion due to lodging of ])articles in the 
teeth with resultant hydrolysis (2, 3) to sodium hydroxide. It is 
occasionally used as a dusting powder. 

2. N. F. Aromatic Sodiuvi Perborate (Sodii Perboras Aromaticus, 
N. F.), N. F. VIII.— This preparation consists simply of sodium 
perborate which has been pleasantly flavored Avith 4 cc. of pepper- 
mint oil and 4 Grn. of Saccharin Sodium per 1000 Gm. of preparation. 
The flavoring covers the saline taste and makes it a better prepara- 
tion for oral use. 

SODIUM PHOSPHATE 

Sodium, Phosphate, U. S. P. XIII 
NaO. 

Formula, Na 2 lIP 04 . 7 Il 20 ; NaO^P = 0 . 7 H 2 O. 

HO 

Molecular Weight, 268.09 

Physical Properties.— Disodium hydrogen phosphate crystallizes 
from cold solutions in large, colorless, odorless, monoclinic prisms 
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having 12 molecules of water of hydration. It also occurs as a 
colorless or white granular salt. It has a not unpleasant saline 
taste. The salt has a specific gravity of 1.524 at 16° C. and easily 
effloresces in air, losing 5 molecules of water. When crystallized 
from solutions above 35° C., it contains 7 molecules of water. 
This hydrate is the official form of the salt. It effloresces in warm, 
dry air. 

One Gm. of Sodium Phosphate dissolves in 4 cc. of water at 
25° C. It is very slightly soluble in alcohol. 

Chemical Properties. —When the salt is heated to 40° C., it fuses 
to a colorless liquid. At 100° C. it becomes anhydrous and at about 
300° C. it is converted into sodium pyrophosphate (2). It may be 
noted that when either the primary or secondary sodium phosphates 
are heated they lose water and are converted into sodium metaphos- 
phate in the former instance (1) and into sodium pyrophosphate in 
the latter (2). Tertiary sodium phosphate is unchanged by heating 
because it does not contain any of the original hydrogen of ortho- 
phosphoric acid. 

(1) NaIl 2 P 04 ^ NalU + H 2 O 

(2) 2 Na 2 HP 04 ?=> Na 4 P 207 + II 2 O 

An aqueous solution of disodium hydrogen phosphate is alkaline 
to litmus paper and to phenolphthalein test solution. As previ- 
ously stated (p. 126), this is occasioned by hydrolysis, i. e., the 
tendency of the hydrogen ion of the w^ater to combine with the 
monohydrogen phosphate ion to form dihydrogen phosphate ion. 
The alkalinity, of course, is due to the presence of hydroxide ion (3). 

(3) IIP 04 = + II 2 O ^ II 2 PO 4 - + OH- 

Much of the chemistry of the phosphate ion has already been 
discussed (see p. 12()), but it should be pointed out again that many 
of the incompatibilities of this salt which are not due to its alkalinity, 
are due to insoluble salt formation. Insoluble salts are readily 
formed with silver salts, barium salts (4), ferric salts (5), and lead 
salts (6). 

(4) Na 2 lIP 04 + BaClo ^ 2Nari + BallPOi i 

(5) Na2HP04 + VeC\, ^ FeP04 i + 2Nari -f IK I 

(6) 2Na2HP04 + 3Pb(CIl3COO)2 ^ IMVOd^i + 2C]h- 

COOH + 4CH3COONa 

In reaction (4) the presence of ammonia wall cause the formation 
of tertiary barium phosphate (7). 

(7) 2 Na 2 HP 04 + 3BaCl2 + 2 NH 3 ^ Ba 3 (P 04 ) > i + 2 NH 4 - 

CI -h 4Nari 

In addition to the sodium bicarbonate: carbonic acid buffer sys- 
tem in the body, we also have a phosphate buffer system which is 
composed of NaIl 2 P 04 and Na 2 HP 04 . This system, while not as 
important as the NaHC 03 :H 2 C 03 system, still plays an important 
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role in the regulation of body pH. It is especially adapted to 
taking care of acidic substances and, although slow, it is probably 
the most efficient because it guards the alkali reserve. The probable 
mechanism is by transformation of disodium phosphate by the 
kidney to the monosodium form with the consequent saving of 
1 mole of alkali for the body (8). 

(8) NaoHPOi + H+ ^ NalloPOi + Na+ (saved for the body). 

(Excreted by- 
kidneys) 

Phosphorus-containing foods, whk^h are oxidized in the tissues to 
orthophosphoric acid, arc probably the origin of disod iuin ])hos- 
phate. It is said that this buffer system is composed of 80 per cent 
of the disodium salt and the remainder the monosodium salt. 

Official Tests for Identity.— Aside from the fact that aqueous solu- 
tions of this salt are alkaline to phenolphthalein, its tests are exactly 
the same as those given for Sodium Biphosphate (p. 100). 

Commercial Manufacture.— Disodium hydrogen phosphate is 
manufactured by (1) neutralizing orthophosphoric acid with sodium 
carbonate and (2) from bone ash or phosphorite (q, v.). 

1. Sodium carbonate does not affect the third hydrogen in ])h()s- 
phoric acid and, therefore, the result of interaction is disodiurn 
hydrogen phosphate (9). 

(9) II,P04 + Xa,( ’03 Xa>IIP()4 + HoO + C(h T 

The solution containing the salt is concentrated to crystallization 
at a specified temperature (see Physical Properties) to obtain either 
heptahydrate or the hydrate containing 12 moles of water. The 
crystals are centrifuged, washed and dried. Care is taken to pre- 
vent efflorescence of the salt. 

2. The salt is also i)repared by first digesting bone ash or phos- 
phorite for several days with diluted sulfuric acid (10). The result- 
ing solution of phosphoric acid and primary calcium phosphate is 
then concentrated in order to completely separate the calcium sul- 
fate, filtered, diluted, and sodium carbonate added until precipita- 
tion ceases (11). The filtered solution is concentrated and allowed 
to crystallize. 

(10) Ca:3(P04)2 + 2112804 ^ CaIl4(P04)2 + 2 (\aS 04 j 

(11) CaIl4(P04)2 + Xa2rO, -> Xa2HP04 + CalllUi + 

CO 2 t + n20 

Pharmaceutical Preparations and Uses. 1. Sodium Pluhsphafc 
(Sodii Phosphas, Dibasic Sodium Phosphate, Disodium Ortho- 
phosphate, Disodiuin Hydrogen Phosphate), U. S. P. XHI.— 
‘'Sodium Phosphate, when dried to constant weight at 110°, 
contains not less than 98 per cent of Xa2HlX)4.” This salt (the 
first phosphate salt commercially prepared) is used principally for 
jts laxative properties. The administration of 2 to 4 Gin. of sodium 
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phosphate in a ^lass of hot water an hour before breakfast usually 
results in a single soft stool within an hour. It belongs to a class 
of laxatives known as “saline laxatives.” There are many schemes 
of classification of laxatives, but the one adopted by Green^ is 
easily understood. He divides the laxatives in the following way: 

A. Bulk-increasing Laxatives: 

1. Cellulose and non-digestible polysaccharides (mucilages). 

2. Saline cathartics. 

3. Liquid petrolatum. 

B. Irritant Cathartics: 

1. Vegetable acids and sulfur. 

2. Castor oil. 

3. Anthraquinone cathartics and phenolphthalein. 

4. Drastic purgatives. 

5. Mercurial purgatives. 

About , sal me laxatives he says “If a hypertonic solution of sodium 
chloride is in contact with the intestine it does not remain hyper- 
tonic long. The intestine, being permeable to both sodium ions 
and chloride ions, soon absorbs enough of the salt to render the 
solution isotonic and no purging takes place. If a solution of 
sodium sulfate is placed in the gut, a different condition exists. 
The intestine is permeable to sodium ions but not to sulfate ions. 
The sulfate ions (and enough positive ions to balance it) stay behind 
creating a hypertonic state. This can be alleviated only by the 
introduction of water from the blood and other tissues until the 
fluid inside the intestine is again isotonic. The increased pressure of 
this extra water, by virtue of its bulk, brings about catharsis. This 
is what happens when the physician prescribes a saline cathartic 
during edema; the water from the edematous area enters the gut to 
render its contents isotonic. 

Any simple inorganic compound can behave as a saline cathartic 
providing the intestine is impermeable to one or more of its ions. 
Compounds like magnesium sulfate, in which neither ion can pene- 
trate the intestine in appreciable amounts, are very effective, 
although not necessarily more so, than compounds in which only 
one ion is not absorbed. 

The frequent use of salines is inadvisable because it increases 
the possibility of dehydration. 

In addition to the use of this compound in saline laxatives, it is 
used in the packaged cheese industry as an emulsifying agent. 
Because packaged cheese is made from natural cheeses of varying 
characteristics it is found that they sometimes tend to “oil off,” 
i. e.y form globules of fat on their surface. The addition of a small 
amount of disodium phosphate or tetrasodium pyrophosphate (a 
derivative) prevents this “oiling off.” 

» Groon, M. W., J. Am. Pharm. Assn. (Pr. Ed.), 7 , 347 (1946). 
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It is also used in the adjustment of caleiuin-i)hosphorus ratios in 
prepared milk and iee cream. Its action is that of an emulsifier, 
tending to prevent agglomeration of solids, and insures a smooth, 
creamy consistency. Average dose— 4 Gm. (approximately 1 
drachm). 

2. Effervescerit Sodiinn Phosphate (Sodii Phosjduis Ett'ervescens), 

S. P. XIIL— This preparation contains 20 per cent of Exsi(‘catcd 

Sodium Phosphate (see preparation 3) together with sodium bicar- 
bonate and tartaric and citric acids, 'fhis preparation is used as 
a palatable laxative, the palatability being improved by the car- 
bonation from the interaction of sodium bicarbonate and the organic 
acids. Average dose— 10 Gm. (api)roximatcly 2^ drachms). 

3. Exsiccated Sodium Phosphate (Sodii Phosphas Exsiccatus, Dried 
Sodium Phosphate), V. S. P. XIII. — “ Exsiccated Sodium Phos- 
phate, when dried at IPD to constant weight, contains not less 
than 98 per cent of N^a 2 llP 04 .” It is prepared by allowing the 
crystals of scjdium phosphate to efirlores(‘e for several days in warm 
air at a temperature of from 25° to 30° G. The drying is continued 
in an oven, the temperature of which is gradually raised to 110° C. 
When the salt ceases to lose weight, it is powdered, sifted, and 
stored in well-closed containers. Too high a temperature at the 
beginning of the exsiccation causes the salt to dissolve in its own 
water of hydration and it is then diflicult to expel traces of water 
from the hard, caked residue left upon evai)oration of this solution. 
It is used principally in the pre})aration of h'fi'erveseent Sodium 
Phosphate. Average dose— 2 Gm. (approximately 30 grains). 

4. Methylrosamli'ue Chloride Jelly (Gelatum Metliylrosaniliiue 
Chloridi, Gentian Violet Jelly), N. F. ATII.- This preparation (‘on- 
tains 0.43 per cent of exsiccated sodium phosphate. The sodium 
phosphate acts as a bufler to prevent development of acidity in the 
preparation which would lessen the efficacy of the drug. This 
preparation is used as an efficient application to ))urn('d areas. The 
use of a jelly is said to give results far superior to those cxpcrieaiced 
with application of aqueous solutions alone. 

5. Pepsin Elixir (Elixir IVpsini), N. F. VIII.— 44us ])reparation 
contains in addition to other ingredients (pepsin, citric acid, dis- 
tilled water, glycerin and aromatic elixir) 1 .3 ])er cent of exsiccated 
sodium phosphate. The sodium phosphate together with the citric 
acid establishes a pH of approximately 4.5, at which point the 
proteolytic property of the pepsin is the most stable. The N. F. 
notes that to insure the dispensing of this elixir at standard strength 
it is required that an excess of pepsin be used in preparing it. 
Average dose— 8 cc. (approximately 2 fluidrachms) . 

6. Sodium, Phosphate Solution (Liquor Sodii rhos})hatis), N. F. 
VIII. — ‘‘Sodium Phosphate Solution contains, in each 100 cc., not 
less than 37 Gm. and not more than 41 Gm. of Na‘)nP 04 .” It is 
prepared by dissolving 400 Gm. of Exsiccated Sodium Phosphate 
(or an equivalent quantity of the crystallized form) together with 
130 Gm. of citric acid and 150 cc. of glycerin in enough distilled 
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water to make 1000 cc. of finished preparation. If the crystallized 
form is used, the water present as water of crystallization should 
be deducted from the amount of water called for by the formula. 
The presence of a small amount of sodium hydrogen citrate (formed 
when sodium phosphate and citric acid react) and of gl^ycerin tend 
to prevent crystallization. It is used for its laxative properties. 
Average dose —8 cc. (approximately 2 fluidrac'hms). 

7. Sodiinn Thiocyanate Elixir (Elixir Sodii Thioeyaiiatis, Elixir 
of ScKlium Sulfocyanate), N. E. VIIl.— This preparation contains 
40 Gm. each of sodium thiocyanat(‘ and sodium phosphate (not 
exsiccated) in every 1 ()()() cc. The j)reparatioii is us(‘d in the treat- 
ment of essential hypertension (see p. 215). Average dose - 4 cc. 
(approximately 1 Iluidrachm). 

SODIUM SULFATE 

Sodiavi Sulfdtr, \ . S. P. XIII 

lormuia, NanS()4 . lOHoO; S' .lOlfT) 

XaO N) 

Molecular Weight, 322.21 

Physical Properties.- Sodium Sulfate occurs in large, colorl(‘ss, 
transparent, monoclinic; crystals or smaller granular (*rystals, which 
are odorless and have a saline, bitter taste. Because the vapor 
pressure of the decahydrate is larger than tlu* mean vapor tension 
of the moisture in the air, the crystals efiloresce rapidly on exposure 
to air and becom(‘ covered with a white j)owder of anhydrous sodium 
sulfate. The crystals have a specific gravity of 1 .492 at 20° (\ 

One (tiu. of Sodium Sulfate dissolves in about 8 cc. of water at 
0° (\, in 1.5 cc. of water at 25° (\, in 0.28 cc. of water at 34° (\ 
(temperature of greatest .solubility) and in 0.42 cc. of water at 
100'^ G. It is insoluble in alcohol but dissolves in glycerin. 

At about 33° C. Glauber’s salt melts in its water of hydration 
to form a supersaturated solution, and part of the anhydrous salt 
separates out. When the heating is continued at 100° G., all of 
the water (about 50 ])er cent) is driven off, and there remains an 
anhydrous sodium sulfate which fuses without decomposition at 
about 88()° G. 

Chemical Properties. The principal chemical properties of sodium 
sulfate deal with the precipitation of the sulfate ion in the form 
of insoluble salts. Almost all sulfates are freely soluble, but there 
are several notable exceptions, namely BaSO^, ('aS 04 , SrS 04 and 
PbS 04 . Addition of soluble salts of the above cations to solutions 
of NaoSOA will cause precipitation of the corresponding sulfates. 

The anhydrous salt readily hydrates itself to form th(‘ decahy- 
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drate, and for this reason is used as a drying agent for organic 
liquids such as ether, chloroform, etc. 

Official Tests for Identity.— 1. Solutions of sodium sulfate (1 in 
20) respond to all tests for Sodium {q. v.). 

2. Solutions of the salt also respond to all tests for Sulfate: 

(a) Upon addition of barium chloride T.S., a precipitate of BaS 04 
is formed (1). The precipitate is insoluble in hydrochloric or 
nitric acids. 

(1) Na 2 S 04 + BhCIo IhiS 04 l + 2NaCl 

(b) Lead acetate T.S. will produce a white precipitate of lead 
sulfate (2) which is soluble in ammonium acetate solution. 

(2) Na.2S04 + (CIl3COO)2Pb -> PbS04 i + 2CIhCOONa 

(c) No precipitate results upon the addition of hvTjrochloric 
acid which differentiates the salt from sodium thiosulfate which 
does form a precipitate (see p. 210). 

Commercial Manufacture.- Sodium sulfate is found either with or 
without water of hydration in large saline deposits in Spain, Siberia, 
Sicily, Italy, Germany, North Dakota and Canada. It also occurs 
in many mineral waters (q. v.). The crystallized anhydrous salt 
is found in the form of thenardite, and the hydrous salt (Na 2 S() 4 .- 
IOH 2 O) occurs as mirahilite or Glauber’s salt. It is found at 
Stassfurt in rnoiioclinic crystals as glnuherite (Na 2 S 04 .CaS 04 ). 

Sodium sulfate is obtained by evaporating and cooling the mother 
liquors (which contain magnesium sulfate and sodium chloride) 
obtained in the recovery of sodium chloride from sea water (3). 
(See p. 175.) 

(3) MgS 04 + 2NaCl -f IOH 2 O Na 2 SO 4 . 10 H 2 O + MgCb 

The mother liquors obtained by the treatment of carnallite or 
kieserite contain about 25 per cent of magnesium sulfate and 50 per 
cent of sodium chloride. At Stassfurt, these liquors are evaporated 
at a temperature of about 33° C. to a gravity of approximately 
34° Baume, and the sodium sulfate allowed to crystallize in large 
tanks during the cold winter nights. In this maimer, large crystals 
containing 12 molecules of water of hydration are obtained. 

Much of the sodium sulfate of commerce is obtained from the 
manufacture of hydrochloric acid (r/. r.) and nitric acid {q. v.). 
Indeed, these methods of manufacturing the acids have probably 
survived because of the need for sodium sulfate in various industries. 

Pharmaceutical Preparations and Uses.— 1. Sodium Sulfate (Sodii 
Sulfas, Glauber’s Salt), U. S. P. XIII. — ''Sodium Sulfate, when 
dried to constant weight at 110°, contains not less than 99 per 
cent of Na 2 S 04 .” Sodium sulfate is used therapeutically as a 
saline laxative (see p. 209). Although its taste and drastic action 
is a distinct disadvantage it is considered to be one of the most 
effective of the saline cathartics. Large quantities are used in 
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veterinary piactice as a cathartic. Average dose — 15 Gni. (ap- 
proximately 4 drachms). 


SODIUM SULFITE, EXSICCATED 


Kx.siccated Sodium Sulfite^ li. S. W Xlll 


NaO^ 

hormula, Na^SOa; S = 0. Molecular Weight, 12().()r) 
NaO^ 

Physical Properties.^ Kxsieea.t(‘d Sodium Sulfite occurs as a 
white, odorless powder. It has a cooliuj^, saline, sulfurous taste. 
It undergoes oxidation in air. 

One Gin. is soluble in about 4 cc. of water at 25° C. It is spar- 
ingly soluble in alcohol. 

Chemical Properties. —Aqueous solutions of the salt are alkaline to 
litmus paper and to iihenolphthalcin because of hydrolysis. 

Heating of the dry salt in a (‘loscd tube causes the formation of 
both sodium sulfide and sodium sulfate (an internal oxidation- 
reduction) (1). 

(1) 4Na2S03 3Xa,S04 + Na^S 

Aqueous solutions of sodium sulfite wlum acidulated with sulfuric 
acid (or hydrochloric, acid) readily liberate sulfur dioxid(‘ (2. 3). 

(2) Na2S0, + H2SO4 -> NaoSOi + lIoSO;, 

(3) H 2 SO, II 2 O + SO 2 T 

Sodium sulfite solutions will produce a precipitate of the cor- 
responding sulfite with solutions of the soluble salts of caleiuni, 
strontium, barium, lead and silver. 

One of the principal chemical properties of the sulfites is their 
marked reducing action. This is exhibited in a number of ways. 
For example, sodium sulfite is added to boiler feed water to take 
up the dissolved oxygen (4) which (*auscs corrosion. 

(4) 2Na2SO, + 02-^ 2Na2S04 

Iodine is readily reduced to the colorless iodide form by acidified 
solutions of sodium sulfite (5). 

(5) II 2 SO 3 + I 2 + II 2 O 112804 + 2 HI 

Hydrogen sulfide is readily acted upon by acidified solutions of 
sodium sulfite ((>) (oxidizing action). 

( 6 ) H 2 SO 3 + 2 H 2 S 3 H 2 O + 3S i 

Official Tests for Identity.— 1. A solution (1 in 20) of the salt 
responds to the tests for Sodium (q. v.). 

2. A solution also responds to all tests for Sulfite: Sulfites, when 
treated with hydrochloric acid, liberate colorless fumes (2, 3) of 
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sulfur dioxide having an odor of burning sulfur, ihis gas blackens 
filter paper moistened with mercurous nitrate T.S. 

Commercial Manufacture.— Normal sodium sulfite is prepared by 
saturating a solution of sodium carbonate with SO2 (7) and th(‘n 
adding a quantity of sodium carbonate, previously dissohc'd in 
water, equal to that originally used (8). The solution is evapo- 
rated to (*rystalli'/ation, and the dried crystals exsiccated in tlu* 
usual way. 

(7) Na.>(X):i + 2S(), + H2O -> 2XalIS(), + (T),> T 

(8) 2NaIIS0, + NaXX).i 2Xa>S(), + f X>> t + IW 

Pharmaceutical Preparations and Uses. I. K.wsircaied Sodimu Sul- 
fite (Sodii Sulfis Kxsiccatns), \ \ S. l\ XIII. -“Kxsiccated Sodium 
Sulfite contains not less than 95 per cent of .VaoSOi.” A 10 per 
cent solution is sometimes used as a treatment for ringworm and 
other parasitic skin dis(‘ascs. Industrially it is used as an anti- 
oxidant and as an anticlilor. 

2. Tanmc Aad (ihjccrifr ((dyceritum A(‘idi Tannici, (ilycerite of 
Tannin), U. S. P. XIII. — In addition to other ingredients (tannic 
acid, sodium citrate and glycerin) this pre])aration contains 0.1 ])(n‘ 
cent of exsiccated sodium sulfite to })revcut oxidative changes in 
the tannic; acid. This preparation is used in burn therapy. 

d. Tannjc Acid Ointment (I ngucntuin Acidi Tannici), \ . S. P. 
XIII. — In addition to othca* ingrc'dicmts (tannic a(‘id, gly(‘(‘rin and 
yellow ointment) this prej)aration contains 0.2 per cent of exsiccated 
sodium sulfite. Its use in this preparation is the same as in the 
glycerite above, namely to prevent oxidation of the tannic acid 
with resultant discoloration of the ointment. A caution is given 
by the X. F., viz., to avoid the use of iron utensils or containers in 
the preparation and storage of the ointment because of the possibility 
of forming dark-colored iron tanuatc*. ddiis ointment is also in- 
tended for burn therapy. 

SODIUM THIOCYANATE 

Sodium Thiocyanate, X^. V. VIII 
Formula, XaSCX. Molecular Weight, 81 .08 

Physical Properties.— Sodium Thiocyanate (medicinal) is ob- 
tained as small, colorless, hygroscoj)ic cr^^stals, or as a white powder 
which is affected by light. It has a coeding, saline taste. 

One (tiu. of Sodium Ihiocyanate is soluble in about 0.7 cc. of 
water or in about 4 cc. of alcohol at 25° C. 

Chemical Properties. Thiocyanates in general arc decomposed by 
the addition of approximately 3*5 per cent sulfuric acid to aqueous 
solutions (1) although the addition of more dilute (»5 per cent) 
sulfuric acid is without effect. 

(1) XaSCX -f 2II2SO4 + II2O -> XaIIS04 (XH4)HS04 + 
COST 
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The addition of certain metallic cations, namely Ag+, 

and Pb^"^, to solutions of thiocyanates causes the precipita- 
tion of the corresponding insoluble thiocyanate. 

Addition oi ferric salts to solutions of thiocyanates causes the 
formation of a blood-red color which has been variously ascribed 
to the formation of Fe((:NS) 3 , Fe(CNS)6^ and Fe(CNS)++. The 
latter postulation,^ based on dilution experiments and experiments 
on the migration of ions in an electric field, seems to explain the 
facts most satislactorily (2). The addition of hydrochloric acid to 
the solution does not affect the cohjr but, in fact, favors it by sup- 
pressing hydrolysis of tlu^ ‘ ^ which indirectly in(*reases the ferric- 
ion concentration. 

(2) Fe+-^'+ + CWS- ^ Fe(( 

Official Tests for Identity. 1. Acpicous solutions of sodium thio- 
cyanate (I in 20) respond to all tests for Sodium (r/. v.). 

2. Aqueous solutions also resj)ond to the test for Thiocyanate 
whi(*h consists of the addition of ferric chloride T.S, to obtain a 
red color (2) which is not destroyed by moderately concentrated 
mineral acids. 

Commercial Manufacture. Sodium thiocyanate is made from 
sodium cyanide and sulfur by simply heating the two together fl^). 

(2) NaCX + S NaSrX 

It may also be made by adding ammonium polysulfide to sodium 
cyanide (4). 

(4) XaCX + (XILO^S, -- (XIl4).>S + XaSC^X 

Pharmaceutical Preparations and Uses.— 1. Sodium Thiocyanate 
(Sodii Thiocyanas, Sodium Sulfocyanate), X". V. — “ Sodium 
Thiocyanate, when dried to constant weight at 110'', contains not 
less than 98.5 per cent of XaSCX.” This drug has been used 
in the treatment of arterial hypertension. The opinions as to the 
efficacy and dangers involved in its use are varied. In general, 
it is quite useful in the management of hypertension, but its use 
shouhl be safeguarded by a close control of the thiocyanate level 
in the blood (8 to 12 mg. per 100 cc. is considered safe and effective). 
Flderly people (over 60) do not tolerate the drug very w^dl. Weak- 
ness and fatigue are commonly experienced in the early stages of 
thiocyanate therapy, occurring in many cases prior to any relief 
of the hypertension. A\’erag(‘ dose (1.8 Chn. (approximately 
5 grains). 

2. Sodium Thiocyanate Elixir (Elixir Sodii Thiocyanatis, Elixir 
of Sodium Sulfocyanate), X. F. VIII.— This elixir contains 4 per 
cent of sodium thiocyanate together with numerous other ingredi- 
(‘iits. It is simply a liquid preparation for the administration of 

* Bent and FVenoh, .1. A. C S., 63. 5f).S (1941); also Edmonds and BirnUauni, 
Ibid., 03, 1471 (1941). 
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the thiocyanate for the relief of hypertension. Average dose— 4 cc. 
(approximately 1 fluidrachm). 

SODIUM THIOSULFATE 

Sodium Thiosulfate, U. S. P. XIII 
NaO. .0 

Formula, Na 2 S 203 . 5 H 20 ; . 5 II 2 O. 

NaS'^ \) 

Molecular Weight, 248.19 

Physical Properties.— Sodium Thiosulfate occurs in large, trans- 
parent, colorless, monoclinic prisms or as a coarse, crystalline 
powder. It is odorless and has a (tooling, hitter taste. It has a 
specific gravity of 1.729 at 17° C. The salt is stable in air below 
33° C., but effloresces in dry air above that temperature. It deli- 
quesces in moist air. 

One Gm. of sodium thiosulfate dissolves in 0.5 cc. of water at 
25° C. Aqueous solutions of the salt decompose upon boiling. 
It is insoluble in alcohol. 

Chemical Properties.— At 50° the salt melts in its water of hydra- 
tion and at 100° C. it becomes anhydrous. At 100° C. decomposi- 
tion of the salt begins and at 220° C. it is completely converted 
into sulfur, sulfur dioxide, sodium sulfide and soclium sulfate (1, 2 
and 3). 

(1) 4Na2S203 -> 3Na2S04 + Na^Ss 

(2) NaoSs Na2S + 4S T 

(3) Na2S5 + 4 O 2 Na2S + 4S()2 1 

Aqueous solutions are neutral or slightly alkaline (hydrolysis). 

The addition of acids, e. </., hydrochloric acid, to a solution of 
sodium thiosulfate liberates thiosulfuric acid (4) which instantly 
decomposes into sulfur, sulfur dioxide, and water (5). 

(4) Na 2 S 203 + 2I1C1 ^ H 2 S 2 O 3 + 2 NaCl 

(5) 1128203 ^ S i + H 2 SO 3 II 2 O + 8 O 2 T 

Although the alkali thiosulfates are very soluble in water, most 
of the other thiosulfates are difficultly soluble and therefore addi- 
tion of metallic cations other than the alkali cations may reasonably 
be expected to cause precipitation of the corresponding insoluble 
thiosulfate. 

The principal chemical property exhibited by thiosulfates in 
general is that of reduction. The pronounced reducing power of 
sodium thiosulfate, for example, is shown by the effect on iodine (6). 

(6) 2 Na 2 S 203 + I 2 (colored) — > 2NaI (colorless) + Na2S406 

(colorless) (colorless) 

Solutions of iodine are colored, but the addition of sodium thiosul- 
fate causes immediate decolorization by the formation of colorless 
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sodium iodide and sodium tetrathioiiatc. reaction is so clean- 
cut that use is made of it in quantitative analysis for determining 
amounts of iodine in unknown samples. 

The reducing action is also shown by the reduction of ferric salts 
to the corresponding ferrous form (7, 8). Upon the addition of a 
drop or two of ferric chloride T.S. to a solution of sodium thiosul- 
fate, a dark violet color is formed and then quickly disappears. 
The fugitive violet color has not been adequately explained, some 
suggesting that it may be due to formation of ferric thiosulfate and 
still others that it is due to the formation of ferric sulfite, Fe2(S03)3. 
The ferric sulfite is said to be formed by a reaction between ferric 
chloride and sulfurous acid (9), the latter having been developed 
l\y the action of some free hydrochloric acid in the ferric chloride 
test solution upon the sodium thiosulfate (10). The ferric sulfite 
(red color) would soon be reduced to ferrous sulfite with the subsel 
qiient disappearance of the color (11). 

(7) 2FeCl3 + 2Na2S203 — ^ 2FeCl2 + 2NaCl + Na2S406 (neutra- 

solution) 

(8) 2FeCl3 + Na2S203 + II >0 2FeCl2 + 2Na('l + H2SO4.+ 

S I (acid solution) 

(9) ^112803 + ^ + OlK-d 

(t)) Na2S.03 + 2Il(’l <=► 2NaCl + II, SO^ + S j 

(11) Fe2(SO:0.) — » FeSOa + F'eS20c 

Official Tests for Identity . — 1 . Solutions of Sodium Thiosulfate 
(1 in 20) respond to all tests for Sodmm {g. v.). 

2. Solutions of the salt also respond to all tests for Thiosulfate: 

(a) Upon the addition of hydrochloric acid, a white precipitate 
of sulfur is formed. This changes to the yellow form of sulfur and 
sulfur dioxide (4, 5) is liberated. 

{})) Addition of ferric chloride T.S. causes the formation of a 
dark violet color which quickly disappears (9, 10, 11). 

(c) Iodine solutions are quickly decolorized by means of sodium 
thiosulfate (G). 

Commercial Manufacture. — 1. Soda ash (crude sodium carbonate) 
is dissolved in hot water and the solution (26° Baume) is allowed to 
flow down over hardwood sticks contained in an absorption tower, 
where it meets an ascending current of gas weak in sulfur dioxide. 
The soda ash absorbs all of the sulfur dioxide and then flows down 
a second tower in which it contacts gases coming directly from the 
sulfur burner and hence rich in sulfur dioxide (12). 

(12) Na^COa + II2O + 2SO2 2NaIIS03 + CO2 T 

The bisulfite liquor is then treated with soda ash to change it into 
neutral sodium sulfite (13) and this is heated with powdered brim- 
stone in a brick-lined cast iron vessel that is provided with a stirrer 
(14). The resulting solution of sodium thiosulfate is concentrated, 
allowed to settle, and* hm into lead-lined crystallizers to cool and 
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crystallize. After sev^eral days the crystals are transferred to (‘en~ 
trifiigals, washed free from mother Ii(|Uor by a short spraying \sith 
water, and screened to size. 

(13) 2NaHSO. + Na>CO, 2Na,SO, + fliO + ( O 2 T 
Na^SrX + S --> Na:.S:.0,{ 

2. The more im])ortaiit of the two commercial processes makes 
iise of by-product sulfide liquors, which (contain about 8 per cent of 
sodium sulfide (Xa^S) and (> per cent of sodium carbonate (Na^C O.d- 
When these liquors are rapidly circulated through a tower filled 
with wooden shelves, they meet an ascending (‘urrent of sultur 
dioxide, obtained from any one of the usual sources (13). After 
th^ liquors have absorbed a sufficient amount of the gas, they are 
filter-pressed, and concentrated in a steel boiler. The crystalliza- 
tion, etc., is carried out as described in the process immediately 
preceding. 

(15) 2Na2S -f Na.CO, + 4SO.> 3Na,So(), + CO, T 

Pharmaceutical Preparations and Uses. 1. Soditivt Thiosulfate 
(Sodii Thiosulfas, “Sodium Hyposulfite”), I . S. P. XITI. Sodium 
Thiosulfate, when dried at 100° to constant weight, contains not 
less than 90 j)er cent of Na2S,().u” The (common name of this "com- 
pound, “sodium hyposulfite,” is a misnomer. Sodium hyposulfite 
is really NuiS-jOa (also sodium hydrosulfite). However, through 
common usage, the term is still used for sodium thiosulfate and is 
sometimes shortened to “hypo.” Sodium thiosulfate is infre- 
quently used as a cathartic and as an antiseptic in fermentative 
dysf)epsia. It is often used as an external application or wash to 
combat ringworm and other j)arasitic skin diseases. Its action in 
these cases is probably due to the formation of decom})osition 
products (c. g., sulfur, etc.) rather than to any antiseptic action 
inherent in the compound. Its external use as a wash in poison ivy 
cases is unfounded and probably of little value. The salt has been 
used intravenously in the treatment of dermatitis caused by reac- 
tions from the arsphenamines and mercurials as well as in the treat- 
ment of poisoning from other heavy metals. Its value in this con- 
nection is probably due to formation of sulfhydryl ( — SH) groups 
which detoxify the poison. This theory is supported by the striking 
effect of BAL (British Anti-Lewisite), which contains sulfhydryl 
groups, in the treatment of arsenic poisoning. 

The use of sodium thiosulfate in cyanide poisoning has been con- 
sidered (see p. 204). Average dose-oral or intravenous, 1 dm. 
(approximately 15 grains). 

2. Sodium Thiosulfate Ampub (Ampullae Sodii Thiosulfatis, 
Sodium Hyposulfite Injection), N. F. VIII.— These ampuls “ contain 
a sterile solution of sodium thiosulfate in freshly boiled water for 
injection, and yield Na2S203, equal to not less than 61 per cent and 
not more than 67 per cent of the labeled amount of Na2S203.5H20.” 
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1 hese ampuls are used for the intravenous injection of sodium 
thiosulfate in the treatment of arsenical (arsphenamine) as well as 
in lead, bismuth and mercury poisoning. It is marketed in 5 or 
10 per (‘ent conc'cntrations in 10-cc. ampuls. From 0.5 to 1 Gm. 
is given daily until symptoms are relieved, altliough as much as 
() (im. of the salt on three succ(*ssivc days has been advocated in 
mercury ])oisoning. Av(‘ragc dose -1 (bn. of Sodium Thiosulfate. 

d. Pofassiion Iodide Solution (Liquor Potassii lodidi, Saturated 
Potassium Iodide Solution), X. F. VHI.—“ Potassium iodide solu- 
tion contains, in each 100 cc., not less than 97 Gm. and not more 
than 103 Gm. of KT.” The XL F. notes that if the solution is not 
to be used immt‘diately it is desirable to add 0.5 Gm. of sodium thio- 
sulfate per liter of finished solution. The function of the sodium 
thiosulfate in this case would, of course, be to reduce any free iodine 
that might form in the solution to the iodide. 

This solution is used in iodide therapy (see p. 95). Average 
dose— 0.3 cc. (approximately 5 minims). 

Non-offk'ial (’omfouxos of Sodium 

Sodium Peroxide (Sodii Peroxidnm), X. X. JL (1947), Xa^CX, 
Molecular Weight, 7cS.00. 

This compound occurs as a white or yellowish, amorphous pow- 
der. It r(‘acts H'adily with watt*r to form sodium hydroxide and 
oxygen (1). 

(1) 2XaA + 2ll.>()- >4Xa()II + (), T 

As previously shown (see p, 5<S), it will r(*act with cold acids to 
Form a solution of hydrogen peroxide (2). 

(2) Nad), + ILSO, Xa,S(), + H,(X 

The compound is a very })owerful oxidizing agent as evidenced by 
its easy liberation of oxygen on (contact with water. 

By placing anliydrous sodium ])eroxide on a watch glass in a 
confined area with a dish of water near it, it is possible to convert 
the sodium j)eroxide to an octahydrate (X^aotX.SlhiO) which may 
be dissolved in water without the evolution of oxygen. This 
octahydrate, \vhen dehydrated over concentrated sulfurio acid in a 
desiccator changes to a dihydrate (Na^O* . 211)0). 

The salt is })repared (‘ommercially by burning dry sodium in air. 

Sodium })eroxide is never used internally but has been employed 
in the form of a paste in the treatment of acne and, wlien incorpo- 
rated in a soap, to remove blackheads (comedones). 

Sodium Phosphate, Tribasic (Trisodium Phosphate, Normal 
Sodium Phosphate), XLa 3 p 04 . 1 2 H 2 O, Molecular Weight, 380. 10.— 
This compound occurs as colorless or white crystals which are 
soluble in about 5 parts of water but insoluble in alcohol. It is 
stable only in the solid state. 
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When dissolved in water it is converted immediately into di- 
sodiiim hydrogen phosphate and sodium hydroxide, both of which 
contribute to the alkalinity of the solution (1). Its alkalinity con- 
tributes to its use as a water softener and general cleansing a^ent. 

(1) Na3P()4. 1211.20 ^NaJIIU + NaOII + IHPO 

When rapidly heated, the salt melts at about 75° C., but does not 
lose its last molecule of water of crystallization even on moderate 
ignition. 

Most of the trisodium phosphate (commonly known as TSP) is 
made from phosphoric acid which is first neutralized with soda ash 
(Na2C03) to obtain disodium phosphate (2) and then treated with 
sufficient caustic soda (NaOII) to complete the reaction (2). 

(2) H3PO4 + Na2( 03 Na^HIU + II2O + CO- T 

(3) Na2HP04 + NaOH ^ Na^IU + IPO 

The solution is concentrated to obtain crystals. The crystalliza- 
tion of trisodium phosphate is one of the most carefully conducted 
operations in its entire manufacture. Small crystals, although 
prone to cake in moist weather, are more desirable than the larger 
coarse crystals because they dissolve much faster in water, a property 
which is of importance in packaged cleaners and water softeners. 

Technical grades are employed in laundering, in photographic 
developers, for softening water and in the paper, sugar and tanning 
industries. It is rarely, if ever, used for medicinal purposes. 

Sodium Tetrathionate, Na2S406. IPO, Molecular Weight, 288.23. - 
This compound occurs as colorless or white crystals which are 
freely soluble in water. It contains 44 per cent of sulfur as (con- 
trasted to sodium thiosulfate (for which it is recommended as a 
substitute) which contains only 26 per cent. 

Although this compound is said to be more or less stable it has 
been found by experience that toxic effects occur from improperly 
stabilized preparations. The means of stabilization is a trade 
secret and is not published. 

The compound is manufactured from sodium thiosulfate by the 
classical method of oxidizing the thiosulfate with an excess of 
iodine (1), following which, it is precipitated as a dihydrate, washed 
and dried. 

(1) 2Na2S203 + I2 Na2S406 + 2NaI 

The purification of the crude sodium tetrathionate is said to be 
one of the most difficult steps in the entire manufacturing process. 
A process has been evolved whereby the precipitated dihydrate is 
converted to a monohydrate. During the loss of the one molecule 
of water the physical properties of the salt change from that of a 
dense compact crystal to a loose fluffy mass. The enormously 
increased surface area and decreased particle size permit much more 
thorough washing, and as a consequence a product that is free from 
traces of iodine or sodium iodide. 
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This preparation is marketed under the trade name of “Tetra- 
thione” and is indicated in the treatment of peripheral circulatory 
diseases (such as Buerger’s disease and Raynaud’s disease), essential 
hypertension, thrombi and emboli, and in metallic poisoning.' Its 
action in the body is to increase the oxygen capacity of the blood, 
decrease its viscosity, and also to prolong the coagulation time. 
From these considerations it is apparent that the blood circulation 
to the affected periphery (hands and feet) will be improved by its 
administration. It is administered intravenously and is used in 
doses of 0.6 fJm. per day if necessary. 

> See, however, J A. Ph. A., 8, 2()6, 1947, and ibid., 8, 574, 1947, for A. M. A. 
Counc-il Reports on this compound. 



CHAPTER XII 


P0TASSIUI\1 AND POTASSITiM COMPOUNDS 

POTASSIUM 

Symbol, K- ^ aleiice, 1 . Atomic Weight, 39. ()9(); Atomic Number, 19. 

History.- Some compounds of potassium have been known since 
the earliest times. In 1807, Sir Humphrey Da\'y isolated the ele- 
ment from potash (a residue left after the evaporation of a solution 
obtained by leaching ashes and whieh was considered to be elemental 
in (‘haracter) by placing a piece of it on a platinum plate which 
formed the negative pole of a series of electric batteries, and touch- 
ing the substance with a platinum wire coiine(‘ted to the positive 
pole. An energetic action took jdace and minute, metallic globules 
of potassium were formed on the plate. Sonu' of these globules 
burst into flame and others merely tarnished. In 1808 (hiy-Uussac 
and Thenard obtained the metal i)y passing molten ])otash through 
a clay tube containing iron turnings heated to white heat. The 
researches by Cay-Lussac and Thenard (1811) established potas- 
sium as a metallic element. 

Occurrence. — Potassium is never found fiTC in Nature, but in 
combination the metal is widely and abundantly distributed. IN)- 
tassiurn compounds are present in sea wat('r and comprisf' 2.() per 
cent of the earth’s crust. Potassiferous silicat(‘s, r. r/., orthorlase 
(felspar) (KAlShOs), potash mica, etc., occur univcu'sally but are 
not used commercially as sources of potassium. Silicates contain- 
ing potassium are omnij)resent in almost all rocks and their disin- 
tegration provides the soluble potassium salts found in all fertile 
soils. These salts are assimilated by plants and converted into the 
potassium salts of such organic acids as oxalic, tartaric, suc(‘inic, 
etc., which, when the plants are burned, are converted into potas- 
sium carbonate. Potash forms over 90 per c(‘nt of the total alkali 
in the ashes of most plants. Enormous deposits of various ])otas- 
sium-containing minerals are located at Htassfurt, (Germany, and 
near Carlsbad, N. M. These deposits, in addition to sodium 
chloride, contain syhite (KCl); mrnaUiie (KCl.MgCli.GH.iO); 
kainite (KoSCU . ]\IgS04 . Mg( \ . rdh.O) ; [JolyhalUr (]\IgS04 . K2S64 . - 
2raS04. 21120); and other minerals of minor value. These min- 
erals are of industrial importance because of thei»’ solubility in 
water and the ease with which they can be wau’ked chemically. 

At present the potassium needs of the Thiited States are obtained 
from Searles Lake at Trona, California, where it occurs as KCl and 
K2SO4, and from mines in New^ Mexico and Texas, where it occurs 
as polyhalite. 

( 222 ) 
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Physical Properties. When newly cut, potassium is a siK er-white 
irietal. The color eliaiiges rapidly to a grayish-white having a blu- 
ish tinge. It is slightly softer than sodium and has lower boiling- 
and melting-points. The metal dissolves in liquid ammonia, form- 
ing a blue solution. I pon exposure to the atmosj)here potassium 
immediately forms a film of oxide. At ordinary temperatures the 
metal is of waxy consisten(*y and may l)e kneaded with the fingers 
and cut with a dull knife. At temperatures below 0° ( \ it is (piite 
hard and brittle. It has a specific gravity of O.Sb (20'’ (\), a 
melting-point of (i2.3'' (\ and boils at TOO" C. emitting a green 
vapor containing monatomic molecules. J\)tassium has been crys- 
tallized in bluish-green (quadratic octahedra. 

Chemical Properties of Potassium and Potassium Ion.- Wlien potas- 
sium is heated in air it fuses and then inflames, producing a mixture 
of oxides (IViO, KA)o, etc.). In behavior it resembles sodium very 
closely but it is a little more rea(‘tive. O'Ik' element coml)ines 
\ iolently with sulfur, oxygen and the halogens. Totassium (l(*com- 
poses water with the c\'olution of hydrogen and the formation of 
the hydroxide (1). 

(1) 2K -f 2H,0 2k()II + II 2 T 

The hydrogen immediately ignites and at the high temperature a 
part of the potassium is \'aporized givijig a \'iolet (‘olor to the flame. 
Because of the eas(' with which potassium is oxidized and also 
beeaiise of its great affinity for water, the metal is kept under 
kerosene, petroleum, benzene, benzine, or other licjuids that are 
free from oxygen and are immiscible with water. Potassium also 
reacts with ethyl alcohol to form })otassium ethylate and hydro- 
gen (2). In this case the hydrogen does not inflame. 

(2) 2K -f 2C..II,()TT -> 2r..Il,OK -f TL, j 

When hydrogen is ])assed over metallic potassium heated to 360'^ C., 
a white' crystalline hydride (KTI) is formed. 

Potassium amide (KNH 2 ) is formed by passing ammonia over 
heated i)otassium whereby one-third of the hydrogen is replaced by 
potassium. Potassium has been shown to be slightly radioactive. 
It also has interesting j)hotoele(*tric sensitivity because it emits 
electrons when ex])osed to light. 

Potassium ion will form a precipitate l)y adding a drop of a solu- 
tion of chloroplatinic acid (If.iPtfdo) to 1 (c. of a neutral or acid 
solution (with hydrochloric acid) of the salt (3). The yellow crys- 
talline precipitate of potassium chloroplatinate (IvjPtPla) so formed 
is almost insoluble in 80 i)er (*ent alcohol. This reaction is useful 
ill determining potassium quantitatively. Small amounts of potas- 
sium may be detected by making the above test in the presence of 
alcohol on a slide and observing the crystals with a microscope. 

(3) VtClf^ + 2K+ K.PtCb j 
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Sodium perchlorate (NaC 104 ) precipitates from solutions of 
potassium salts, potassium perchlorate (KCIO 4 ) (4) which is mily 
slightly soluble in water and nearly insoluble in 95 per cent alcohol. 

(4) NaC 104 + K+ KCIO 4 i + Na+ 

If a neutral solution of a potassium salt is made slightly acid 
with acetic acid and then added to a solution of sodium cobaltic 
nitrite, Na 3 Co(N 02 ) 6 , a double salt of potassium sodium cobaltic 
nitrite, K2Na[Co(N02)6] . H 2 O, is precipitated (5). In concentrated 
solutions the precipitate is formed immediately but in weak solutions 
the mixture must be allowed to stand for some time. Potassium 
cobfiltic nitrite is sparingly soluble in water (I to 11,000 at 15° C.) 
and completely insoluble in alcohol. 

(5) Na+ + 2K+ + [Co(N 02)6F + 1120 K2Na[Oo(N02)6l . - 

Il20i 

Picric acid, C 6 ll 2 (N 02 ) 30 H, or sodium picrate, precipitate yel- 
low crystalline potassium picrate, C 6 ll 2 (N 02 ) 30 K, from a solution 
of a potassium salt. 

If a solution of a soluble potassium salt is treated with a solution 
of hydrofluosilieic acid, sparingly soluble potassium silicofluoride is 
formed (G) 

(G) 2KC1 + HoSiFe KVSiFe i + 2IIC1 

Sodium cobaltic nitrite test solution produces a yellow pre(*ipi- 
tate with saturated aqueous solutions of a potassium salt (7). 

(7) 2K salt -f- Na3[Co(N02)6] + IPO ^ K2Na[(^o(N02)6].- 

II 2 O i + 2Na salt 

Sodium bitartrate precipitates granular crystalline potassium 
hydrogen tartrate (KHC 4 ll 40 «) from concentrated solutions of 
potassium salts (8). The precipitate is soluble in ammonia T.S., 
in alkali hydroxides or carbonates and is insoluble in aleohol. 
Agitation, alcohol, or a little glacial acetic acid increases the speed 
of the precipitation. 

(8) NaHC4ll406 + K salt KlK\U,0, j + Na salt 

Potassium and most potassium salts impart a violet color to a 
non-luminous flame. If sodium is also present, the yellow sodium 
flame obscures the violet color unless a blue glass or preferably a 
saturated solution of potassium chrome alum is interposed between 
the flame and the eye. 

Official Tests for Identity.— 1. Potassium compounds impart a 
violet color to a non-luminous flame {q. v.), 

2. Sodium bitartrate T.S. produces a white, crystalline precipi- 
tate (8) (q. V.), 

Commercial Manufacture.— Potassium metal has been prepared 
commercially by several methods. The (1) Brunner’s process, 
which consists in the reduction of potassium carbonate with char- 
coal (9), 

(9) K 2 CO 3 + 2 C 2K + SCO T 
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(2) by the reduction of caustic potash with iron carbide (10). 

(10) OKOII + 2FeC2 OK + 2Fe + 2CO T + 2 CO 2 T + SHj T 

(.3) Castner’s process, which consists of electrolyzing potassium 
hydroxide (11). 

(11) 2 KOI I — > 2K + IK (cathode) t + O 2 (anode) | 

At present, nearly all of the metal is obtained by the electrolysis 
of potassium chloride. Potassium chloride fuses at 772® C. and 
since potassium boils at 760® C., considerable trouble was first 
encountered. A mixture of potassium chloride, potassium fluoride 
and barium chloride was found suitable. The Downs cell is used 
for the electrolysis. (See Sodium, p. 147.) 

Pharmacological Action of Potassium Ion. - The potassium ion is 
the predominating ion within the cell and is necessary for cell 
growth and function. It is present in intracellular fluids in contrast 
to the sodium ion that is present in extracellular fluids. Potassium 
ion administered orally or by injection is rapidly absorbed. The 
kidney removes the excess potassium ions from the blood so quickly 
that at any one time there is slight change in blood concentration 
(0.3 (bn. per 1000 cc,). Since the tubules of the kidney do not 
allow the potassium ion to pass through their walls an osmotic 
pressure is established causing water to pass from the blood into 
the tubule. By such an action the potassium ion exerts a diuretic 
effect. The functions of the nerves, nerve endings, cardiac muscle, 
and skeletal muscle are depressed by potassium ion, whereas smooth 
muscle is stimulated by it. These effects can be secured only by 
intravenous or hypodermic injections or by the oral administration 
of toxic; doses. ^ Because of the rapid excretion of potassium ion 
(vui urine, etc.) the oral administration of average doses of potas- 
sium salts produces only osmotic effects, c. g., diuresis. Therefore, 
the therapeutic action of potassium salts cannot be markedly 
differentiated from those produced by the corresponding sodium 
salts. 

Offic ial (^ompounds of Potassiitm 
POTASSIUM ACETATE 
Potfusshnn Acetate y I'. S. P. XIII 
Formula, CTKCOOK. Molecular Weight, 98.14 

Physical Properties. — Potassium Acetate oecurs in the form of a 
white crystalline powder, or colorless, monoclinic crystals. When 
dry the salt is odorless but when slightly damp it has a faint acetous 
odor. It has a saline and slightly alkaline taste. It melts at 292 ° C.y 
and has a density of 1.8. It absorbs moisture very rapidly 
when exposed to the air and hence must be kept in air-tight con- 
tainers. 

* It is only when very largo doses of potassium salts are given, as, for example, 
after repeated 7-Gm. doses of potassium iodide in cases of late syphilis, that toxic 
effects from excess of potassium ions are noted. 
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One Gin. of Potassium Acetate is soluble in 0.5 cc. of water and 
in 3 cc. of alcohol, at 25 ° C. One Gin. is soluble in about 0.2 cc. 
of boiling water. It is insoluble in ether. 

Chemical Properties. — Potassium acetate fuses when heated and 
upon strong ignition, decomposes into volatile, inflammable vapors 
and leaves a residue of potassium carbonate containing particles of 
carbon (1). 

(1) 2CH,(^OOK + 40 .> ^ K,rO. + ‘^TbO + 3 ( ’(b t 

The residue gives positi\'e tests for potassium ion (7. ?\), is alkalim' 
to litmus paper and efTervesces with acids (carbonate). 

An aqueous solution of potassium acetate is alkaliiu' to litmus. 
All of the acetates are soluble except the silver salt. 

Official Tests for Identity.— ]. Potassium acetate ri'sponds to all 
tests for the Acetate ion. (See Sodium Acetate, j). 149 .) 

2. Potassium acetate also responds to the test for the Potasshnn 
ion (7. V.). 

Commercial Manufacture. - ]^ltassium acetate is made by adding 
potassium carbonate or bi(‘arbonate to acetic a(‘id until efferves- 
cence ceases, evaj)oratiiig the solution to dryn(‘ss, fusing the residue, 
and allowing the mass to solidify. While still warm it is quickly 
powdered and bottled. When crystalline llak(‘s are desired, the 
solution of potassium acetate is stirred eontiniioiisly during the 
concentration and the resulting crystalline mass centrifuged in a 
current of dry warm air. For the neutralization of the a(*etie acid, 
potassium bicarbonate is {)referred to th(‘ carbonate on ac(*ount of 
its greater purity. If potassium carbonate is used, it is usually 
necessary to filter the solution of potassium ac'ctate from insoluble 
matter before concentrating it. 

Laboratory Preparation. — Add powdered })otassium bicarbonate 
(about r> Gm.) to 10 cc. of Acetic Acid until efferveseenee ceases (2). 
Filter the solution and evaporate on a water-bath, adding 1 or 2 
drops of diluted acetic acid from time to time. When the solution 
becomes viscid, transfer the dish to a sand bath and continue the 
evaporation at a temperature not exceeding 140 '^ (\, stirring con- 
stantly. When dry, powder the residin' in a current of warm dry 
air, and bottle immediately. 

(2) CIGCOOII 4- KirCO, ( 4 I: 4 X)OK + ( O. t + Ik/) 

Pharmaceutical Preparations and Uses. — 1 . Pota,^mnn Acetate 
(Potassii Acetas), U. S. P. XIII. — Potassium Acetate, when dried to 
constant weight at 150 °, contains not less than 99 per cent of 
CH3COOK. The acetate of potassium is used mainly as a diuretic. 
It has no specific action. However, it does act by changing the 
physical properties of the body fluids and by functioning as an 
alkali after absorption. (See Sodium Acetate, p. 150 .) Like the 
alkali salts of most organic acids, it is decomposed in the body with 
the formation of potassium bicarbonate (3). 

( 3 ) KC,HA -f 2O2 KTK’O,, + 11,0 + CO, T 
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This rt'actioii takes place very quickly and completely. The 
action as an alkali is the same as that of carbonates and bicarbo- 
nates except that the gastric juice is not neutralized. Because of 
its deliquescent property, j)otassium acetate is never prescribed in 
the dry state but always in solution. Average dose— 1 (jin. (ap- 
proximately 15 grains). 

2. Bvchiiy Jvriiper and Pofu,s\s‘iinn Acetate Elixir (Elixir Buchu, 
Juniperi et Potassii Acetatis), N. F. — Fifty (tiu. of potassium 
acetate are present in 1000 cc. of finished elixir. It contributes to 
the diuretic action of the pre])aration. Average dose-- 4 cc. (ap- 
proximately 1 fluidrachm). 

POTASSIUM BICARBONATE 

Potassiiiiii Bicarbonate, V . S. P. XI TT 

/OK 

Formula, KTICO.}; Molecular Weight, 100.11 

Oil 

History.- Potassium bicarbonate was first prepared by mixing 
solutions of potassium carbonate and ammonium carbonate. Oar- 
theuser discovered it in 1757. Cavendish is accredited with the 
[)rocess still used for its commercial manufacture. 

Physical Properties. — Potassium Bicarbonate occurs in the form of 
white granules, a ])owder, or colorless, trans])arent, monoclinic 
prisms. It is odorless, and has a saline and slightly alkaline taste, 
ft is stable in air. Any pronounced deliquescence is indicative of the 
presence of carbonate. 

One (bn. of Potassium Bicarbonate is soluble in 2.8 cc. of water 
at 25° C. and in 2 cc. of water at 50° C. It is almost insoluble 
in alcohol. Its solutions are slightly alkaline to litmus paper, and 
neutral or ^'ery slightly alkaline to phenoI})hthal(‘in 1 .S. 

Chemical Properties.- When heated at KHP ( . the salt slowly 
loses carbon dioxide and water and forms the normal carbonate (1). 

(1) 2Kiiro, - > iv>( o. -f IPO + (X), T 

This change is very rapid above 190° C, 

When an acpieous solution of potassium bi(‘arbonate is heated 
above 50° C., the salt lost's carbon dioxide and water and, A\hen the 
solution is boiled, it is completely converted to carbonate. 

The addition of mercuric chloride test solution to an aqueous 
solution of potassium bicarbonate produces a faint murkiness vhich. 
as carbon dioxide is evolved, changes to a reddish-bro^^ n })recipi- 
tate (2). 

(2) 4lIg(4o + cSKlKX). ^ 8K( 'l + 411,0 + 7( 0, t + Hg( O.- 

(HgO). I 

However, if the bicarbonate contains appre(‘iable carbonate, a red- 
dish-brown precipitate of a basic* salt is produced immediatel\ (o). 

(3) SllgCl, + 2K2COa 4KC1 + 2 CO 2 T + IlKCl2(IIgO), i 
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Official Tests for Identity. — 1. Potassium bicarbonate gives all the 
tests for the Bicarbonate ion (HCO;})* (See Sodium Bicarbonate, 
p. 153.) 

2. An aqueous solution of the salt responds to all tests for potas- 
sium ion (q. V.), 

Commercial Manufacture. — 1. Potassium bicarbonate is made by 
passing carbon dioxide through a very cold, saturated aqueous 
solution of the normal carbonate until the gas is no longer absorbed 

(4). 

(4) K2CO3 + H2O + CO2 ^ 2KHCO3 

During the operation aii}^ silicates present in the carbonate solution 
are converted to bicarbonates and silica. The latter is filtered off. 
Then the filtrate is con(‘entrated at a temperature not exceeding 
60° C. and upon cooling, anhydrous crystals of the salt are deposited. 

2. A method also used is to pass carbon dioxide over a mixture of 
potassium carbonate and powdered char(‘oal which has been 
moistened with water. The mass is then lixiviated with water, 
filtered and concentrated. Large, monoclinic crystals of potassium 
bicarbonate separate out. They arc permanent in air. 

3. Potassium bicarbonate is made to a very limited extent by a 
process analogous to the Solvay proce.ss (7. v.). 4Vimethylainine is 
used in place of ammonia because the hydrochloride of the former 
is much more soluble than ammonium chloride and therefore permits 
of greater solution concentration with a correspondingly larger yield 
of the bicarbonate. Potassium chloride is used in place of sodium 
chloride. The reaction taking place is represented below (5). 

(5) KCl + N(CIl3)3 + ILO + CO2 -> KTICO;, + N(CH3)3. 

HCl 

Laboratory Preparation. — Prepare a saturated solution of potassium 
carbonate (1 Gm. in 0.9 cc. of water at 25° C.) and pass carbon 
dioxide into the solution until a portion of the liciuid does not give 
an immediate red brown precipitate upon the addition of mercuric 
chloride test solution (3). Allow the solution to stand for twenty-four 
hours in a cool place, filter off the crystals and, after washing them 
with a spray of ice cold water, dry at 25° C. in an atmosphere of 
carbon dioxide. 

Pharmaceutical Preparations and Uses.- 1. Potassium Bicarbonate 
(Potassii Bicarbonas), U. S. P, XIII. — ]\)tassium Bicarbonate, 
when dried for fourteen hours over sulfuric acid, contains not less 
than 99 per cent of KIICO.^. The salt has about the same neutraliz- 
ing strength as sodium bicarbonate and is more soluble. It is 
sometimes used as an antacid for gastric hyperacidity (see p. 153) 
and as a diuretic. Its use as an alkalizer with sulfa therapy (see 
also p. 154) has been both advocated and opposed. However, it 
may have a beneficial effect in cases when it is inadvisable to 
administer sodium bicarbonate (e. (7., cardiac edemas) but where 
sulfa drugs are indicated. The infrequent medicinal use is probably 
due to the toxic effect of the potassium ion. It is used technically 
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in the manufacture of baking powder, ehervescent salts and as a 
source of CO2. Average dose— unofficial 1 (irn. (approximately 
15 grains). 

2. Alkaline Aromatic Solution (I.icpior Aromaticus Alkalinus), 
N. F. VIII.— This solution should contain, in addition to other 
constituents, 20 Gm. of potassium bicarbonate in 1000 cc. of the 
solution. (See Sodium Borate, p. 1()2.) The potassium bicarbo- 
nate neutralizes the monobasic acid formed from boric acid and 
glycerin and forms the potassium salt and an alkaline solution, 
lindiluted it is uschI as an antiseptic mouth wash and in a dental 
spray bottle, diluted with 5 volumes of water. 

3. Magnemm Citrate Solution (Liquor Magnesii Citratis), U. S. P. 
XIII.— Potassium bicarbonate (2.5 Gm.), in addition to other 
ingredients, is used in preparing 550 cc. of the solution (See also 
p. 358). It is added to the finished a(‘idic solution just prior to 
bottling to insure good carbonation of the product. Sodium bicarbo- 
nate may replace the potassium salt. Average dose— 200 cc. 
(approximately 7 flu id ounces). 

4. Potassium Arsenite Solution (Liquor Potassii Arsenitis, Fow- 
ler’s Solution), II. S. P. XIIL — Potassium Arsenite Solution con- 
tains, in each 100 cc., the equivalent of not less than 0.95 Gm. 
and not more than 1.05 (bn. of AsijOa. The solution is j)repared 
l)y boiling arsenic trioxide (10 Gm.) and potassium bicarbonate 
with distilled water (9). 

(9) AS2O, + 2KTICO3 2 KAs ()2 + 2CO2 T + H2O 

To the reaction mixture, alcohol (30 cc.) and water are added to 
1000 cc. It is used as an alterative and tonic (see Arsenic, p. 525). 
Tenth-normal potassium arsenite (KAs()2) is an important reducing 
agent used in redox (reduction oxidation) volumetric analytical 
chemistry. It is also used in analyzing iodine preparations. (See 
U. S. P. XIII, p. 858.) Average dose— 0.2 cc. (approximately 3 
minims). 

5. Potassium Citrate Solution (Liquor Potassii Citratis, Neutral 
Mixture), N. F. VI IL— This is a carbonated solution of potassium 
citrate formed by reacting citrict acid (00 Gm.) and potassium 
bicarbonate (80 (bn.) in distilled water (10). 

(10) CAWIWOOU), + 3KIICOa -> CJGOIKCOOK), + 
3CO2 T + 3ILO 

The potassium bicarbonate supplies the potassium ion and the 
carbon dioxide. It is used as a diuretic (see p. 225). Average dose 
— 15 cc. (approximately 4 fluidrachms). 

POTASSIUM BITARTRATE 

Potassium, Bitartrate, N. F. VIII 
CH(OH)COOK 

Formula, KHC4H4O6; | Molecular Weight, 188.18 

CIi(OH)COOH 
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Physical Properties.— Potassium Pitartrate occurs as colorless or 
slightly opaque, rhombic prisms, or as a white, crystalline powder, 
which is odorless, has a pleasant, acid taste, and is permanent in air. 
Its density is 1.955. 

One Gm. of the salt is soluble in 1()5 cc. ot water and in (S820 cc. 
of alcohol, at 25^ i\ One Gm. is soluble in lb cc. of boiling water. 

i\)tassium bitartrate is soluble in mineral acids, alkalies, and in 
alkali carbonates. The salt dissolves freely in solutions of boric 
acid and borax. 

Chemical Properties.- A saturated aqueous solution of tlie salt is 
a(*id to litmus papca* and exhibits the chemical characteristics ot the 
potassium ion (see p. 22)1). 

Potassium bitartrate chars when heated and gives oti' inflam- 
mable vapors ha\ing the odor of burning sugar. When further 
ignited at a higher temperatur(‘, there remains a white fused mass 
(1) which gives positi\'e tests for potassium ion and carbonate 
ion (r/. V.). 

(1) 2KIT( 4II4O0 + 50, K,CO, + 5IT,0 + 7(X),T 

Tartrates wlien treated with con(‘entrated sulfuric acid char and 
emit the odor of l)u ruing sugar. 

Some of the common chemical reactions of the tartrate ion are as 
follows: 

1 . When silver nitrate test solution is added to a saturated acpie- 
oLis solution of potassium bitartrat(‘, previously made neutral with a 
solutioji of sodium hydroxide (2), a white jnecipitate is formed (2)). 
If this precipitate is dissolved in sufficient ammonia test solution (4) 
and the solution warmed, the silver comi)ound is reduced and 
metallic silver is deposited on the inner walls of the vessel, forming 
a mirror (4a). 

(2) KHCdPO, + NaOII -~> KNaC.Jl A, + II A 

(3) KNa( ^4lI A3 + 2AgN04 ^ Ag,C4ll40H + KNO, + NaNO., 

(4) Ag-AAITO^ + ONII All (NH4),r4ll406 + 2Ag(NH3)20II 

+ 411,0 

(4a) 2 Ag (NH3)2 on 2 Ag i + 4 NIT T + H,0, 

If the dry salt is treated with a few drops of 1 per cent resorcinol 
in hydrochloric acid, 3 cc. of sulfuric acid and slowly heated, a rose- 
red color is formed. This color is destroyed by the addition of 
water. 

When a drop of ferrous sulfate test solution, a few drops of 
hydrogen peroxide and, finally, an excess of sodium hydroxide test 
solution are added consecutively to a solution of a tartrate, previ- 
ously acidified with acetic acid, a purple or violet color is produced. 

Official Tests for Identity. - 1 . A solution of the salt is positive to 
all the tests for the Potassium ion (see p. 223). 

2. Potassium bitartrate chars when heated (r/. r.). 

3. Sodium cobaltic nitrite T.S. forms an orange precipitate with 
solutions of potassium bitartrate. 
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4. A silver mirror is formed with silver nitrate T.S. and ammonia 
T.S. ((/. r.). 

Commercial Manufacture. Potassium })itartrate occurs in many 
acidulous fruits. It is usually obtained from the juice of grapes. 
When grape juice in casks is allowed to undergo alcoholic fermenta- 
tion, crystalline crusts of crude potassium bitartrate known as crude 
tartar or argol are deposited. 

Argol is (composed of potassium bitartrate, calcium tartrate, 
coloring materials, extractives, yeast, and other organic substances. 
The crude tartar is dissolved in boiling water, the solution filtered 
and then allowed to stand. Slightly colored crystals of potassium 
bitartratc containing irom 5 to 15 per cent of calcium tartrate settle 
out. 4'hese crystals of tartar are boiled with water and most of 
the coloring matter precipitated by the addition of pipe (‘lay or egg 
albumen. The solution is filtcTed through charcoal and cr^'stal- 
lized. In order to obtain cream of tartar free from calcium salts, the 
crystals arc dissolved in boiling water, 10 per cent of hydrochk^ric 
acid added and the solution stirred continuously while cooling. 
The crystals of potassium bitartratc arc separated from the mother 
liciuor, washed with cold water and dried. An appreciable amount 
of the bitartratc, together with some tartaric acid, ri'inains in the 
mother lupior and is fiv((uently utilized in the manufacture of 
tartaric; acid. 

Large (jiiantities of cream of tartar of vSU(‘h high purity as to be 
used medicinally are made by a method known as the “precipitation 
process.” The crude argol from wine casks is dissolved in hot water 
and partially neutralized with sodium carbonate. The resulting 
solution is per(‘olat(‘d through soda ash, contained in stone cylinders, 
and the resulting i)otassiuin and sodium tartrate purified by crystal- 
lization. The slightly colored crystals are than redissolved in water 
and decom])osed by ac(‘ti(; acid into almost pure potassium bitar- 
trafe which settles out as a very fine pre(‘ipitate and sodium a(;etate 
which remains in solution (5). 

(5) KNki(:jIA.4ILO+ll("JT(),->KTl(LJL^^ I + NaCJbA 
+ 411,0 

Laboratory Preparation. - Dissolve 10 Oin. of potassium and 
sodium tartrate in 10 cc. of water. Add diluted acetic a(*id until 
precipitation ceases. Filter off the white crystalline precipitate of 
potassium bitartratc, wash it with a small cpiantity of (;old 50 per 
cent alcohol and dry. 

Pharmaceutical Preparations and Uses. — 1. Poiassium Bitartrate 
(Potassii Bitartras, Cream of Tartar, Acid Potassium Tartrate), 
N. F. VITT. —Potassium Bitartrate, when dried to (Constant weight 
at 105° C. for three hours, contains not less than 99.5 per cent of 
KOOC . (TIOH . CHOH COOH. 

In doses of from 2 to 8 Gm., potassium bitartrate acts as a diuretic 
and increases the normal acidity of the urine. In large doses (16 
to 30 Gm.) it acts as a laxative. Tartrates, unlike the acetates 
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and citrates, are not oxidized in the body to carbonates and 
fore do not exhibit an alkalinizing effect. Ihey are less absorbed 
from the alimentary tract than other salines and therefore cause a 
laxative action. 

Potassium bitartrate has recently been suggested to replace talc 
as a dusting powder in surgery.'-^ It is more bacteriostatic and 
more readily absorbed than tale. In the industries it is used as a 
reducer of CrOj in a mordant bath for wool dyeing; in mixtures of 
chalk and alum as a silver cleaner; for coloring metals; and in baking 
powders to raise the dough (6). 

( 6 ) KHC 4 H 4 O 6 + NallCOa KNafMUOfi + IW + CO> t 

Average dose -2 (bn. (approximately 30 grains). 

2. Cochineal Solutioji (Liquor Cocci, Cochineal (k)lor), N. F. 
VIII.— The cochineal used in this preparation contains carminic 
acid which is thought to be partly responsible for the coloring 
properties. In preparing this solution the cochineal (05 (im.) is 
triturated with potassium carbonate (32 Gm.), and to this is added 
water (500 cc.) (7). 

(7) K.Cih + II 2 O ^ KllCOa + KOI I 

Alum is dissolved in the aqueous mixture with slow stirring ((S). 

(8) 3KOH + A1K(S04).>. 121100 -> Al(OII)3 i + 2K,S04 + 

I2H2O 

The alkaline potassium carbonate causes the precipitation of alumi- 
num hydroxide which reacts with the cochineal and carminic acid, 
to form an aluminum “lake” which absorbs the coloring matter. The 
addition of potassium bitartrate (65 Gm.), which is acidic, dissolves 
that portion of the aluminum lake which is soluble in a boiling 
acid media. Glycerin (450 cc.) is added as a preservative, the 
mixture filtered and made up to 1000 cc. with distilled water. This 
solution imparts a brilliant red color, tfi preparations and since it is 
stable in acid media is used for coloring this type of product. Car- 
mine solution is an alkaline preparation of carmine, the aluminum 
lake obtained from cochineal. It has a deep red color and is used 
for coloring alkaline pharmaceuticals. Acids cause a precipitate 
to form. 

3. Compound Jalap Powder (Pulvis Jalapse Compositus, Pulvis 
Purgans), N. F. VIII.— This powder is a mixture of Jalap (350 Gm.) 
and Potassium Bitartrate (650 Gm.). Jalap is employed as a purga- 
tive in chronic constipation where the bowel contains hard fecal 
masses. It is often prescribed with extract of belladonna or hyoscy- 
amus, or with a little carminative oil to prevent the pain and 
griping effect. Potassium bitartrate also relieves the harsh action 


* Am. Prof. Pharm., 10, 839 (1944). 

* J. Am. Med. Assn., 126, 236 (1944). 
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of Jalap and being a saline laxative, helps supply fluid to the bowel. 
Average dose— 2 (hn. (approximately 30 grains). 

POTASSIUM BROMIDE 

Potcififiivm Bromidey U. S. P. XIII 
Formula, KBr. Molecular Weight, 119.01 

Physical Properties.- Potassium Bromide occurs as colorless, trans- 
lucent, or white cubical crystals, or as a granular powder. It is 
odorless and has a sharp, saline taste. 'Phe salt is stable in air and 
has a specific gravity of 2.75 at 

One Gin. of the salt is soluble in 1.5 cc. of water, in 250 cc. of 
alcohol, and in 5 cc. of glycerin, at 25° C. It is soluble in 1 part 
of boiling water and in about 21 parts of boiling alcohol. 

When potassium bromide is heated it decrepitates, and at about 
730° C. it fuses without decomposing. At a briglit red heat (about 
1435° C.), it volatilizes. 

Chemical Properties.— Aqueous solutions of potassium bromide 
are neutral or faintly alkaline to litmus paper. The bromide ion 
forms insoluble salts with silver, mercurous mercury and lead. 

Official Tests for Identity.— 1. An aqueous solution of potassium 
l)romide responds to all tests for Potassium ion {q. v.). 

2. The tests and chemistry of the bromide ion are discussed with 
Sodium Bromide, p. 140. 

Commercial Manufacture. - The bromides of the alkali metals are 
all prepared by the same process. (Sec Sodium Bromide, p. 104.) 

Laboratory Preparation.— When bromine is added to iron wire, 
ferrous bromide is formed (1) which, upon treatment with potas- 
sium carbonate, yields potassium bromide and ferrous carbonate 
(greenish-brown). When the mixture is boiled, the latter changes 
to ferrous and ferric hydroxides, which may be filtered off. If, 
however, the bromine is added in two portions (as directed), a 
ferrous-ferric bromide is produced (2) which, when treated with 
the alkaline carbonate (3) yields potassium bromide and the ferroso- 
ferric oxide (4). The latter is much easier to wash free from 
potassium bromide than the hydroxide. 

(1) 3Fe + 3Br2 -> 3FeBr2 

(2) 3FeBr2 + Br> — ^ FeBr2.2FeBr3 

(3) 2KHCO, -> K2CO3 + IFO + CO2 T 

(4) FeBr2.2FeBr3 + 4 K 2 CO, -> 8KBr + FeOFe-Aj + 

4CO2T 

Method I .—Place 5 Gm. of iron wire in a 250-cc. flask and cover 
it with 50 cc. of distilled water. Add 9 Gm. of bromine in small 
portions at a time, shaking the flask after each addition and allowing 
the reaction to cease before adding more bromine. If the solution 
is still reddish brown after the addition of the bromine, warm gently 
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until a green solution results. Filter off the excess iron and to the 
filtrate add 3 (jin. more of bromine and shake well. • -ii i 

Dissolve 15 Gm. of potassium bicarbonate in 50 cc. of distilled 
water and boil the solution until all carbon dioxide is driven off. 
Add the solution of the iron bromides to the hot solution of jiotas- 
sium carbonate and continue the boiling for fifteen minutes. Ihe 
solution at this point should be alkaline; if not, more potassium 
carbonate should be added and the heating continued. Let the 
precipitate subside, filter, and wash with hot water. Concentrate 
the filtrate and allow the salt to crystallize. 

Method 2. — Gradually add bromine to 125 ee. of a 5 per cent 
solution of potassium hydroxide contained in a flask until a ])er- 
maiient, brownish color is obtained (about 10 (bn. of bromine 
required). Agitate the solution constantly during the addition (5). 
F.vaporate the liquid to dryness under a hood and powder the resi- 
due. Then mix it with 10 Gm. of finely powdered wood charcoal 
and heat to a dull red heat in an iron eru(*ible ((>). Pour out the 
fused contents and allow to cool. Dissoh e in boiling water, filter 
and crystallize. 

(5) OKOli + 3Br2 5KBr + KHilb + HII^O 
((*)) KBrOa + 3C Klb- + 3CO t 

Pharmaceutical Preparations and Uses.- 1. Potas^sdiini Bromide 
(Potassii Bromidum), U. S. P. XIII. -Potassium Bromide, when 
dried to (constant weight at 110” C. for four hours, (‘ontains not less 
than 99 per cent of KBr, 

The bromide ion is responsible for the ])hysiologicaI effect pro- 
duced by potassium bromide (see p. 91). When associated with 
potassium ion, the combination is very effective. A large dose of 
potassium bromide has a definite action upon the heart. This is 
occasioned entirely by the potassium ion. Potassium bromide is 
usually em[)loyed in cases of mental excitement and all condi- 
tions arising therefrom, e. (/., insomnia, nervousness, etc. It is of 
particular value in controlling the seizures of epilepsy. It is a good 
sedative but possesses no anodyne properties. Average dose— 
1 Gm. (approximately 15 grains). 

2. Five Bromides Elixir (Elixir Bromidorum C^uinque), N. F. 
VUI. — In addition to other ingredients, this elixir should contain 
70 Gm. of potassium bromide in 1000 c(,‘. (See p. lOG.) Average 
dose— 4 cc. (approximately 1 fluidrachm). 

3. Three Bromides Elixir (Elixir Bromidorum Trium), N. F. 
VUL— This elixir should contain, besides other ingredients, 80 Gm. 
of potassium bromide in 1000 cc. (See p. IIG.) Average dose— 
4 cc. (approximately 1 fluidrachm). 

4. Bromides Syrup (Syrupus Bromidorum), N. F. VIII. — This 
elixir contains 8 Gm. of potassium bromide in addition to other 
ingredients in each 100 cc. (See p. 116.) Average dose— 4 cc. 
(approximately 1 fluiddrachm). 

5. Three Bromides Tablets (Tabelhe Bromidorum Trium, Triple 
Bromide Tablets ), N. F. VIII. — (See p. 166.) 
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(). Potas.nimi Broviide Elixir (Elixir Potassii Bromidi), N. E. 
\IIf.““lhis elixir contains 175 Gin. of potassium bromide, dis- 
solved in sufficient distilled water, syrup and aromatic elixir to 
make 1 ()()() ce. Average dose— 4 cc. (approximately I fluidraehm). 

POTASSIUM CARBONATE 

Pota^siinii Parhonafc, V. vS. P. XIII 

J\2C0;} . 1 IH 2 O. Molecular Weight, 105.25 
KO 

Eormula, kMXh; ( - O. Molecular Weight, 158.20 

KiY 

Physical Properties. Potassium ( arboiiatt^ is a white, granular 
powder. It is odorh'ss and has a strong alkaline taste. It rapidly 
absorbs imasture from the air and forms an oily solution (“Oleum 
Tartari”). Crude potassium carbonate occurs in lumps or as a 
coarse granular powder, the color ranging from grayish-white to 
reddish-brown, depending uj)on the amount of iron present. The 
anhydrous salt has a specific gravity of 2.29 at 

One Gin. of the official salt is soluble in 1 c(‘. of water at 25° C. 
and in about 0.7 cc. of boiling water. It is soluble in glycerin but 
insoluble in alcohol. 

Potassium carbonate crystallizes from aqueous solutions in mono- 
clinic crystals, KiCXC . 5 H 2 O, which lose water at 100° C., giving a 
white ])o\vder, Iv/XC. IJIhiO. 

When heated to 125° C., the salt begins to lose adhering water 
(which should not be less than 10 per cent and not more than 
1().5 per cent in the offi(*ial salt) and at 180° C. all water is expelled. 
At 891 ° C. the salt melts, and slowly volatilizes as the temperature 
is increased to that of white heat. 

Chemical Properties. The important chemical properties are due 
to the carbonate ion and these are discussed with Sodium Carbonate, 
page 1()7. 

A ^■ery pure salt may be made by heating crystallized potas- 
sium bicarbonate to about 190° C. Carbon dioxide and water are 
expelled and a carbonate of U. S. Pharniacopaaal purity remains (1). 

(1) 2KHCO, KYX\ + 11 >0 + CO 2 T 

Official Tests for Identity. — 1 . IXtassium carbonate or its solutions 
respond to the tests for potassium ion {q. v.) and carbonate ion. 
(See p. 107.) 

Commercial Manufacture. — 1. In the most recent method, a cold 
slurry of concentrated potassium chloride and tri-hydrated mag- 
nesium carbonate, is treated with CO 2 (2). The double salt that 
results is filtered off, washed and decomposed (5). 

(2) 5MgC03 . SIIoO + 2KC1 + C0>->2MgC03 . KHCO 3 . 4 II 2 O i 

+ MgCl2 

(3) 2 MgCO 3 .KIICO 3 . 4 H 2 O -> 2 MgC 03 i + K 2 CO 3 + 9 H 2 O 

+ CO4 
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2. The salt is prepared from potassium chloride and potassium 
sulfate by a method similar to the Le Blanc process for the manu- 
facture of sodium carbonate {q. iJ.). 

Other sources of potassium carbonate are wood ashes, the sugar- 
beet industry and potassium bitartrate. 

3. Wood ashes are lixiviated in wooden tubs, the solution evapo- 
rated to dryness in iron pots, and the residue calcined in a reverbera- 
tory furnace. The crude “potashes” so obtained contain potassium 
carbonate, varying amounts of sulfate and chloride and insoluble 
matter (silicates). 

4. Potassium carbonate of such purity as to warrant its use as 
“pearlash” is made by calcining the residue left after distilling beet 
root spirit, made by the fermentation of molasses from beet root 
sugar. 

5. At one time potassium carbonate was prepared by calcining 
pure potassium bitartrate (cream of tartar) from which it gets the 
name “salt of tartar” (4). The product of the calcination was 
composed of a mixture of potassium carbonate and charcoal, from 
which the former was extracted by lixiviation with water. The 
solution was filtered and evaporated to dryness in iron or platinum 
vessels and the residue fully dehydrated by gentle ignition. 

(4) 2 KIIC 4 H 4 O 6 + 50.2 ~> K.COs + 5IL>0 + TCOo T 

Laboratory Preparation.- Mix 10 Gm. of pure powdered potas- 
sium bitartrate with 5 Gm. of powdered potassium nitrate. Ignite 
the mixture. When the reaction has ceased, place the residue 
in a porcelain crucible and heat at dull redness for several hours. 
When the residue is nearly white, allow it to cool and dissolve in a 
small quantity of water. Filter, concentrate the solution, and 
granulate the salt. 

Pharmaceutical Preparations and Uses.— 1. Potassium Carbonate 
(Potassii ('arbonas), U. S. P. XIII.— Potassium Carbonate, when 
dried to constant weight at 180° C., cemtains not less than 99 per 
cent of X 2 CO;^. It contains not less than 1 0 per cent and not more 
than 16.5 per cent of water. Potassium carbonate may be used for 
the same medicinal purposes as the bicarbonate but, on account of 
its decided alkaline reaction, it is rarely employed. When taken 
internally in large doses it produces gastric irritation of sufficient 
severity to cause death. The important uses are in pharmaceutical 
preparations where its alkaline property is of value. 

2. Alkaline Rhubarb Elixir (Elixir Rhei Alkalinum, Neutralizing 
Cordial), N. F. VIII.— Potassium carbonate (16 Gm. in 1000 cc.) 
is present to neutralize the tannic acid in the rhubarb and thus 
reduce the astringent tendency. It is used as an antacid and anti- 
diarrheal. Average dose— 4 cc. (approximately 1 fluidrachm). 

3. Cochineal Solution (Liquor Cocci, Cochineal Color), N. F. 
VIII. —In addition to other ingredients. Cochineal Color contains 
32 Gm. of potassium carbonate in 1000 cc. The presence of the 
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alkaline potassium carbonate produces hydroxyl ions necessary to 
form aluminum hydroxide. (See Potassium Bitartrate, p. 232.) 

4. Carviinative Mixture (Mistura Carminativa, Dalby’s Carmina- 
tive), N. F. VIII. —Potassium carbonate (3 Gm. in 1000 cc.) is 
not present in a sufficient quantity to contribute much to the 
therapeutic value of this preparation. It does provide antacid 
properties. Carminative Mixture is used as a carminative and anti- 
diarrheal for small children. Average dose— for infants, 0.5 cc. 
(approximately 8 minims). 

5. Fcrrom Carbonate Pills (Pilulse Ferri Carbonatis, Chalybeate 
Pills, Blaud’s Pills, Ferruginous Pills), N. F. VIII.— Potassium car- 
bonate supplies the carbonate ion for the formation of ferrous carbo- 
nate (5). 

(5) FcS 04.7II.0 + IV2CO3 K0SO4 + FeC03 j + 7 HoO 

0. Alkaline Sidfur Ointment (Unguentum Sulfuris Alkalinum), 
N. F. VIII. — When sulfur in an ointment base is applied to the skin, 
some of it appears to be converted into sulfide (see p. 564). The sulfide 
is effective in destroying some parasites such as those causing ring- 
worm, scabies and pediculosis. The addition of potassium carbo- 
nate (10 per cent) increases the amount of sulfide formed and in- 
creases the effectiveness of the sulfur ointment. Alkali present in 
the ointment increases the penetrating power by softening the epi- 
dermis of the skin. This allows the entrance of sulfur into the deep 
burrows. 

7. Aromatic Rhubarb Syrup (Syrupus Rhei Aromaticus), V. S. P. 
XIII.— A small amount of potassium carbonate (1 (iin. per 1000 cc.) 
is used to prevent the syrup from becoming turbid. The aromatic 
rhubarb tincture contains resins and volatile oils which react with 
the potassium carbonate to form water-soluble compounds. This 
syrup is used as an astringent laxative for infants. Average dose- 
10 cc. (approximately 2] ffuidrachms). 

8. Rhubarb Syrup (Syrupus Rhei), N. F. ^'ITI.~ The alkaline 
potassium carbonate prevents the precipitation of the rhubarb resin 
when the fluidextract (alcoholic) is diluted with syrup (aqueous). 
It is used as a laxative. Average dose— 10 ee. (approximately 
22 ffuidrachms). 

POTASSIUM CHLORATE 

Potassium Chlorate, N. F. VIII 

Formula, KGIO3; KO — Gi;^ Molecular Weight, 122.55 

Physical Properties, l^otassium chlorate was first prepared by 
Berthollet in 1786. It occurs as colorless, lustrous, monoclinic 
prisms or plates, or as a white, granular powder. It is odorless, 
and has a characteristic cooling taste. It has a specific gravity of 
2.32 (^oC.). The salt is stable in air. 



238 


POTASl^lUM AND POTASSIUM COMPOUNDS 


One Gin. of potassium chlorate is soluble in 16.5 cc. of water at 
25° C. and in about 1.8 cc. of boiling water. It is almost insoluble 
in 95 per cent alcohol, but is slightly soluble in hydroalcoholic* 
solutions. The salt dissolves readily in glycerin. 

When the salt is heated to about 360° C. it melts, and decomposes 
into oxygen and potassium chloride. 

Chemical Properties. — Potassium chlorate decomposes with explo- 
sive violence when it is heated or subjected to concussion. It also 
decomposes suddenly (dangerous) when triturated with organic 
substances, e. <7., cork, tannic acid, dust, sucrose, etc., or with 
phosphorus, sulfur, sulfides, hypophosphites, charcoal, rt'diiced iron, 
or other easily oxidizable substan(‘es. An aqueous solution is 
neutral to litmus paper. 

Potassium chlorate exhibits certain reactions that are character- 
istic of all chlorates. 

1. A solution of the salt does not give a precipitate with silver 
nitrate. Upon heating dry chlorate, oxygen is given off and the 
residue is potassium chloride (1). 

(1) 2KC10,, 2KT1 + 30.> T 

Potassium chloride dissolved in wat(‘r gives tlu' characteristic 
chloride ion test and res|)on(ls to all tests for potassium ion. 

2. If a solution of potassium chlorate and sulfuric acid is added 
to an indigo solution, and tlieii a few drops of sodium sulfite solution 
added, the color of the indigo is destroyed, Uhloratc's r('a(*t with acids 
to produce unstable chlorine dioxide (UlO.)). (See Uhlorine, p. 88.) 
The sulfurous acid formed reduces the (‘hlorate to a lower oxide of 
chlorine. 33ie chlorine oxides have strong l)lea(*hing properties. 

3. When a very little potassium chlorate is treated with hydro- 
chloric or sulfuric acid in a test-tube it turns greenish to orange- 
yellow, and chlorine and oxides of chlorine are evolved (2) (3). 

(2) 2KUIO3 + 4IIC1 2K(;i + 2H,() + 2U1(U T + Cl j 

(3) 3KCIO3 + 2H,S04 K( K\ + 2KTIS()4 + 11 >0 + 2630.2 1 

When heat is applied there is a crackling noise, due to explosions 
of the CIO2. 

4. Potassium chlorate is a strong oxidizing agent and, therefore, 
reacts readily with reducing agents (4) (5). 

(4) KCIO3 + 0FeSO4 + 3II.2SO4 KC\ + 3he..(S()4)3 + 3II.>0 

(5) KCIO3 + 3IINO2 3IINO3 + KTl 

Official Tests for Identity. — 1. Potassium (‘hlorate when heated to 
400° C. gives off oxygen and finally leaves a residue of potassium 
chloride {q. r.), which is readily soluble in water and which responds 
to the tests for Poiodsium ion, page 223, and for Chloride ion, 
page 109. 

2. Potassium chlorate (0.2 Gm.) added to 1 cc. of hydrochloric 
acid produ(*es chlorine and chlorine dioxide (7. v.). 
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Commercial Manufacture. — 1. Nearly all potassium chlorate is 
made by the electrolysis of warm, alkaline solutions of potassium 
chloride. The electrolytic process was first used in Switzerland in 
1891. At present it is used extensively both in hujrope and in the 
I nited States (Niagara Fails, etc.). When warm aqueous solutions 
of potassium chloride are subjected to an electric current, chlorine 
collects at the anode and potassium hydroxide together with hydro- 
gen is formed at the cathode. If a single cell is used, the solution 
is (‘irculated so as to bring the potassium hydroxide in (*ontac‘t with 
the chlorine. Potassium chlorate is formed and crystallizes out. If 
a iiiiinber of cell units are employed, the anodes and cathodes are 
separated by porous dia])hragius and the solution of potassium hy- 
di'oxide is carried by a pro(‘ess of einailation to the anode compart- 
iiKUit of the next cell, wh(‘re ])()tassium chlorate is formed and 
crystallizes out. 

2. When chlorine is passed into a wan)i, (‘oncentrated (90 per 
(•(‘lit) solution of potassium hx'droxide, potassium hypochlorite is 
formed (0). In the ])r(‘senee of an excess of chlorine, potassium 
hypochlorite changes into j)otassium chlorate as fast as it is pro- 
(luc(‘d (7). 

(()) :U1.> + (iKOII - > 3K(1 + 3KTl() + MIU) 

(7) TKClO -> 2KC1 + K(dO, 

or 

(0) and (/) »■)( b ~f~ OK Oil — ^ oIx( I T I'^f IfXi T dll^O 

This pr()(‘css is seldom, if ever, used commercially because it involves 
the conversion of about 83 per (*(‘nt of the valuable potassium hy- 
(lr()xid(‘ into the relatively h'ss valuable potassium chloride. Ilow- 
(*\'er, inanufactur(‘rs sometimes prepare the salt by an analogous 
reactmn, using milk of lime. The proce'ss is de'seribed below. 

o. INIilk of lime is treated with an exe*ess of chlorine in a vessel 
in which the mixture is constantly stirred (8). A suspension of 
magnesium oxide is said to be j)referable to milk of lime because the 
resulting magnesium chloride has a lesser solve'ut action than cal- 
cium chloride upon the p(3tassium chlorate. When the chlorination 
is complete the mixture is allowed to settle (8 and 9), the clear 
supernatant liquid is drawn off, mixed with potassium chloride, 
and evaporated to a specific gravity of 1. 28. At this concentration 
potassium chloride reacts with calcium chlorate to form potassium 
chlorate (10) which, because of its lesser solubility in water, crystal- 
lizes out. It is purified by recrystallization from hot water. 

(8) 2(^i(()II), + 2C1, Ca((ffO), + + 211,0 

(9) 3(\i(C10), - > Ca((d03), + 2(^,aCl, 

(10) Cix{C\0,), + 2KTI 2K(d0.4 + (AiCl, 

Laboratory Preparation Suspend 25 (tiii. of magnesium oxide in 
150 cc. of water and warm to 40° (\ Slowly pass chlorine into the 
suspension, which is constantly stirred, until it is saturated (11). 
Then allow the mixture to settle, decant the clear, supernatant 



240 POTASSIUM AND POTASSIUM COMPOUNDS 

liquid, and mix it with 15 Gm, of potassium chloride (12). Evapo- 
rate the solution on a water-bath to a specific gravity of 1.28 and 
allow it to cool. On account of the relative insolubility of the 
potassium chlorate in cold water, this salt crystallizes out. It may 
be recrystallized from hot water. 

(11) 6MgO + 6C1, 5MgCl, + Mg(C10,)2 
(241.92) 

(12) Mg(C 103)2 + 2KC1 2 KCIO 3 + MgCh 

(149.10) (245.10) 

Pharmaceutical Preparations and Uses. — 1. Potassiuvi Chlorate 
(Potassii Chloras), N. F. VIII. —Potassium chlorate contains not 
less than 99 per cent of KCIO3. 

Great caution should he observed in handling this salt, as dangerous 
explosions are liable to occur tohen it is* heated or subjected to concussion , 
or to trituration with organic substance, such as cork, tamiic acid, dust, 
sucrose, etc., or with charcoal, sulfur, sulfides, hjpophosphites , reduced 
iron, or other easily oxidizable substances. 

Because of its oxidizing power potassium chlorate was intro- 
duced into medi(‘ine as an oxidizing germicide. The killing effect 
against bacteria, however, has been found to be no more than that 
of inert salts. When the salt is taken orally and absorbed it causes 
lysis of red blood corpuscles, and the protein debris liberated by 
this destruction irritates the kidney and produces a very marked 
interstitial nephritis, due to blocking of the vessels. It is usually 
used in the form of a gargle or mouth wash. Patients should be 
cautioned against swallowing the solution. The salt is used in 
some tooth pastes. Potassium chlorate is employed in the manu- 
facture of pyrotechnics, matches, and dyes. 

2. Potassium Chlorate Gargle With Iron ((Jargarisma Potassii 
Chloratis cum Ferro, Golden (hirgle), N. F. VIII. —Ferric chloride 
tincture (120 cc.) is added to a solution of potassium chlorate 
(45 Gm.) in glycerin (240 cc.) and distilled water (q. s. 1000 cc.). 

3. Potassium Chlorate Tablets (Tabellse Potassii Chloratis), N. F. 
VIII.— These tablets contain not less than 94 per cent and not 
more than 106 per cent of the labeled amount of KCIO3. The 
internal use is very dangerous and it is rarely so employed. Average 
dose— 0.3 Gm. (api)roximately 5 grains). 

POTASSIUM CHLORIDE 

Potassium Chloride, U. S. P, XIII 
Formula, KCl. Molecular Weight, 74.55 

Physical Properties. — Potassium Chloride occurs in the form of 
colorless, elongated, prismatic, or cubical crystals, or as a white, 
granular powder. The salt is odorless and possesses a saline taste. 
It is permanent in air. It has a specific gravity of 1,988 (^o), and 
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melts at 772° C. When heated it decrepitates, and upon prolonged 
heating at red heat it sublimes. 

One Gm. of Potassium Chloride dissolves in 2.8 cc. of water at 
25° C., and in about 2 cc. of boiling water. It is insoluble in alcohol 
and ether. 

Chemical Properties. — The chloride ion is responsible for the im- 
portant chemical properties (see p. 109). A 10 per cent aqueous 
solution of potassium chloride is neutral to litmus paper. 

Official Tests for Identity . — 1 . A solution of potassium chloride 
gives all of the tests for potassium ion {q. v.). 

2. Potassium chloride solutions also respond to iill of the tests 
for chloride ion (see p. 174). 

Commercial Manufacture. — The sources of potassium chloride 
arc: (1) carnallifey (2) syhinite^ and (3) a bed of solid salt of very 
complex (‘omposition found at Searles Lake. 

1 . CarnaUite (Mgrio.Kri.r)Il20) which contains potassium equiv- 
alent to 2() per cent KJJ, is found in extensive deposits in Stassfurt, 
(iermany. In these deposits with carnallite (55 per cent) are found 
sodium chloride (25 per cent) and lyieserife (MgS 04 .H 20 ) (15 per 
cent). The removal of the ])otassium chloride is complicated by 
the presence of the other salts. A process of fractional crystalliza- 
tion is carried out whereby the raw salt deposit is ground up and 
treated with hot water. The hot solution is allowed to stand until 
the insoluble material settles, transferred to clean containers and 
then allowed to cool causing about 80 per cent of the potassium 
chloride to crystallize. The process is repeated using the mother 
licjuor and wash water. 

2. Sylvlti'ite is found in large deposits in Alsace-Lorraine and near 
Carlsbad, New Mexico. It is a mixture of sodium and potassium 
chlorides. Two methods are used to separate these chlorides: 
(a) Crystallization, and (h) Flotation. 

(а) (Wy .stall izatiov Pr oce.v.s'.— The sylvinite is crushed and ex- 
tracted with hot water at the boiling point (110° C.). The hot 
solution is filtered and cooled by flask evaporation in vacuum 
cr> stallizers. The rapid cooling by the removal of water tends to 
cause both potassium and sodium chloride to crystallize out. The 
sodium chloride is prevented from separating out by the simul- 
taneous addition of water corresponding to the quantity evaporated 
ofl‘ This is due to the fact that sodium chloride has about the same 
solubility in cold water as in hot water (2.8 per cent in cold and 
2.7 per cent in boiling water) whereas the cooled solution is filtered 
and the crystals of potassium chloride recovered. The mother 
liquor is reheated and used over only this time it will dissolve only 
the potassium chloride from the sylvinite since it is already saturated 
with sodium chloride. 

(б) Flotation I^rocm-.—The chlorides of potassium and sodium 
exist in sylvinite as a mechanical mixture and not as a double salt 
or as mixed crystals. When the crude ore is crushed to about 40 
mesh, the crystalline form of both potassium and sodium chloride 

16 
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separate out. A special flotation agent has been found that carries 
off the sodium chloride in the froth and allows the potassium 
chloride to collect on the bottom of the apparatus. 

3. Searles Lake is the location of a deposit of salts consisting of 
K, Na, Cl, CO3, B4O7, PO4, and other ions in small amounts. A brine 
is present that is pumped into evaporators and by a series of evap- 
orations and fractional crystallizations the salts present are separated. 

Pharmaceutical Preparations and Uses. — 1. Potassium Chloride 
(Potassii Chloridum), U. S. P. XIII.— Potassium chloride, when 
dried for two hours at 110"^ C., contains not less than 99 per cent 
of KCl. Potassium chloride has been known for a long time as an 
effective diuretic. It has also been used successfully in the treat- 
ment of Meniere’s disease, myasthenia gravis, and familial periodic 
paralysis. More recently its use has been suggested for the relief of 
allergic symptoms including urticaria, hay fever, asthma, sinusitis 
of allergic origin, and migraine. 

Sullivan,^ in 1941, explained this use in allergy by pointing out 
that the parasympathetic nervous system dominates the sym- 
pathetic and causes water imbalance. Potassium and calcium 
salts are supposed to reestablish autonomic nervous system balance. 

2. Potassium Chloride Tablets (Tabelhe Potassii Chloridi), U. S. P. 
XIII.— Potassium Chloride Tablets contain not less than 95 per 
cent and not more than 105 per cent of the labeled amount of KCl. 
Average dose— 1 Gm. (approximately 15 grains). 

3. RingePs Solution, (Liquor llingeri. Isotonic Solution of Three 
Chlorides, IJ. S. P. XII), U. S. P. XIII.— Ringer’s Solution con- 
tains, in each 100 c(!., not less than 25 mg. and not more than 
35 mg. of KCl, and the salts NaCl and CaCR. 211.20. (See Sodium 
Chloride, p. 178.) 

4. Lactated RingePs Solution (Liquor Ringeri Lacticus), U. S. P. 
XIII. — Lactated Ringer’s Solution is a sterile solution in water for 
injection containing, in each 100 cc., not less than 27 mg. and not 
more than 33 mg. of KCl, and the salts CaCb. 21120, NaCl and 
NaCsHsOs. (See Sodium Chloride, p. 178.) 

5. Pectin Paste (Pasta Pectini), N. F. VII L— This product con- 
tains potassium chloride as a constituent of the Ringer’s Solution 
used in its preparation. 

6. Thin Pectin Paste (Pasta Pectini Tenuis), N. F. VIIL — 
Potassium chloride is present in the Ringer’s Solution used. 

POTASSTOM CITRATE 

Potassium CitratCy U. S. P. XIII 
CH 2 COOK 

Formula, K 3 C 6 H 5 O 7 .H 2 O; C(OH)COOK.H 20 

I 

CH 2 COOK 
Molecular Weight, 324.40 

^ J. Missouri Mod. Assn., 38, 125 (1941). 
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Physical Properties. — Potassium Citrate oeeurs in colorless, pris- 
matic crystals, or as a white, granular powder. It is odorless, and 
has a cooling, saline taste. It has a speeific gravity of 1.900 at -^o. 
The salt is deliquescent in moist air and, therefore, should be kept 
in air-tight containers. 

One Gm. of the salt dissolves in 1 cc. of water at 25° C. It is 
freely soluble in gl} cerin but almost insoluble in alcohol. 

Chemical Properties. — When heated to 100° C\, the salt begins to 
lose water and at about 200° C. it becomes anhydrous. The 
anhydrous salt has a density of 1.908 and crystallizes in the triclinic 
system. At higher temperatures it carbonizes and emits inflamma- 
ble gases having a pungent, acrid odor. A residue of carbon and 
potassium carbonate remains (1). 

(1) 2I\.rjT07 .Il20 + 90. MK.COa + 9CO. T + 711.0 

An aqueous solution is alkaline to litmus paper (see p. 181). 

Official Tests for Identity.— 1. A solution of potassium citrate 
responds to the tests for Potcissivni ion (see p. 224). 

2. An aqueous solution also gives the tests for the Ciiratc ion 
(see p. 182). 

Commercial Manufacture.— Potassium citrate is prepared b}' neu- 
tralizing a solution of citric acid with p(3tassiiiin carbonate or 
bicarbonate (2). The solution is evaporated either to crystalliza- 
tion or to dryness with constant stirring. The resulting granular 
mass obtained by the latter process is reduced to a unifoi'm fine 
powder by trituration in a wai*m mortar. 

(2) SKTICO. + IIaiyirA + + 

H.O 

Laboratory Manufacture. — Prepare the salt in the laboratory by 
dissolving 10 Gm. of citric acid in 50 cc. of distilled water and 
adding small quantities of potassium bicarbonate to the solution 
contained in an evaporating dish, until eflervescence ceases. The so- 
lution is evaporated on a water-bath and granulated in the usual wa^'. 

Pharmaceutical Preparations and Uses. — 1. Fofasshm Cifraie 
(Potassii Citras), U. S. P. XIII.— Potassium citrate, when rendered 
anhydrous by drying at 180° C., contains not less than 90 per cent 
of C 3 II 4 .OH. (COOK):}. It contains not less than 3 per cent and 
not more than (> per cent of water. The diuretic, expei lorant and 
diaphoretic actions are greater than the other alkaline salts and the 
compounds of ammonia. This salt has a laxative action due to 
the salt action and to slow absorption. Any expectorant action is 
probably empirical since the intake of water is also beneficial. It 
functions as a systemic alkalinizing agent in the same manner 
as other alkali salts of organic acids (see p. 183). Average dose— 
1 Gm. (approximately 15 grains). 

2. Effervescent Potassium Citrate (Potassii Citras EfTervescens), 
U. S. P. XIII. —This preparation contains potassium citrate 
(200 Gm.), sodium bicarbonate (477 Gm.), tartaric acid (252 Gm.) 
and citric acid (162 Gm.) to make 1000 Gm. It is used primarily 
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for tJie effects of potassium citrate but exerts also a laxative action 

because of the sodium tartrate formed (see p. 209). Average dose 

—4 Gin. (approximately 60 grains). ^ . 

3. Poimmnn Citrate ISolvtioii (Liquor Potassii Citratis), iS. h. 

\ III. —This solution ''is an aqueous solution containing, in each 

100 cc., not less than 8 Gm. of C3H4.OH. (COOIps, with small 
amounts of free citric and carbonic acids.'' Solutions of potas- 
sium bicarbonate and citric acid are mixed and when effervescence 
ceases the resulting product is bottled and stoppered tightly. To 
insure proper carhonatiori and a palatable preparation it must not 
be dispensed unless it has been re(‘ently prepared. It is used as a 
diuretic. Average dose— 15 cc. (approximately 4 fluidrachms). 

POTASSIUM HYDROXIDE 

Voiassivvi Hydroxide^ V. S. P. XIII 
Formula, KOII. Molecular Weight, 56.10 

Physical Properties.- Potassium Hydroxide is obtainable in dry, 
hard, brittle, white or nearly white, sticks, in fused masses, in 
small pellets, in flakes, and in other forms that have a crystalline 
fracture and a density of 2.044. It is very deliquescent and rapidly 
absorbs both moisture and carbon dioxide from the air. Potassium 
hydroxide and its solutions rapidly destroy organic tissues and 
form a slimy mass by decomposition of the proteins. Therefore, 
great care .should be exercised in handling it. 

One Gm, of Potassium Hydroxide dissolves in 1 cc. of water, 
in about 3 cc. of alcohol, and in about 2.5 cc. of glycerin, at 25° C. 
One (bn. is soluble in 0.6 cc. of boiling water. It is very soluble in 
boiling alcohol. 

At 360° C. the base fuses. At higher temperatures, it is appre- 
ciably volatilized. 

Chemical Properties.— The chemical properties of potassium 
hydroxide are due entirely to its basic character and high degree of 
ionization. The chemical characteristics of potassium hydroxide 
are the same as those of sodium hydroxide (see p. 188). For reac- 
tions of the potassium ion see p. 223. 

Official Tests for Identity,- 1. All solutions of potassium hydrox- 
ide, even when greatly diluted, are strongly alkaline to litmus paper, 
phenolphthaleiii test solution, etc. 

2. It responds to all reactions for potassium ion (g. v.). 

Commercial Manufacture.- Potassium hydroxide is manufactured 
in two ways: (1) by caiisticizing potassium carbonate with milk of 
lime and (2) by the electrolysis of a solution of potassium chloride. 

Proccini /.—Attention has been called to the fact that potassium 
hydroxide is the principal commercial product of the reaction 
between calcium hydrate and potassium carbonate (1). 

(1) Ca(OH), -f K,CO, 2K()II -f- CaCO^ i 

Procc.v.9 2. — ITe electrolytic process is by far the simpler of the two 
for manufacturing potassium hydroxide. When a direct current is 



POTASSIUM HYDROXIDE 


245 


passed through a solution of potassium chloride in a diaphragm cell, 
chlorine is liberated at the anode and potassium hydroxide together 
with hydrogen is formed at the cathode. (See Sodium Hydroxide, 
p. 190.) 

Laboratory Preparation of Potassium Hydroxide Solution. Dis- 
solve 0 Gm. of anhydrous potassium carbonate in 00 cc. of boiling 
water. Gradually add 5 (bn. of (‘akaum hydroxide (freshly slaked 
lime) and boil the mixture until a few drops of the filtered liquid 
give no effervescence with diluted hydrochloric acid. If, after boiling 
for fifteen minutes, the caustic liquor still gives a test for carbonates, 
add more calcium hydroxide and again boil, in each case replacing 
the water lost by evaporation. When the causticization is (‘omplete, 
allow the precipitate to subside, decaint the supernatant liquid and 
filter through asbestos on a Gooch crucible, washing the j^recipitate 
with sufficient hot water to bring the final volume of the caustic 
liquor up to 100 cc. (1). 

The volume of the boiling liquor should never become less than 
00 ec. because, in concentrated solutions, any potassium hydroxide 
formed will react with the calcium carbonate to form potassium 
carbonate and calcium hydroxide. 

Pharmaceutical Preparations and Uses.— T. Fotmsium Hydroxide 
(Potassii llydroxidum, (4iustic Potash), V. S. P. XIll. — Potassium 
Hydroxide contains not less than 85 jier cent of total alkali, calcu- 
lated as K(4H, of which not more than 3.5 per cent is KyFih. 
(\iuHon. - (heat care is nece,smry in handling Fotafisiim Hydroxide, 
CIS it rapidly destroys organic tissnes. Because of its escharotic* 
properties it finds little use as such in therapeutics. The principal 
use is in chemical and pharmaceutical processes and particularly 
those in which the potassium ion is desired, r. e., soft soap manu- 
facture. It is rarely used internally and to some extent externally 
as a cauterizing agent. In analytical chemistry it finds some use 
as an alkaline reagent. 

2. Saponated C resol Solution (Liquor Cresolis Saponatus, (_\)m- 
pound CtcsoI Solution), U. S. P. XlII.—This solution (,‘onsists 
essentially of cresol dissolved in a soap, the soap being formed by 
the saponification (see p. 189) of a vegetable oil with potassium 
or sodium hydroxide (see p. 189). It is used as a general disin- 
fectant. 

3. Medicinal Soft Soap (Sapo Mollis Medicinalis, Soft Soap, 
Green Soap)., U. S. P. XHI.- This is a potassium soap made by 
the saponification (sec p. 189) of vegetable oils, excluding coconut 
oil and palm kernel oil, without the removal of glycerin. Since 
the chief constituent of vegetable oils is olein which upon saponifi- 
cation yields glvcerin and oleic acid, the important soap present is 

H H O 

I I II 

potassium oleate (CJI3— [(Tl2]7--C--C— [(:H2]7 

4. Soft Soap Liniment (Linimentum Saponis Mollis, Tincture of 
Green Soap), U. S. P. XHI. —This preparation uses potassium hy- 
droxide indirectly in that medicinal soft soap is the main ingredient. 
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5 Soda Lime (Calx Sodica), U. S. P. XIII.-This product is a 
mixture of calcium hydroxide with sodium or potassium hydroxide 
or both, intended for use in metabolism tests, anesthesia, and 
oxygen therapy. (See Sodium Hydroxide, p. 192.) 

0. Potassium Hydroxide Solution (Liquor Potassii Ilydroxidi), 
N. F. VIII.— lliis solution contains, in each 100 cc., not less than 
4.5 Cm. and not more than 5.5 Gm. of total alkali, calculated as 
KOH, of which not more than 0.35 Cm. is K2CO.i. Potassium 
hydroxide is only 85 per cent KOH, and therefore 60 Gm. is used 
to make 1000 cc. The solution must be stored in a tightly stoppered 
bottle to prevent absorption of carbon dioxide from the air. If 
this were not done, on long standing the K2CO3 content would 
increase as the KOH content decreased. The stopper should be 
made of rub})er and the bottle of hard glass. A glass stopper is 
liable to “freeze^’ in the neck of the bottle. The use of a little 
petrolatum on the glass stopper helps prevent '‘freezing.” Because 
the solution is strongly alkaline it is necessary to use glass wool or 
asbestos as a filter. 

Caution, — Potassium Hydroxide Solution should be freely diluted 
with water before being taken into the mouth. Average dose~l cc. 
(approximately 15 minims). 

7. Aromatic Eriodictyon Syrup (Syrupus Kriodictyi Aromaticus, 
Aromatic Yerba Santa Syrup, Syrupus Corrigens), N. F. VUL-- 
Potassium Hydroxide Solution (25 cc.) is used with Eriodictyon 
Fluidextract (32 cc.) and other ingredients to prepare 1000 cc. of the 
syrup. The active principle, a bitter acrid resin, eriodictyol, is 
insoluble in neutral or acid aqueous solution. The potassium 
hydroxide forms soluble compounds with the resin. Magnesium 
carbonate, used as a clarifying agent, also contributes to the alkalin- 
ity of the syrup. It is used for masking the taste of bitter basic 
compounds such as quinine and strychnine. It is incflective with 
acidic substances such as barbital and is incompatible with acids 
and acid salts. The tannin present makes it unsuited for iron 
preparations. Average dose— 8 cc. (ai)proximately 2 fluidrachms). 

8. Copaiba Mixture (Mistura Copaibie, Lafayette Mixture), 
N. F. VIII. — Copaiba contains a resin composed of about three 
acids. The potassium hydroxide solution (30 cc.) is used to form 
water soluble potassium compounds of this resin. The preparation 
was introduced many years ago for the treatment of gonorrhea and 
since then has been used for about every ill known to man. Its 
value as a therapeutic agent is indeed very questionable (seep. 204). 
Average dose— 8 cc. (approximately 2 fluidrachms). 

POTASSIUM HYPOPHOSPHITE 

Potassium Hypopho.sphite, N. F. VIII 

.OK 

Formula, KPH2O2; 0 = P— H Molecmlar Weight, 104.09 

'H 
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Physical Properties. — Potassium Hypophosphite occurs as white, 
opaque, hexagonal plates, but on account of its being extremely del- 
iquescent, it is usually found in crystalline masses, or as a white, 
granular powder. The salt is odorless and has a pungent, saline 
taste. It has a specific gravity of 2.338 at -^-o C. 

One Gm. of the salt is soluble in about 0.6 cc. of water and in 
about 9 cc. of alcohol, at 25° C.; it is somewhat more soluble in 
boiling water or boiling alcohol. 

Potassium hypophosphite melts at 96° C. 

Chemical Properties.— When potassium hypophosphite is heated, 
phosphine (PH.-^) is evolved and the pyrophosphate is left as a 
residue (1). 

(1) 4 KPn 20 , -> K4P2O7 + 2PII3 1 + lU) 

When potassium liypophosphite is heated or triturated with any 
oxidizing agent {e. g., potassium chlorate, nitrate, or permanganate) 
it explodes violently. The (‘hemical properties are due to the 
hypophosphite ion (see Ilypophosphorous Acid, p. 115). 

Official Tests for Identity. — 1 . An aqueous solution of potassium 
hypophosphite (1 in 20) is neutral or slightly alkaline to litmus paper. 

2. It responds to all tests for potassium (q. v.), 

3. It responds to all tests for hypophosphites (sec Sodium Hypo- 
phosphite, p. 195). 

4. An aqueous solution of hypophosphite reacts with silver nitrate 
to form white silver hypophosphite which is immediately reduced 
to metallic silver and primary potassium orthophosphate (2). 

(2) KPIIoO, + 4AgN()3 + 2II.0 -> 4Ag j + KH 2 PO 4 + 

4HNO3 

Commercial Manufacture.— !. Potassium hypophosphite may be 
made by boiling phosphorus with a solution of potassium hydroxide 

(3). In order to prevent the decomposition of the hypophosphite 
by any excess alkali, carbon dioxide is passed into the liquid. 
When the reaction is complete, the solution is carefully evaporated 
and the potassium hypophosphite dissolved in alcohol, from which 
it may be granulated or crystallized. 

(3) 6 KOH -f- 8 P + 6 H 2 O -> 6 KPII 2 O, + 2 PII 3 T 

2 . The salt is usually made by adding potassium caibonatc to a 
solution of calcium hypophosphite (4). 

(4) Ca(PHo02).> + K 2 CO 3 -> 2 KPII 2 O 2 + CaC03 i 

The precipitated calcium carbonate is filtered off and the filtrate 
carefully evaporated at reduced pressure and with constant stirring 
until a granular salt is obtained. 

Pharmaceutical Preparations and Uses.— 1. Potassium Hypophos- 
phite (Potassii Hypophosphis), N. F. VIII. — Potassium Hypophos- 
phite, when dried to constant weight over sulfuric acid, contains 
not less than 98 per cent of KH 2 PO 2 . 
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Cautmi should be observed in compounding Potassium Hijpophos- 
l)hite mth other substances^ as an explosion may occur tf tt is fi liuraicd 
or heated with nitrates^ chlorates, or other oxidizing agents. 

Hypophosphites when administered are excreted almost qiianth 
tatively in the urine. They are not oxidized in the tissues to phos- 
phates nor do they contribute to nerve cell metabolism or influence 
nutrition (see p. 117). Their use as nerve tonics is without founda- 
tion. Average dose“0.5 Grn. (approximately grains). 

2. Hypophosphites Syrup (Syrupus Hypophosphitum), N. h. 
VIII.— This syrup contains (per 100 cc.) the hypophosphites of 
potassium (18 Gm.), calcium (35 Gm.), and sodium (18 Gm.). 
The syrup is probably of littlt‘ value (see vSodium Hypophosphite, 
p. 197). Average dose— 8 cc. (approximately 2 flui(lra(‘hnis). 

3. Compound Hypophosphites Syrup (Syrupus Hypophosphitum 
Compositus), N. F. Vlll.—This syrup contains potassium hypo- 
phosphite (1.75 per cent) together with other hypophosphites (Ca, 
K, Fe, and Mn). The presence of five hypophosphites has no 
advantage over one in a preparation. Average dose -8 cc. (ap- 
proximately 2 fluidrachms). 

POTASSIUM IODIDE 

Potassium Iodide, U. S. F. XI 11 
J^'ornuila, KI. Molecular Weight, lGfi.()2 

Physical Properties.— Potassium Iodide occurs as large, trans- 
parent and colorless or white and somewhat opaque cubes, or as a 
white, granular powder. The salt is stable in dry air, but deli- 
quesces slightly in moist air. It has a specific gravity of 3.123 
C.) and melts at 773° G., yielding a vapor of normal density. 
The salt decrepitates when heated. 

One Gm. of the salt is soluble in 0.7 cc. of water, in 22 cc. of 
alcohol, and in 2 cc. of glycerin, at 25° C. One Gm. of it is soluble 
in 0.5 cc. of boiling water and in 8 cc. of boiling alcohol. When a 
quantity of potassium iodide is shaken in a test-tube with one-half 
its weight of water, there is a marked decrease in the temperature 
of the solution. The phenomenon of solution may be likened to a 
change in the physical state and hence, the conversion of ‘‘solid” 
potassium iodide into “liquid” potassium iodide through the agency 
of a solvent would conform to the laws governing such changes, 
and heat would be absorbed by the molecules of the solute from 
those of the solvent. 

Chemical Properties.— Aqueous solutions of potassium iodide take 
up iodine, forming KI3, in equilibrium with dissolved iodine: 
KI3 ^ KI 4- I2 (in solution). The potassium tri-iodide may be 
obtained by evaporating the solution over sulfuric acid when black, 
acicular, monoclinic crystals separate out. These crystals have a 
specific gravity of 3.498 (-V- C.), are very deliquescent, melt at 
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45"^ C ., and decompose at 100° C. into iodine and potassium iodide. 
The cliemical properties of potassium iodide are due to the iodide 
ion (see Sodium Iodide, p. 197). 

Official Tests for Identity. — 1. An aqueous solution of potassium 
iodide is neutral or slightly alkaline to litmus. 

2. The salt responds to all the reactions for potassium ion {q. v.). 

3. A solution of potassium iodide responds to all of the tests for 
iodide ion (see Sodium Iodide, p. 198). 

Commercial Manufacture.— Nearly all of the potassium iodide is 
prepared by adding a slight excess of iodine to a solution of potas- 
sium hydroxide to form a mixture of iodide and iodate (see Sodium 
Iodide, p. 198). 

Laboratory Preparation. To the solution of i)otassium hydroxide 
obtained in the laboratory preparation of j)otassium hydroxide 
(p. 245), or to 100 cc. of a 5 j)er cent solution of caustic potash, 
add iodine (about 10 Gin.) until the solution is colored brown (1). 
The iodine must be added a little at a time in order to avoid any 
great excess. Evaporate the solution to dryness and powder the 
residue. Mix about 5 Gm. of powdered wood charcoal with this 
powder and heat in an iron (aaicible until slight deflagration takes 
place (2). I)issolv(‘ the potassium iodide in 25 cc. of boiling water, 
filter, and allow to crystallize. Granulate the salt remaining in the 
mother liquor after separation of the first crop of crystals. 

(1) OKOII + 31.> 5KI + KlOa + 3H,() 

( 2 ) KIO 3 + 3(^ KI + ACO t 

Pharmaceutical Preparations and Uses. — 1. PoUifimmi Iodide 
(Potassii lodidum), W S. V. XIII. Potassium Iodide, when dried 
at 110° for four hours, contains not less than 99 per cent of KT. 

The action of potassium iodide is usually characterized by the 
rather indefinite term “alterative;” however, it does exert a definite 
influence u])oii the metabolic processes of the body (see p. 95). 
Any depressant efl’ect is due to ])otassium ion. It is used in the 
treatment of sy])hilis, chronic articular and muscular rheumatism, 
goiter, certain forms of asthma and arteriosclerosis (see p. 199). 
Average dose - 0.3 Gm. (approximately 5 grains). 

2. Pofa.idum Iodide SoIidio?i (Liquor Potassii lodidi. Saturated 
Potassium Iodide Solution), N. F. VIII.— This solution “contains, 
in each 100 cc., not less than 97 Gm. and not more than 103 Gm. of 
KI.” The use of heat or hot water is necessary to insure a solution 
containing the required amount of potassium iodide. AVhen pre- 
pared in a pharmacy the correct proportions are 8 drachms (30 Gm.) 
of potassium iodide and water sufficient to make 1 fluidounce. 
Since the dose is small and the solution may be used over a period 
of time the V. S. P. allows the addition of 0.5 Gm. of sodium thio- 
sulfate (per 1000 cc.) which will reduce any liberated free iodine 
to sodium iodide (see p. 216). 

The preparation is used for the effect of the iodide ion (see p. 95). 
Average dose— 0.3 cc. (approximately 5 minims). 
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3. Potassiv/ni Iodide Tablets (Tabellte Potassii lodidi), N. 1*. 
VIII.— These tablets contain not less than 94 per cent and not 
more than 106 per cent of the labeled amount of potassium iodide 
for tablets of 0.3 Gm. or more, and not less than 92.5 per cent and 
not more than 107.5 per cent for tablets of less than 0.3 Gm., includ- 
ing all tolerances. Average dose -0.3 Gm. (approximately 5 grains). 

Enteric coated tablets of potassium iodide have recently been 
introduced because of findings that old solutions of potassium 
iodide may be unsatisfactory.^*^ 

4. /orfwfc6*7Y/idi/r^(TincturaIodidoriim), N. F. VII [. — (See p. 9().) 

5. Iodine OinUneni (Unguentum lodi), N. F. VII 1.- (See p. 97.) 

(). Phenolated Iodine Solniiou (Liquor lodi Phenolatns), N. F. 

VIII. — (See p. 98.) 

7. Strong Iodine Tincture (Tinctura lodi Fortis), N. F. VIII.— 
(See p. 98.) 

8. (compound Sodinni Salicylate and Gelseinium Elixir (Elixir 
Sodii Salicylatis et Gelseinii Compositum), N. F. VIII.— This elixir 
contains 15 Gm. of potassium iodide in addition to other ingredients 
in 1000 cc. The potassium iodide is present for the therapeutic 
effect of the iodide ion. Average dose— 4 cc. (approximately 
1 fluidrachm). 

9. PoUuoimni Mercuric Iodide (Potassii Ilydrargyri lodidum), 
N. N. H.— A complex salt, KnIIgL, formed by the interaction of 
I molecule of mercuric iodide with 2 molecules of potassium iodide. 
It contains about 25.5 per cent of mercury. It is used as an external 
germicide much the same as red mercuric iodide and mercuric 
chloride (see p. 375). 


POTASSIUM NITRATE 

Potassium Nitrate, N. F. VIII 

Formula, KNOj: K— O— Molecular Weight, 101.10 

Physical Properties.— Potassium Nitrate occurs in the form of a 
white crystalline powder or in long, colorless, transparent six-sided 
rhombohedrons or prisms. It is odorless, has a saline taste, and 
produces a cooling sensation in the mouth. It is slightly hygro- 
scopic in moist air. It has a density of 2.11 (10.6° C.) and melts 
without decomposition at about 337° C. 

One Gm. of Potassium Nitrate is soluble in 3 cc. of water, and in 
about 620 cc. of alcohol at 25° C. One Gm. is soluble in 0.5 cc. of 
boiling water. It is soluble in glycerin. 

Chemical Properties. The salt, when .strongly heated, evolves 
oxygen and is partly reduced to potassium nitrite (1). 

(1) 2KNO3 2KNO2 -I- O2 1 

* Now England . 1 . Med., 229, 670 (1943). 

’ New England J. Med., 229, 971 Q944). 
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When crystals of potassium nitrate arc heated, they decrepitate 
or explosively burst asunder. This is explained by the fact that, 
even though the salt does not form a hydrate, it occludes a small 
portion of the mother li(pior at the time of crystal formation and 
the intra-crystal pressure developed by the vaporization of the water 
causes the more or less violent action. Potassium nitrate also 
deflagrates when heated with charcoal. The major chemical 
properties are due to the nitrate ion (see p. 119). 

Official Tests for Identity . — 1 . An aqueous solution of potassium 
nitrate is neutral to litmus paper. 

2. Aqueous solutions of the salt respoiul to all the reactions for 
roiassinin ion (see p. 224). 

3. The salt gives all the tests for Nitrate ion (see p. 120). 

Commercial Manufacture.— Large quantities of potassium nitrate 

are made from the comparatively cheap sodium nitrate which occurs 
naturally in enormous deposits in Chile and Peru. Sodium nitrate 
and ])otassium ( hloridc are heated with a small quantity of water 
when the following reaction takes place (2). 

(2) NaNO. + KCl ^ KNOa + NaCl 

The following observations may be made regarding the solubility 
of the respective products of the reaction: Except for mutual 
solubility, about the same (piantity of sodium chloride dissolves in 
a definite volume of water at C. as it does in a like volume of 
water at 100° C. (35,7 Gm. Na(4 in 100 Gm. of water at 0° C., 
39.8 Gm. of Xa(4 in 100 Gm. of water at 100° C.), whereas potas- 
sium nitrate is very much less soluble in cold water than it is in hot 
water (13.3 Gm. of KNOa in 100 Gm. of water at 0° C., 247 Gm. of 
KNOa in 100 Gm. of water at 100° C.). Therefore, when the con- 
centrated solution is strained through filter cloth, most of the sodium 
chloride remains behind, whereas nearly call of the potassium nitrate 
remains in solution in the hot liquor. When this is allowed to cool, 
most of the potassium nitrate, on account of its lesser solubility in 
cold water, crystallizes out, whereas the sodium chloride remains in 
solution. The solution is constantly stirred during the crystalliza- 
tion of the salt in order to obtain small crystals and to prevent the 
taking up of water of decrepitation. The crystalline mass is sepa- 
nated from the mother liquor by decantation or by centrifuging and 
washed with a gentle spray of Wcater in a hydro-extractor or centri- 
fuge machine. The product is dried in copper pans in a current of 
hot air. 

Laboratory Preparation. — Dissolve 8.5 Gm. of sodium nitrate and 
7.46 Gm. of potassium chloride in 10.5 cc. of distilled water and boil 
for fifteen minutes, maintaining the original volume of solution by 
the occasional addition of water. Strain the hot solution through 
a muslin cloth and cool the filtrate to 10° C. Collect the crystals, 
wash them with a spray of cold water, and then dry them in a current 
of hot air. 
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Pharmaceii^l^kkrations and Uses. — 1. Potassium Nitrate 
(Potassii Njtrks; N. F. VIII. — Potassium Nitrate, when 

dried for four hours wSjflO® C., contains not less than 99 per cent 
of KNOs. Potassium hitrate is usually employed internally when 
the^^action of potassium ion is desired. The nitrate ion is said to 
increase the rapidity of the absorption of the potassium ion. The 
nitrate ion produqps an irritation of mucous membrane and hence 
large doses are prohibitive. In medicinal doses potassium nitrate 
is a diuretic and diaphoretic, although the harmless organic 
potassium salts are to be preferred. It has the same dangers as 
other potassium salts when there is faulty kidney elimination. 

Stramonium leaves are often burned to volatilize the alkaloidal 
components to alleviate the paroxysms of asthma. Potassium 
nitrate is often added to the leaves as an oxidizing agent to facilitate 
burning. Average dose— 1 Gm. (approximately 15 grains). 

POTASSIUM PERMANGANATE 

Potassium Permanganate, T . S. P. Xlll 

Formula, lv]\In04. K — O— Mu -=0 Molecular height. l.)S.(K) 

N) 

Physical Properties. — Pota.ssium Permanganate occiirs in the form 
of odorless, slender, dark purple monoclinic prisms, almost opaque 
by transmitted light and of a blue metallic luster by reflected light. 
The color is sometimes modified by a dark bronze-like appearance. 
It has a specific gravity of 2.703 (-“^o C.) and is stable in air. Solu- 
tions of potassium permanganate have a sweetish, astringent taste. 

One Gm. of the .salt is .soluble in 15 cc. of water at 25 "" C. and 
in 3.5 cc. of boiling water. It is reduced by alcohol. 

When potassium permanganate is heated it decrepitates, and at 
about 240'' C. it decoinpo.ses into oxygen, potassium rnanganate, 
and manganese dioxide (1). 

(1) 2K:]VIn04 K.,ATn04 + MnO, + O, t 

Chemical Properties.— This salt is a very powerful oxidizing agent 
both in the dry state and in solution (2 and 3). Therefore, great 
care should be exercised in handling it, as dangerous explosions are 
liable to occur if it comes in contact with organic or other readily 
oxidizable material, e. g., cork, charcoal, etc., either in solution or 
in the dry state. 

(2) 2KMn04 + 3 H 2 SO 4 K 2 SO 4 + 2 MnS 04 + 3fl20 + 5 [O] 

(acid solution) 

(3) 2KMn04 + H2O -> 2Mn02 i + 2KOH + 3 [O] (alkaline or 

neutral solution) 

The chemical properties are due to the presence of the perman- 
ganate ion which reacts as a strong oxidizing agent toward many 
easily oxidizable compounds (reducing agents). 
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1 . When ti) a solution of potassium permanganate, HCl and H 2 S 
(reducing agent) are added, it will be noted that the violet color 
disappears and sulfur (oxidized product) is precipitated. The 
permanganate ion has been reduced to manganous ion ( 4 ). 

(4) 2KMn04 + bllCl + 5H2S-^2MnCl2 + 2KC1 + 5S i + 8 H 2 O 

In neutral solution with 1 per cent permanganate the reaction 
is (5). 

(5) ]()KMn 04 + 22 H 2 S -> 3 K 2 SO 4 + lOMnS j + 2 K 2 S 2 O 3 + 

22 II 2 O + 5S i 

2. When a 3 per cent solution of hydrogen peroxide is added to 
an aqueous solution of potassium permanganate previously acidu- 
lated with sulfuric acid, the color of the permanganate solution is 
discharged (6). 

(6) 2 K]VIn 04 + 3 H.,S 04 + K 2 SO 4 + 2 MnS 04 + 

8 H 2 O “h 5 O 2 "f 

3. An aqueous solution of the salt acidulated with sulfuric acid 
is decolorized by a solution of oxalic acid in hot solution (7) and 
by a solution of sodium hydrogen sulfite in cold solution (8). 

(7) 5Il2C 2 O 4 . 2 H 2 O “h 2Ki\rn04 -f* 3IT2S04 — > 1\2S04 -1- 2]\InS()4 

+ 18 IU) + lOCOoT 

(8) SNaHSO^ + 2KMn04 + 3 H 2 SO 4 KVSO 4 + 21 \InS 04 

+ 5 NaHS 04 

4. On heating potassium permanganate at 240° 0., very pure 
oxygen is evolved, and a black powdery residue of potassium man- 
ganate and manganese dioxide (9) remains. 

(9) 2K]Mn04 — > lv2]Mn04 -j- Mn02 O 2 ^ 

When a little water is added to the residue, a dark green color is 
formed. 

5. Chlorine is produced by the action of hydrochloric acid on 
potassium permanganate (10). 

(10) 2KMn04 + lOHCl -> 2KC1 + 2MuCU + 81120 + 5 CI 2 T 

(). Alkaline or neutral solutions of potassium permanganate 
oxidize iodides to iodates (11). 

( 11 ) 2KMn04 + H 2 O + KI -> 2Mn02 j + 2 KOH + KIO 3 

7. Iodine is liberated from potassium iodide by an acid solution 

of potassium permanganate (12). % 

( 12 ) 2 KMn 04 + lOKI + 8II2SO4 0 X 2804 + 2 MhS 04 + 

5 I 2 8 II 2 O 

8 . Ferrous salts are readily oxidized to ferric salts (13) by potas- 
sium permanganate in acid solution. 

(13) 2 KMn 04 + 10 FeSO 4 + 8 H 0 SO 4 K 2 SO 4 + 2 MnS 04 + 

5Fe2(S04)3 + 8 H 2 O 
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9. Nitrites are oxidized to nitrates by potassium permanganate 
in acid solution (14). 

(14) 2KNd, + H.,S04 K2SO4 + 2HNO2 

2KMn04 + 5HNO2 + 3II..FO4 K,S04 + 2MnS04 + 
m,0 + 5HNOs 

10. Sulfuric acid is formed when sulfur dioxide is oxidized with 
permanganate (15). 

(15) 2KMn04 + 5SO2 + 2H2O K2SO4 + 2MnS04 + 2II2SO4 

Official Tests for Identity.- 1. A concentrated aqueous solution of 
I*otassium Permanganate is deep violet red in color. ^ ery <lilute 
solutions are rose colored. 

2. Solutions of potassium permanganate acidified with sulfuric 
acid are decolorized by solutions of hydrogen peroxide (6), by 
sodium bisulfite T.S. (8) in the cold, and by hot oxalic acid T.S. (7). 

Commercial Manufacture.— This salt is prepared by mixing 
1000 pounds of a solution of potassium hydroxide (sp<»cific gravity, 
1.44) wdth 360 pounds of powdered manganese hydroxide and 
210 pounds of potassium chlorate. The mixture is boiled, evapo- 
rated and the residue heated in iron pans until it has acquired a 
pasty consistency (16). 

(16) 6KOII -f 3Mn02-f K(3()i,-^ aK.lNIiA -h KCl -f SH.O 

I’he potassium inauganatc (green) thus obtained is boiled with a 
large quantity of water, and at the same time a current of chlorine 

(17) carbon dioxide (18, 19) or ozonized air is passed into the liquid 
until the potassium manganate is completely converted to per- 
manganate. The MnOo forrnetl is removed continuously in ortler 
to prevent its breaking down the permanganate formed. 

(17) 6K2Mn04 + 3(:;i2 6KMn04 + 6KC1 
or 

(18) 3K2Mn04 2II2O — > 2KMn04 + Mn02 i + 4KOI1 

(19) 4KOH + 4CO2 ^ 4KHCO., 

The solution of potassium permanganate is drawn off from any 
precipitate of manganese dioxide, concentrated and crystallized. 
The crystals are then centrifuged and dried. 

Laboratory Preparation.- Place 10.5 Gm. of potassium hydroxide 
in a porcelain evaporating dish and add 35 cc. of water. When solu- 
tion is effected, add 9 Gm. of pyrolusite (87 per cent Mn02) and 
5.25 Gm. of potassium chlorate and, with constant stirring, evapo- 
r^e the mixture to a thick paste. Transfer the mixture to an iron 
dish or crucible and heat to redness until water ceases to be driven 
off. Then allow the greenish-brown mass to cool, remove it from 
the crucible and powder it. . {Caution, see p. 255.) M ix the powder 
with 125 cc. of water and boil, slowly passing carbon dioxide into 
the boiling liquid until a piece of filter paper immersed in the liquid 
and then dried gives a purple color only. Permit the precipitate 
to subside and filter it through asbestos. Wash the precipitate with 
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a small quantity of water and evaporate the combined filtrates until 
crystals begin to form. Filter the liquid several times during the 
evaporation. Separate the crystals from the mother liquor and 
evaporate the latter in order to obtain a second crop. 

The reactions involved in the laboratory method are the same as 
occur in the manufacture of this salt on a large scale (g. i;.). In 
the process it should be noted that the carbon dioxide must be 
passed into the boiling liquid at such a rate that practically all of 
it is absorbed. Great care should be taken to prevent any dirt or 
soot from falling into the permanganate solutions. 

Pharmaceutical Preparations and Uses.-“1. Potassium Perman- 
gauate (Potassii Permanganas), II. S. P. XIII.— Potassium Per- 
manganate, when dried over sulfuric acid for eighteen hours, con- 
tains not less than 90 per cent of KMn 04 . Caution. — Great care 
should he observed in. handling potassium permanganate^ as dangerous 
explosions are liable to occur if it is brought in contact with organic or 
other readily oxidizahle suhstancesy either in solution or in the dry state. 

Potassium permangaTiate belongs to the oxidizing class of anti- 
septics. A solution of the salt when in contact with organic matter, 
such as albumin or bacteria, at once liberates oxygen. The oxygen 
oxidizes the protein of the bacteria and kills them. The action of 
perinanganatc is of short duration and is limited to the skin and 
the surface of the mucous membranes. 'Inhere is very little pene- 
tration of this oxidizing action; this makes potassium permanganate 
of less value than most other antiseptics. A serious drawback to 
its use is the deposition of brown manganese dioxide over the area 
to which it is applied. 

It is used in the treatment of urethritis and occasionally of gonor- 
rhea. Solutions varying in strength from 1:500 to 1:15,000 are 
employed for irrigating the urethra. Due to its oxidizing power it 
finds some use in Vincent’s infection, epidermophytosis, athlete’s 
foot, snake bite, poison ivy and as a chemical antidote in poisoning. 

2. Potassium Permanganate Tablets (Tabellse Potassii Perman- 
ganatis), N. F. VIIL— These tablets contain not less than 94 per 
cent and not more than 106 per cent of the labeled amount of 
potassium permanganate for tablets of 0.3 Gm. or more, and not 
less than 92.5 per cent and not more than 107.5 per cent for tablets 
of less than 0.3 Gm., including all tolerances. Average dose— 
60 mg. (approximately 1 grain). 

POTASSIUM SODIUM TARTRATE 

Potassium Sodium Tartrate, U. S. P. XIII 

CH(OH)COOK 

I 

Formula, KNaC4H406.4H20; CH (Oil) COONa. 411^0 
Molecular Weight, 282.23 

In 1672 Pierre Seignette, an apothecary of Kochelle, France, 
first prepared potassium and sodium tartrate. In allusion to its 
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discoverer and his native town this compound is called either 
Rochelle Salt or Sal Seignette. 

Physical Properties.— Potassium Sodium lartrate occurs as a 
white, crvstalline powder, or as large, colorless, transparent, rhombic 
prisms which effloresce slightly in warm, dry air. It is odorless, 
has a cooling, saline taste, and a specific gravity of 1.783^ at 
One Gin. of the salt is soluble in 1 cc. of water at 25 C. It is 
practically insoluble in alcohol. 

Potassium and sodium tartrate melts at about 74 (_ . W hen the 
temperature is raised, it carbonizes and gives ott inflammable 
vapors having the odor of burnt sugar, h'inally, a residue of un- 
burnt carbon and the carbonates of potassium and sodium remains 
( 1 ). 

(1) 2KNaC4H406 + 50.. ^ IC/JOa + Na.,CO, + dll^O + eCO^ T 

Chemical Properties. — Potassium and sodium tartrate is a salt ol 
strong bases and a weak organic acid. It j)ossesses the character- 
istics of the alkali salts of organic acids. Aqueous solutions ar(‘ 
slightly alkaline due to hydrolysis. It resjKinds to the chemical 
properties of tartrates discussed on p. 2»4{). 

Wdien an ecpial volume of acetic acid is added to a solution of 
the salt, a white crystalline precipitate results (2). 

(2) KNaC4n A.4IIuO + KUC.U.O, [ + 

NaC,H:A + 411,0 

Official Tests for Identity. — 1 . A 5 per cent a((ueous solution of the 
salt is alkaline to litmus paper. The color of a 10-ce. portion of the 
solution is not attected by 1 drop of phenolphthalein T.S. (</. r.). 

2. The salt gives the flame test for both potassium and sodium 

(q. V.). 

Commercial Manufacture.- Potassium and sodium tartrate is pre- 
pared by neutralizing a solution of sodium carbonate with potas- 
sium bitartrate (3). The solution is boiled for a short time and an 
exact neutrality produced by the addition of either sodium carbo- 
nate or potassium bitartrate. The solution is then allowed to 
stand at 60° C. for a period of time to permit any calcium tartrate 
to settle out. It is filtered, eoneentrated and crystallized. 

(3) 2 KHC 4 H 4 O 6 + Na, GO,. 11,0+ 611,0 2KNaC4H406.- 

4H,0 + CO, T 

Laboratory Preparation. Dissolve 3.3 ( 011 . of monohydrated 
sodium carbonate in 40 cc. of boiling water and, when solution 
has been effected, edd 10 Gm. of potassium bitartrate and boil for 
fifteen minutes. Test a few dro])s of the solution for excess alkali 
with phenolphthalein and make it exactly neutral by the addition 
of small quantities of either sodium carbonate or potassium bitar- 
trate. Set the solution aside for a day or two to allow any calcium 
tartrate (sometimes present as an impurity in cream of tartar) to 
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s(‘ttle out. Kilter and evaporate to 18 Gni. and allow to crystallize. 
1 )() not use heat in drying the crystals as this is an organic compound. 

Pharmaceutical Preparations and Uses. — 1. Potassimn Sodium 
Tartrate (Potassii Sodii Tartras, Rochelle Salt), U. S. P. XIIL- 
I otassimn Sodium Tartrate “when rendered anhydrous by drying 
at 15(r, contains not less than 99 per cent of KNaCJIA.” The 
official salt contains 4 molecules of water of crystallization corre- 
sponding to not less than 21 per cent and not more than 2() per 
cent of water. Depending upon the dose, the action of Rochelle 
Salt ranges Iroin a mild laxative to an active hydragogue. It is 
a saline laxative. (Sec Disodium Phosphate, p. ’209.) It has an 
important use as a (constituent in Fehling’s solution. (See Copper 
Su!fat(\ p. 28o.) Average dose— 10 Gm. (approximately 2^ drachms). 

2. (ompoimd hjlrrvrscent Powders (Pulveres Kfferveseentes Corn- 
j)()siti, S(‘i(llitz Powders), I . S. P. XIII.— The mixture in a blue 
pai)er weighs not less than 9.5 Gin. and not more than 10.5 Gm. 
and contains not less than 25 per c'ent and not more than 27 per 
cent of NalK O.j, and not less than 75 p('r (*ent and not more than 
78 per cent of KNa(\iH 40 G. (See Sodium Bicarbonate, p. 155.) 

SULFURATED POTASH 

Sulfaratrd Potash, N. F. VIII 

This substance is not a true chemical ('ompound. It is a mixture 
(‘omposed (chiefly of potassium polysulfldes and potassium thiosul- 
fate. The N. V. VUl inquires that the mixture contain polysulfides 
ecpii valent to not less than 12.8 per cent of sulfur. 

Physical Properties. Sulfurated l\)tash occurs in irregular pieces 
having a lixTi-brown color when freshly made, changing to greenish- 
yellow and finally to gray through absorption of moisture, oxygen, 
and carbon dioxide of the air. It has an (jdor of hydrogen sulfide 
and a bitten, acrid, alkaline taste. 

One Gm. of Sulfurated Potash is soluble in about 2 cv. of water 
(usually leaving a slight residue), forming a brown solution which 
is strongly alkaline. Alcohol will dissolve only the sulfides. 

Official Tests for Identity. — 1 . When an exc’ess of acetic acid is 
added to an ac[ue()us solution of Sulfurated Potash, hvdrogen sul- 
fide is evolved and sulfur is pre(‘ipitated (1). The h^>’dr()gen sulfide 
ma\' be recognized by its characteristic odor and by its blackening 
of moist lead acetate test paper. 

(1) K,S, + 2H(;jl,0, 2K(^dI30, + FI 2 S T + 2S i 

2. If the solution obtained in (1) is filtered and an ex(cess of 
sodium bitartrate test solution addtxl to the filtrate, an abundant, 
white, crystalline precipitate will be })rodueed (2). 

(2) K(\>I1:A + NaHCJIA - > KHCMROa + NaC\.H.A> 

Commercial and Laboratory Preparation. — Li ver of sulfur is pro- 
duced commercially by exactly the same process that will be use(i 
in its laboratory preparation, 

17 
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Mix 2 Gin. of sublimed sulfur with 4 Gm. of potassium carbonate 
and gradually heat them together in a crucible until effervescence 
ceases (3). Then increase the heat to dull redness or until perfect 
fusion results. Pour the melt upon a stone slab, covered to prevent 
access of air, and allow it to cool. Break the solid into pieces and 
bottle immediately. 

(3) 3K2CO3 + 8S -> 2KVS3 + K2S2O3 + 3C'’02 T 

When potassium carbonate and sulfur are fused together, a mixture 
of potassium poly sulfides (K2S3, K2S4, K2S6) and potassium thiosul- 
fate is produced and carbon dioxide is evolved. If the temperature 
of the reaction is not carefully controlled, potassium sulfate may 
be formed due to the decomposition of the thiosulfate (4). 

(4) 4K2S2O3 3K2SO4 + K2S5 

Pharmaceutical Preparations and Uses.— 1 . Sulfurated Potash 
(Potassa Sulfurata), N. F. VIII. — Synonyms are sulfurated potassa, 
liver of sulfur, and hepar sulfuris. It is a mixture composed chiefly 
of potassium polysulfides and potassium thiosulfate. It contains 
not less than 12.8 per cent of sulfur in combination as sulfide. 
Sulfurated potash is rarely used internally. Due to the liberation 
of hydrogen sulfide on contact with the skin, and the alkaline 
medium which it creates, the compound is used to treat parasitic 
diseases of the skin. A 10 per cent ointment is used for acne, 
scabies, ringworm, psoriasis and tinea versicolor. 

2. White Lotion (Lotio Alba, Lotio Sulfurata), N. F. VIII.- 
In this lotion sulfurated potash reacts with zinc sulfate to form 
zinc sulfide. (See Zinc Sulfate, p. 383.) 

POTASSIUM THIOCYANATE 

Potassium Thiocyanate ^ N. F. VUI 
Formula, KSCN. Molecular Weight, 97.17 

Physical Properties. — Potassium Thiocyanate occurs as colorless, 
transparent, prismatic crystals that are hygroscopic. It is odorless, 
and has a cooling, saline taste. It is affected by light. One Gm! 
of Potassium Thiocyanate is soluble in about 0.5 cc. of water and in 
about 12 cc. of alcohol, at 25° C.; also in about 0.2 cc. of boiling 
water and in about 8 cc. of boiling alcohol. 

Chemical Properties.— The chemical properties are discussed 
under the sodium salt (see p. 216). 

Official Tests for Identity. 1. A 10 per cent aqueous solution of 
the salt is neutral to litmus and responds to all tests for Potassium 
ion (see p. 223) and for Thiocyanate ion (see p. 215). 

Cominercial Manufacture.— The procedure is essentially that for 
the sodium salt (see p. 215). 

Pharmaceutical Preparations and Uses.- 1 . Potassium Thiocyanate 
(Potassii Thiocyanas, Potassiujn Sulfocyanate, Potassium Rhoda- 
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nate), N. F. VIII. — Potassium Thiocyanate, when dried to constant 
weight at 105 C., contains not less than 99 per cent of KSCN. 
There are two major actions of the thiocyanate ion in the body, 
namely, an iodide-like effect and a nitrite-like effect. It is the 
nitrite-like action of relaxing smooth mus(‘le that is desirable for its 
therapeutic use. In hypertension some relief is obtained because 
the capillaries are dilated. Also, use of the salt in the treatment of 
migraine has recently been found of value. ^ 

Non-official Potassium Salts 

Potassium Sulfate, T\2S04, Molecnlar Weight 174.25.— Potassium 
Sulfate forms small, hard, colorless, six-sided, rhombic prisms ter- 
minated by pyramids. It occurs as a white powcler; or as white 
granules. It is odorless and has a saline, slightly bitter taste. It 
has a specific gravity of 2.602 (1). Tlie salt is j)ermanent in air. 

One dm. is soluble in 10 cc. of water at 25"^ d., or in 4 cc. of 
boiling water. It is insoluble in alcohol. 

The salt decrepitates when heated and melts at about 1067 (\ 
At white heat it is partially decomposed. 

An aqueous solution of potassium sulfate is neutral to litmus 
paper. 

Its solutions respond to all the reactions for potassium ion {q. v,). 

When an excess of sodium bitartrate test solution is added to a 
saturated aqueous solution of the salt, a white, ( rystalline precipi- 
tate is produced (1). 

(1) K2SO4 + 2NaIIC4ll406— >2KTId4H406 1 + Na2S04 (in solution) 

A heavy, white precipitate of barium sulfate (insoluble in hydro- 
chloric acid or in other dilute acids) is produced when barium chlo- 
ride test solution is added to an aqueous solution (1 in 20) of potas- 
sium sulfate (2). 

(2) K2SO4 + BaCl> BaS04i + 2KC1 

Potassium sulfate is sometimes made by treating sylviie (almost 
pure KCl) with sulfuric acid and concentrating the resulting solu- 
tion to crystallization. 

At Stassfurt it is usually prepared by concentrating s( elutions of 
kainite (K2SO4.MgSO4.MgCl2.6H2O), when magnesium and potas- 
sium sulfates separate out in the form of K2SO4.MgSO4.6H2O, 
called schonite. When schonite solutions are concentrated in the 
presence of an excess of potassium chloride, potassium sulfate and 
magnesium chloride are produced (3). On account of its lesser solu- 
bility (1 to 10 at 25° C.), the former settles out, whereas the latter 
(MgCh, 1 to 0.6 at 25° C.) remains in solution. 

( 3 ) K2SO4.MgSO4.6H2O + 2 KT 1 -> 2K2SO4 + MgCl,, + 6H >0 
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Concentrated solutions of the mineral kiescrite (MgSO^.HoC) also 
react with potassium chloride in the same manner. 

Large deposits of polyhalite (2CaS04.MgS04. IV2SO4. 21120) have 
been found in Crane C'ounty, Texas, diiese deposits constitute 
one of the largest available sources of potash in the United States. 
The mineral is said to be less soluble than that obtained from the 
.salt beds at Sta.ssfurt in Germany. 

J’harmaceutical forms have been Pota.ssium Sulfate, N. F. VI, 
Artificial Carlsbad Salt, N. F. \'I and Kll'crve,scent Artificial Carls- 
bad Salt, N. F. VI. 
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RURIDIUM AND ( RSIUM 

RUBIDIUM 

Synihol, Rl). 1. Atomic Wci^^lit, sr).4(S; 

Atomic Number, 37 

History.- Ihibidium was (liscover(‘(l by Ibmseii and Kircbliofl in 
18()1. Employing the sj)ectroscoj)e which he and Kirchhoff liad 
but recently invented, he examined the residue from Durkheim 
mineral water and found two new, bright lines in the blue portion 
of the spectrum. He, therefore, named the elements rubidium (red) 
and cesium (blue) in allusion to their spectra. 

Occurrence.- Rubidium is wid(‘ly distributed, but only in small 
quantities. It occurs, usually alon^ with potassium, in many 
mineral waters, notably those of Durkheim in Baden. This metal 
is found in combination in lepidolite, phosjdiorite, petalitc and 
carnallite. It is found in the ashes of some plants, such as tea, 
coffee and tobacco. 

Properties, —Rubidium is a silver-white metal that has a faint 
yellowish tin^e. Its density is 1.53, its melting-point 38.5° (\, and 
its boiling-point 700° C. It should be kept under benzene, petro- 
l(‘um, or other non-oxygen containing li(inids. It closely resembles 
potassium. It inflames spontaneously upon exposure to air and 
acts energetically when placed in water, de(*omposing the latter and 
burning with a violet flame. 

Rubidium forms four oxides, having the following (‘ompositions: 
RRO, RbjOo, BboO;^ Rbi. 04 . The formulas of rubidium compounds 
are analogous to those of corresponding potassium compounds. 

Preparation.— The discoverer of this element recommended the 
residues remaining after the preparation of lithium from its minerals, 
as a source of rubidium. Rubidium chloroplatinatc is less soluble 
than the corresponding j)otassium salt; therefore, a mixtuie (ff* their 
platinum precipitates is repeatedly boiled with small quantities of 
water, which dissolves the more soluble potassium chloroplatinatc. 
The less soluble rubidium compound is reduced by hydrogen and a 
(•hloride is obtained. The hydroxide or carbonate of rubidium may 
be prepared from the chloride in the usual way, and these, when 
heated with magnesium powder in a current of hydrogen, yield 
metallic rubidium. 

Uses.— Rubidium and its compounds are very seldom used in 
medicine. If it is used, the action is that of the anion produced by 
the dissociation of the rubidium salt. 
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CESIUM 

Symbol, (’s. Valence,!. Atomic Weight, 132.91 ; 

Atomic Number, 55 

History.- Cesium, like rubidium, was discovered by Buii-sen. It 
was the first element disco\ crcd by the use of the spectroscope. 

Occurrence.— Cesium is usually a.s.sociated with rubidium but in 
smaller amounts. The largest quantity of the metal occurs in the 
rare mineral polludte (syn. pollux), a cesium-aluminum silicate, 
found on the Island of Elba and at Ilcbron, Maine. This mineral 
is an association of pegmatite minerals and contains 31.4 per cent 
of cesium o.xide. It is found also in the waters of many mineral 
springs. 

Properties. Cesium is a silver-white, soft metal, having a density 
of l.(S7 and a melting-point of 28.5° (k It boils at 670° C. Its 
properties closely resemble those of potassium and rubidium. 

Preparation.— (.'esium metal is obtained by a process similar to 
that used for the preparation of rubidium (q. v.). 

Uses.- Cesium and its compounds are of no commercial impor- 
tance. 'riioy are never used in medicine. 
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AIVIMONICIM ( IMPOUNDS 

Attention has been called to the fact (p. 74 ) that when ammonia 
^as is passed into water, a solution containing dissolved ammonia, 
undissociated ammonium hydroxide, ammonium ions, and hydroxide 
ions is produced. The positive ammonium cation behaves in all 
respects like an alkali metal. It unites with anions to form salts 
which have a very great physical and chemical resemblance to the 
corresponding potassium salts with which they are ordinarily iso- 
morphous. When a solution of an ammonium salt is electrolyzed, 
the ammonium cation, upon its discharge, ordinarily gives ammonia 
and hydrogen, and thus far, all efforts to isolate the “ammonium 
metal” have failed. If, however, a mercury cathode is used and an 
ammonium salt decomposed by electrolysis, the mercury swells to 
a spongy mass of ammonium amalgam and then gives off the decom- 
position products of ammonium radical, viz.y ammonia and hydro- 
gen. Likewise, if sodium amalgam is added to a strong solution of 
an ammonium salt (NIRCl), an amalgam having a metallic luster is 
produced. This physical property of the amalgam points strongly 
toward the metallic character of the ammonium radical. 

Na (in solution in Ilg) + NIL"^ + V\~ - > NH 4 (in solution in 
Hg) + Na-^ + (T- 


Hy virtue of the formation of such an amalgam, and because only 
metals are miscible with mercury, it may be assumed that, if “am- 
monium” is ever isolated, it will have the physical and chemical 
properties of a metal. 

'^Chemical Properties of the Ammonium Ion. - Although Ammonia 
has already been discussed (see p. 70), there are a few general reac- 
tions of ammonium compounds which are worthwhile mentioning. 

The addition of strong bases, e. g.y NaOII, KOH, etc., to aqueous 
solutions of ammonium salts causes the evolution of ammonia when 
the solution is heated. The reaction is represented as taking place 
between ammonium ions (NIL*^) and the introduced hydroxyl ions 
(OII~) as follows ( 1 ): 

(1) NH4+ + OH- NH3 T + H2O 

The above reaction illustrates very nicely the Lowry-Bronsted con- 
cept of acids and bases, inasmuch as the ammonium ion is essentially 
an acid which is capable of ionizing into ammonia and a proton ( 2 ), 
and the hydroxyl ion is a strong base capable of combining with 
the proton ( 1 ). 

(2) NII4+ ^ NIL + H-" 


(2o3) 
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The reaction of aiiiiiioniuiii salts with strong bases is made use oi 
in testing for ammonium compounds and also in the preparation ot 
small amounts of ammonia gas for laboratory use, as for example 
from ammonium chloride (3). 

(3) NH4CI + NaOn NH3 T + H2O + Na(d 

Ammonium salts will form a white, crystalline precipitate ot 
ammonium bitartrate with tartaric acid (4). If this reaction mix- 
ture is buffered with a little sodium acetate to remove the protons 
(as relatively iion-ionized acetic acid) the precipitate forms with 
much more readiness. 

( 4 ) H2C4H4O6 + NH4CI ^ NII4IIC4H4O6 i +UC\ 

Ammonium salts in general are rather unstable and may de(‘om- 
pose under conditions varying from room temperature to strong 
heating. Many of the ammonium salts are volatilized without 
decomposition on heating, but if any one of them is heated in a 
closed tube it will decompose. Among the salts which arc not 
volatilized by heating are the borate, phosphate, chromate and 
vanadate. Practically all of the ammonium salts (ry. r.) will liberate 
ammonia on decomposition with the exception of ammonium nitrate 
(5) and nitrite (G). 

(5) NH4NO3 N2O T + 2 H 2 O 
(G) Nn4N02 N2 T + 2II2O 

Official Test for Identity of Ammonium Ion. The test for animo- 
riium salts is carried out by adding an excess of sodium hydroxide 
T.S. to the salt (1). A positive test is obtained if ammonia is 
evolved. The ammonia may be recognized by its odor or by the 
fact that it turns moistened red litmus {)aper blue. If the solution 
is warmed, the decomposition is accelerated because ammonia is 
less soluble in hot solutions than in cold. 

Pharmacology of the Ammonium Ion.— The pharmacology of the 
ammonium ion falls into certain more or less well-defined categories, 
namely (1) acid-base equilibrium of the body, (2) diuretic effect, and 
(3) expectorant effect. 

1. Ammonium ion plays a rather important role in the mainte- 
nance of the acid-base equilibrium of the body, particularly in 
combating acidosis. 

It had been known that ammonia was rapidly converted to urea 
in the body, but it was only after the realization that the kidney 
was capable of reconverting urea to ammonia that the full impor- 
tance of ammonia in the body economy was understood. By its 
ability to excrete ammonia (essentially ammonium ion) the kidney 
saves base (e. g., sodium) for the body by substituting the ammo- 
nium cation for the base cation in the compounds being excreted. 
The effect of conserving base to prevent acidosis is well known and 
has been touched upon previously (see p. 152). 
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2. '^1 he diuretic* elleet of eertaiii tinunoniuiu salts has been ex- 
haustively investij^ated and its mechanism elucidated. Large 
amounts of salts such as ammonium chloride (or ammonium nitrate) 
will cause an acidosis due to the conversion of the ammonium ion 
to urea and the conseciucnt liheration of hydrochloric acid, ddie 
hydrochloric acid, of course, docs not remain as such but is instantly 
neutralized by the alkali resc'rvc* of the body (mostly bic*arbonate), 
and the subscc|ucnt dc^creasc* in the alkali reserve is said to rc'prcscnt 
an acidosis. It is well to rememl)er that when the body is in a 
condition of acidosis it does not mean that the pll of the blood 
has changed significantly but that the alkali iTseiwes of the blood 
have been drawn upon to such a point as to no longer be at normal 
level. The exact reason as to why the diuretic* effect is brought 
about by the acidosis has not been sc‘ttlcd. Whether it is a defense 
mcc*hanisni of the body in whic‘h cxc*ess salts are removed or whether 
it is primarily a removal of water with the salts being present only 
to maintain proper osmotic* levels in the l)lood is not known. 

A. The expectorant action of the ammonium salts is probably due 
to lo(*al irritation whic*h in turn is due to a salt ac*tion, but this 
is merely a t)ostulation. Ilowevc'r, the ammonium salts hav'c been 
used c\xtensively in the trc'atment of enoughs assoc'iatc^d with a thick 
viscid sputum. The action of the ammonium salt is to thin out 
and perhaps increase the c[uantity of the mucus. Ammonium 
chloride and ammonium c*arbonate parti(*ularly have bc'cn used in 
cough preparations. 

Offic lAL Amaionifm Co.MrorNDs 

AMMONIUM BROMIDE 

Avntioyiiuni Ihovtidr, X. F. ^ III 

Formula, XHJir. ^Molecular Weight, 1)7.96 

Physical Properties. Ammonium Bromide occ-urs as colorless, 
prismatic, cubical crystals, or as a white, crystalline or granular 
])o\vcler. It is odorless and has a pungent, saline taste. It is 
slightly hygrosc*oj)ic and, when c‘X})osc‘d to the air, it undergoes 
slight dc^coinposition and accpiires a yellowish (*olor. It has a 
density of about 2.548. 

One (im. of Ammonium Ih'oinicle dissolves in about 1.3 cc. ol 
water and in about 12 c*c*. of alc*ohol, at 25° (\ One (hn. is soluble 
in about 0.9 cc. of boiling water and in about 1.2 cc. of boiling alco- 
hol. It is soluble in ether. 

When the salt is heated, it volatilizes completely without decom- 
position. 

Chemical Properties.— This salt has all of the activity mentioned 
under Ohernical Properties of Ammonium Ion, together with the 
reactions of the bromide ion (see Sodium Bromide, p. 164). 

Official Tests for Identity. — 1 . The salt gives the test for .Inuno- 
ninm (r/. v.). 

2. The salt gives the tests for Bromide. (See p. 146). 
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Commercial Manufacture.— This salt is prepared by mixing boiling 
solutions of ammonium sulfate and potassium bromide (1). When 
the liquid is cooled, most of the potassium sulfate settles out. After 
the solution has been concentrated to about one-half its volume, 
it is again allowed to c^ool and alcohol added to facilitate the pre- 
cipitation of the remaining potassium sulfate. Then the clear 
liquid is concentrated to crystallization or evaporated to dryness 
with constant stirring to form the granular salt. 

(1) (Nn4)2S04 + 2KBr K2SO4 + 2NIl4Br 

Although ammonium bromide may also be made by neutralizing 
hydrobromic acid with ammonium hydroxide, it is customary to 
utilize the reaction between the cheaper bromine and ammonia (2). 

(2) ;iBr, + 8NH4()II ONIbBr + N2 T + 8II2O 
or 

SBro + 8NH3 6NH4Br + N2 1 

When the reaction is completed the solution is evaporated to dryness 
to obtain the crystalline ammonium bromide. 

Laboratory Preparation. — Dissolve 28.8 Gm. of potassium bromide 
in 25 cc. of boiling water and 13.2 Gm. of ammonium sulfate in 
15 cc. of boiling water. Mix the boiling solutions and stir well. 
When the solution has cooled to about 70° C., add 20 cc. of alcohol. 
Cool the mixture to room temperature, separate the precipitated 
potassium sulfate by filtration through a pledget of cotton placed 
in a funnel and wash the residual salt with 35 per cent (by volume) 
alcohol. Carefully evaporate the filtrate containing the ammonium 
bromide on a water-bath and allow the salt to crystallize. 

Pharmaceutical Preparations and Uses. -1. Avimonium Broviide 
(Arnmonii Bromidum), N. F. VIII.— Ammonium Bromide, when 
dried over sulfuric acid for twenty-four hours, contains not less 
than 99 per cent of NIbBr. Ammonium bromide is used for the 
activity of the bromide ion (q, v.) which is sedative. In doses 
large enough to produce the physiological effect of the bromide ion, 
the salt is irritating to mucous membranes. Therefore, it is best 
administered in small doses in combination with other bromides, 
e. g., sodium and potassium bromides. Although the preparations 
containing mixed bromides are quite popular, there is much ques- 
tion as to whether there is any advantage in administering the 
mixture as contrasted to a single salt, e. g., sodium bromide. A 
technical grade of the salt is used in photography, lithographing 
and in engraving. Average dose— 1 Gm. (approximately 15 grains). 

2. Ammonium Bromide Elixir (Elixir Arnmonii Bromidi), N. F. 
VIII.— This elixir contains in each 100 cc., not less than 8 Gm. 
and not more than 9 Gm. of ammonium bromide, NH4Br. It is 
prepared by dissolving 85 Gm. of ammonium bromide in 460 cc. 
of distilled water, adding 200 cc. of syrup and bringing the volume 
up to 1000 cc. with aromatic elixir. It is used as a sedative. Aver- 
age dose— 4 cc. (approximately 1 fluidrachm). 
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3. }ive Broviidcs Elixir (Elixir Bromidorum Quinque), N. F. 
VIII. —This elixir contains 1.7 per cent of ammonium bromide 
together with varying percentages of other bromides (Na, K, Ca, 
and Li). It is used for its sedative properties. Average dose — 4 cc. 
(a})pr()ximately 1 ffuidrachm). 

4. UrovvidcM Syrup (Syrupus Bromidorum), N. F. VIII.- This 
syrup contains 5 per cent of ammonium bromide with varying 
quantities of other bromides (K, Na, Ca, and Li). It is used as a. 
sedative. Average dose— 4 cc. (approximately 1 fluidrachm). 

5. Three Bromidefi Elixir (Elixir Bromidorum Trium), N. F. 
VIIL— This elixir contains 8 per cent each of ammonium, potassium 
and sodium bromides. It is used as a sedative. Average dose— 
4 cc. (approximately 1 fluidrachm). 

(). Three Bromides Tablets (Tabelhe Bromidorum Trium, Triple 
Bromide Tablets), N. F. VIIL— These tablets contain the bromides 
of ammonium, potassium and sodium in equal proportions and 
show a (amteiit of bromine not less than 70 per cent and not more 
than 81 per cent of the labeled amount of total bromides, includ- 
ing all tolerances. “The tablets show a content of ammonium 
bromide not less than 30.8 per cent and not more than 35.8 per cent 
of the labeled amount of total bromides.’’ They are usually avail- 
able containing 2\ grains or 5 grains of each bromide in each tablet. 
Average dose -0.3 Cin. (approximately 5 grains) each of Ammonium 
Bromide, Potassium Bromide, and Sodium Bromide. 

AMMONIUM CARBONATE 

Ammonium Carbonate, L. S. P. XIII 

Formula, (NIl 4 HC 03 )n.(NH 4 C 0 >NII,)n 

Molecular Weight of NII4HCO3, 79.06 
Molecular Weight of NILCO^NHu, 78.07 

Physical Properties.— Ammonium Carbonate occurs in the form of 
white, hard, translucent masses or “cubes,” having a strong odor 
of ammonia, without empyreuma, and with a sharp, ammoniacal 
taste. It contains between 30 and 33 per cent of NIL. When 
exposed to the air, it loses both carbon dioxide and ammonia and 
is converted into porous, oj)aque, easily broken lumps or a white 
powder, the latter consisting chiefly of ammonium bicarbonate, 

(NILHCOa). 

One Gm. of the salt is slowly soluble in about 4 cc. of w^ater at 
25° C. It is decomposed by hot water into carbon dioxide and 
ammonia and upon prolonged boiling it is completely decomposed 
into the aforementioned volatile products. 

Chemical Properties. — Although this salt actually contains little, 
if any, normal ammonium carbonate, (NH 4 ) 2 C 03 , it is readily con- 
verted into the normal carbonate by dissolving it in dilute ammonia 
water (1). 

(1) NII4HCO3.NH4CO2NII2 + NIL + II2O -> 2(NH4)2C03 
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The decomposition of the salt from its original hard, traiisliiceiit 
state to that of a white powder is caused entirely by loss of ammonia 
from the ammonium carbamate to give ammonium bicarbonate. 
Only the hard translucent pieces composed of approximately 
ecpiivalent parts of ammonium bicarbonate and ammonium carba- 
mate are to be used for prescription compounding. 

The salt is decomposed, either dry or in solution by the addition 
of acids (2). This constitutes one of its principal incompatibilities, 
although occasionally the combination of acidic ingredients with 
the salt is intentional. 

(2) N^4HC();^^T^l(:x),^TI2 + ruKd -> 3NH4CI + 11,0 + 

2COo T 

Becaust' of hydrolysis, the acpieous solutions of the salt are alka- 
line in reaction. 

Official Tests for Identity. — 1, When heated, the salt is volatilized 
without charring and the vapor is strongly alkaline to moistened 
litmus paper. 

2. A 1 in 20 acineous solution of the salt efferx esces with acids (2). 

Commercial Manufacture. — 1. Large quantities of ammonium car- 
bonate are made by heating aminoniuin sulfate with an excess of 
calcium carbonate (chalk) in iron retorts, condensing the vapors 
of the salt in leaden chambers (3) and recovering the liberated am- 
monia by passing it into sulfuric acid. The product thus obtained 
is purified of empyreuma by sublimation either with or without a 
small quantity of charcoal. The reaction taking place may be 
represented in a general way by the following eciuation: 

(3) 2 (NH 4 ) 2 S 04 + 2CaC()3 NH 4 HCO 3 .NI LCT)., NIL t + 

NH3 T + H,0 + 2C^aS04 

Occasionally, ammonium chloride (4) is used in place of ammonium 
sulfate but it is more expensive. Sometimes, barium carbonate is 
used in place of chalk for the reavSon that a valuable by-product 
may be obtained. 

(4) 4 NH 4 Cl-h 2 CaC 03 -^NH 4 HC 03 .NH 4 (^ 0 .,NILT + 2CaCl.> 

+ NH3 T + 1120 

2. Crude commercial ammonium carbonate has been made by 
introducing ammonia (liberated from aminoniacal gas liquors by 
lime), carbon dioxide and steam into lead-lined chambers. 

Pharmaceutical Preparations and Uses. — 1. Aminoniuin Carbonate 
(Ammonii Carbonas), U. S. P. XIIL— This salt '‘consists of ammo- 
nium acid carbonate (NH4HCO3) and ammonium carbamate 
(NH2.COO.NH4) in varying proportions, and yields not less than 
30 per cent and not more than 33 per cent of NH 3 .’’ The salt is 
also known by the common names: Ammonium Sesquicarbonate, 
Sal Volatile y Preston Salt and Hartshorn. It is widely used for its 
ability to cause reflex stimulation by inhalation of NH3 fumes in 
conditions of syncope (fainting). The so-called " smelling salts” 
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used for this purpose usually eontaiii ammonium carbonate together 
with an ammonia solution. Internally, ammonium carbonate is 
used for its expectorant properties. A technical grade is used in 
baking powders, and in a number of industries, e. g., tanning, glue, 
rubber and dyeing. Average dose— 0.3 Gm. (approximately 
5 grains). 

2. Aromatic Aiiniioma Spirit (Spiritus Aminonise Aromatieus), 

I . S. P. XIII. -This Spirit contains, in each 100 cc., not less than 
1.7 (jin. and not more than 2.1 Gm. of total NH3; and ammonium 
carbonate, corresponding to not less than 3.5 Gm. and not more 
than 4.5 Gm. as (NHdoCO,}. Translucent pieces of ammonium 
carbonate are dissolved by gentle agitation in the diluted ammonia 
solution previously diluted with distilled water. It is then allowed 
to stand for twelve hours to effect the conversion of the official 
ammonium carbonate into normal ammonium carbonate -(5 and (i). 

(5) NH 4 HCO 3 + Nil, (NlDoCO, 

(6) NIGCO.NH, + 11,0 (NH4)2G03 

The aqueous solution of normal ammonium carbonate is gradually' 
added to an alcoholic solution of the oils of lemon, lavender, and 
nutmeg, and sufficient distilled water added to make the required 
volume. After standing in a cool place for twenty-four hours with 
occasional agitation, the product is filtered in a covered funnel. 

This preparation is a solution of normal ammonium carbonate in 
an aromatic liepiid containing from 02 to 68 per cent of alcohol by 
\'olume. Sufficient ammonium hydroxide has been allowed by the 
formula to completely convert all of the ammonium bicarbonate 
(present as an integral part of official ammonium carbonate) into 
normal ammonium carbonate. Therefore, if translucent pieces of 
official ammonium carbonate have been used, the alcohol-insoluble 
ammonium bicarbonate will have been converted into normal am- 
monium carbonate which is completely soluble in 62 to 68 per cent 
alcohol, t^pon exposure to air, official ammonium carbonate loses 
carbon dioxide and ammonia and is converted into a white, opaque, 
powdery substance which is chiefly ammonium bicarbonate. If 
this material, instead of translucent pieces, is employed, there is 
not sufficient ammonium hydroxide allowed by the formula to con- 
vert the large excess of ammonium bicarbonate into normal ammo- 
nium carbonate. This fact becomes apparent only when the clear 
aqueous solution of normal ammonium carbonate and ammonium 
bicarbonate is poured into the alcoholic solution of the oils, when the 
ammonium bicarbonate is thrown out of solution as an exceedingly 
fine precipitate that defies removal by filtration. 

Aromatic ammonia spirit is nearly colorless when freshly prt‘- 
pared. On standing, it gradually acquires a yellow color, which is 
thought to be caused by the action of liberated ammonia upon either 
the essential oils or the aldehydes present in the alcohol. The color 
does not impair the medicinal value of the spirit. 

When mixed with four or five times its volume of water, it is 
administered internally as a stimulant, carminative, and antacid. 
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Its action as a stitfiulaiit comes from its ability to stimulate tlu* 
gastric reflex and not from any direct action on the respiratory or 
circulatory centers. It is the menstruum used in the preparation 
of Ammoniated Guaiac Tincture, N. F. \TII. Average dose^ 2 v(\ 
(approximately 30 minims). 

3. Amvimium Acetate Solution (Liquor xVmnionii Acetatis), 
N. F. VIII.— This preparation was formerly known as Spirit of 
Mindererua. It is defined as a solution containing in each 100 cc. 
not less than 6.5 Gm. and not more than 7.5 Gm. of ammonium 
acetate (CH3COONII4), with small amounts of acetic and carbonic 
acids. It is prepared by dissolving without strong agitation, 50 Gni. 
of hard, translucent pieces of ammonium carbonate in enough 
diluted acetic acid to make 1000 ce. (7). 

(7) NIIAirOs.NIhCOjNJIo + 3CILCOOir srihCOONIh 
+ H 2 O + 2 CO 2 T 

The N. F. VIII gives an alternate method of preparation. Any de- 
sired quantity of a stock solution containing 100 (Ln. of ammonium 
carbonate in sufficient distilled water to make 1000 cc. is mixed 
with an equal volume of a second stock solution made by diluting 
320 cc. of acetic acid with sufficient distilled water to make 1000 cc. 
Only a freshly prepared solution should be dispensed, because on 
standing it loses ciirbon dioxide and becomes less palatable. It is 
used as a diuretic and diaphoretic. It is also used to prepare Iron 
and Ammonium Acetate Solution (see p. 020). Axerage dose - 
15 cc. (approximately 4 fluidrachms). 

4. Bvimuth Magma (Magma Bismuthi, Milk of Bismuth, Cream 
of Bismuth), N. F. VIII. — Ten Gm. of ammonium carbonate, 
together with varying quantities of other ingredients are used in 
preparing 1000 cc. of the finished magma. In making this prepara- 
tion, the ammonium carbonate is dissolved in an excess of diluted 
ammonia solution to convert it to normal ammonium carbonate. 
This normal carbonate reacts with a small amount of the bismuth 
nitrate, which is added to the ammonia water, to form bismuth 
carbonate. The bismuth carbonate is unstable in the presence of 
excess water and hydrolyzes to the form of bismuth subcarbonate. 
For a more extensive discussion complete with reactions, see p. 54<S. 
Average dose— 4 cc. (approximately 1 fluidrachm). 

5. Expectorant Mixture (Mistura Fectoralis, Stoke’s Expectorant), 
N. F. VIII.— This preparation contains 1.8 per cent of ammonium 
carbonate together with several other ingredients. The ammonium 
carbonate is used in this preparation for its expectorant action. 
Average dose— 4 cc. (approximately 1 fluidrachm). 

AMMONIUM CHLORIDE 

Ammonium Chloride, U. S. P. XIII 

Formula, NII/I. Molt^cuhir Weight, 53.50 

Physical Properties.— Ammonium Chloride occurs in the form of 
a white, fine or coarse, crystalline powder. Technical grades occur 
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as concave-convex cakes of tough, fibrous crystals. The salt is 
odorless, has a cooling, salty taste and a density of about 1.536. 
It is slightly hygroscopic. 

Ammonium Chloride is very soluble in water; 1 (irn. dissolving 
in 2.6 cc. of water, at 25° C. and in 1.4 cc. of boiling water. One 
(im. of the .salt is soluble in about 100 cc. of alcohol and in about 
8 cc. of glycerin, at 25° C. 

Chemical Properties.- Ammonium chloride is volatilized when 
heated, but is not decomposed in the process. It is said that the 
salt decomposes reversibly when heated (1), but the components 
reunite when cooled apiin. It is impossible to obtain ammonia 
from ammonium chloride by ordinary heating. 

(1) NICCl^NIIaT + HClt 

Freshly prepared solutions of ammonium chloride are neutral in 
reaction, but, due to hydrolysis (2), the solutions become slightly 
acid in reaction on standing. 

(2) NH4+ + Cl'" -f- 2II2O ^ NH4OII (slightlv dissociated) 
-f II3O+ + ci- 

All other reactions of ammonium chloride arc typical of ammo- 
nium ((/. V.) or chloride ion (r/, v.), respectively. 

Official Tests for Identity. — ]. A 1 in 10 solution responds to the 
tc.st for Ainmonmvi (r/. z?.). 

2. The solution also responds to the tests for Chloride {q, v.). 

Commercial Manufacture. “Sal ammoniac (crude ammonium chlo- 
ride) was first prepared by the Egyptians by subliming the ashes 
resulting from the slow burning of camels’ dung. It also has been 
made by the direct union of equal volumes of ammonia and hydro- 
gen chloride in the presence of a small amount of moisture. 

Ammonium chloride is prepared today by a process analogous to 
that used for making ammonium sulfate, Ammoniacal gas liquors 
are treated with lime and the liberated ammonia passed into 
hydrochloric acid. The salt is purified by crystallization and sub- 
limation. The latter operation is carried on in cast-iron pots lined 
with fire clay and having a dome of glass or earthenware. The 
charge is first mixed with about 5 per cent of calcium phosphate 
in order to prevent any volatile iron salts from subliming and then 
packed tightly in the pot. The lid is clamped on and heat gently 
applied to drive off any hygroscopic water through a small hole in 
the cover. The heating is continued until the sublimate is from 5 
to 12 cm. thick. Then the cover is lifted and the cake removed. 
Oftentimes, large cakes of sal ammoniac will be concave-convex, 
due to the shape of the condenser dome. Crystalline and granular 
ammonium chlorides are prepared by adding a hot, concentrated 
solution of the salt to powdered ammonium chloride. The crystal- 
line magma that results is drained, pressed, and dried in moulds. 

Pharmaceutical Preparations and Uses. — 1. Amvwniinn Chloride 
(Ammonii Chloridiim, Muriate of Ammonia), U. S. P. XIII.— 
Ammonium Chloride, when dried over sulfuric acid for four hours. 
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contains not less than 99.5 per cent of NII/'l. This salt is also 
known as Sal Aiiimoviac, Because of the characteristic action (>1 
the ainmoniiiin ion in thinning the secretions, particularly the saliva 
and inucu^, this salt is a valuable expectorant. It probably increases 
the amount of mucus and at the same time makes it 1^^^^^ ' iscoiis 
and tenacious, r.arp^e doses act as a diuretic. This action has been 
discussed previously under the Pharmacology of the Aininonium 
Ton. Averaj^e dose — Expectorant, single dose, dOO mg. (ap[)roxi~ 
mately 5 grains). Diuretic, daily dose, 4 (bn. (approximately 
60 grains). 

2. Avnnojiiavi (^hlon'de Capsules ((^apsulpe Aininonii ( hloridi), 
V. S. V. XIII.- ddiese capsules ‘^contain not less than 93 per cent 
and not more than 107 per (‘cnt of the labeled amount of NII4CI. 
The capsules are used for the purposes givTii above. 1 he usual 
(‘apsules available contain 5 and 7\ K^iins of NII4CI, n'spectively. 
Average dosage of Ammonium Chloride -Diuretic, 4 (bn. (approxi- 
mately 60 grains). 

3. Avimonium Chloride Tablets (Tabellfe Ammonii ( hloridi), 
N. F. VTTL— These tablets contain not less than 94 per cent and 
not more than 106 per cent of the labeled amount of NIEf d for 
tablets of 0.3 Gin. or more, and not less than 92.5 per cent and not 
more than 107.5 per cent for tablets of less than 0.3 Gm.” Both 
5-grain and 7^-grain tablets of aininonium chloride are available. 
In addition to the ordinary uncoated tablet described here it is 
possible to obtain enteric coated tablets which are said to be less 
irritating to the gastric^ system. The very fact that enteric coated 
tablets arc h'ss irritating to the gastric system lessens its expectorant 
effect, although it does not minimize its diuretic potency. There- 
fore, to obtain the expectorant action it would be advisable to avoid 
the use of enteric coated tablets. Average dose--().3 Gm. (a])proxi- 
mately 5 grains) of Ammonium Chloride. 

AMMONIUM IODIDE 

Aiinaotiiiim Iodide, N. F. VIII 

Formula, NHJ. Molecular Weight, 144.9() 

Physical Properties.- Ammonium Iodide occurs as small, colorless, 
cubical crystals, or as a white, granular powder. It is odorless, has 
a sharp, saline taste, and a density of 2.56. The salt absorbs 
moisture very readily. Upon exposure to air and light, it loses 
ammonia and soon becomes colored yellow or \'ellowish-brown, 
due to liberated iodine. If the salt is mixed with a small amount 
of ammonium hypophosphite, the decom])osition is markedly re- 
tarded or entirely prevented. In fact, the N. F. permits 1 per cent 
ammonium hypophosphite in the official salt for this purpose. 

One Gm. of ammonium iodide is soluble in about 0.6 cc. of 
water, in about 3.7 cc. of alcohol, and in about 1,5 cc. of glycerin 
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at 25° C. It dissolves in about one-half its weight of boiling water. 

In absence of air, the salt may be sublimed unchanged. How- 
ever, when it is strongly heated in air, it volatilizes with slight 
decomposition. 

Chemical Properties.— An aqueous solution of ammonium iodide 
is neutral or slightly acid to litmus. In common with many soluble 
iodides, solutions of ammonium iodide are slowly colored brown 
uj)on exposure to air. 

In general, the properties of ammonium iodide are a composite of 
those which may be attributed to the iodide ion (see Sodium Iodide, 
p. 197) and the ammonium ion (r/. r.). 

Official Tests for Identity.— 1. The salt in aqueous solution (1 in 
20) responds to the test for Ammoniuvi {q. v.). 

2. It also responds to tests for Iodide (q. v.). 

Commercial Manufacture.— A number of processes, e. g., neutrali- 
zation of hydriodic acid with ammonium hydroxide or ammonium 
carbonate (1), the decomposition of ferrous iodide with ammonium 
carbonate (2), the interaction of potassium iodide and ammonium bi- 
tartrate (3), etc., have been recommended for making ammonium 
iodide. The method in general use is described under “ Laboratory 
Preparation,” and depends upon the reaction between potassium 
iodide and ammonium sulfate. 

(1) III + NILOII -> NIL! + ILO 

(2) Fel, + (NTD.rOa 2XII4I + FeCO.3 i 

(3) Kl + NILIKMI/lo-^NIIJ + KHCJLOa 

Laboratory Preparation.— ]Mix 12.5 Gm. of coarsely powdered 
potassium iodide and 10 Gm. of aininonium sulfate. Add 10 cc. 
of boiling water, stir well, and allow the solution to cool slowly. 
Then add 5 c(\ of alcohol, immerse the mixture in a bath of iced 
water, and stir frequently. Throw the mixture into a glass funnel 
stoppered vith moistened cotton and collect the clear filtrate. 
Thoroughly wash the crystalline precipitate with diluted alcohol. 
With constant stirring, evaporate the liquid to dryness. All con- 
tact with metals must be avoided. If the finished product contains 
more than a small amount of potassium sulfate, dissolve it in alco- 
hol, filter from the insoluble potassium sulfate, and evaporate the 
filtrate as previously described. 

Pharmaceutical Preparations and Uses. — 1. Ammomum Iodide 
(Ammonii lodidum), XL F. VUI.— Ammonium Iodide, when dried 
at 110° for six hours, contains not less than 98 per cent of NH4I. 
It may contain not more than 1 per cent of ammonium hypophos- 
phite as a stabilizing agent. Ammonium iodide is used in all 
conditions for which iodides are indicated. The presence of the 
ammonium ion lessens the tendency to depress the circulation, but 
increases the irritating effect upon the mucous membrane. It is 
used in the treatment of gout, rheumatism, scrofulosis, etc. Com- 
mercially, it is used in photography. Average dose— 0.3 Gm. 
(approximately 5 grains). 

18 
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Non-official Ammonium Compounds 

1 . Ammonium Hypophosphite (Ainnionii Hypophosphis, N. F. 
VII), NH4PH2O2, Molecular Weight, 8:3.04.-This salt occurs as 
colorless, odorless, hexagonal plates, or as a granular powder, 
having a saline and hitter taste. It is ver}^ deliquescent. 

One Gm. of aininonium hypophosphite is soluble in about 1 cc. 
of water and in about 20 cc. of alcohol at 25° C. It is very soluble 
in boiling water or boiling alcohol. Solutions arc neutral or slightly 
acid in reaction. 

When aminoniuin hypophosphite is heated, it decomposes into 
phosphine (PH3, poisonous) and spontaneously inflammable di- 
hydrogen phosphide (1). 

(1) 2P2II2 + 6O2 2P2O5 + 2H2O 

In common with other hypophosphites, care should be exercised in 
triturating or heating the salt with oxidizing agents, c. g., j)otassium 
chlorate (2) since explosions arc very likely to occur. 

(2) GNIl4PII>02 + 4 KCIO 3 GNlI JT>POi + 4K( ’l 

Ammonium hypophosphite is usually made by neutralizing 
diluted hypophosphorous acid with ammonia water (A). During 
the concentration of the rc'sultant solution, the solution is ke])t 
slightly alkaline by the occasional addition of ammonia water. 
The salt is allowed to crystallize from the con(‘(‘ntrat('d solution or 
it is carefully granulated. 

( 3 ) IIITPOo + NIT/)!! Nn 4 PIl 2()2 + H2O 

This salt has been deleted from the present N. F. \’III because 
of the growing conviction among medical practitioners that hypo- 
phosphites are of little value in the treatment of conditions for 
which they have been recommended (s('e p. 117). Its dose in 
N. F. Vn was 0.2 Gm. (approximately 3 grains). 

2. Ammonium Nitrate, MGNO.,, Molecular Weight, 80.05. This 
compound occurs as colorless, odorless, transparent, hygroscoj)ic, 
deliquescent crystals or white granules with a specific gravity of 
1.73. It melts at about 155° C. and decomposes at about 210'^ (\ 
into nitrous oxide and water as indicated under “Chemical Proj)er- 
ties of the Ammonium Ion,” p. 2()3. 

One Gm. dissolves in 0.5 ee. of water at 25° C. in 0.1 ce. of boiling 
water, and in 20 cc. of alcohol. The aqueous solutions have a pi I 
of about 4. 

This salt embodies the activities of both the ammonium ion and 
the nitrate ion, both of which have been discussed previously. 
However, the fact that nitrous oxide is evolved whenever it is 
gently heated (1) makes this salt a convenient laboratory source 
of the gas. 

(1) NH4NO3 N2O T + 21I2O 

It is made by the action of ammonia upon the dilute acid. 
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Aside from its te(;hnieal uses in the manufacture of nitrous oxide 
(laughing gas), as a fertilizer, in matches as an oxidizing agent, etc., 
the compound has found a use in medicine as a diuretic. Its mode 
of action is quite similar to that of ammonium chloride in that the 
ammonium ion is removed from the body as urea and the nitric 
acid reduces the alkali reserve. Keith and eoworkers^ state that 
ammonium nitrate is the most effective of the so-called acid-forming 
diuretics. '^I'he salt is available in 7^-grain enteric coated tablets. 
A daily dose of 12 (Im. is necessary to produce an effective diuretic 
action. 

Ammonium Sulfate, (XH4)‘jS().,, ^Molecular Weight, i:i2.14.— 
This salt occurs as colorless, odorless crystals or white granules. 
They have a specific gravity of 1 .77. One Om. of tlie salt is soluble 
in 1.2) cc. of cold and in 1 cc. of boiling water. It is insoluble in 
alcohol. The aqueous solutions have a pll of approximately T). 

This salt decomposes (1) when heated above 280'^ O. 

(1) (NH0-2SO4 2X11, T + n2S04 

It forms a double salt with aluminum sulfate quite readily to form 
the well known Amvioviuni Ahnii (see p. 442). Its reactions may 
readily be pr(‘di(*ted from a knowledge of the reactions of ammo- 
nium {(/. r.) and sulfate (7. r.). 

Ammonium Sulfat(‘ is manufactured chiefly by passing ammonia- 
cal gas licjuors into dilute sulfuric a(‘id (2). The product is ob- 
tained by (Tystallization and may be purified by re(Tystallization. 

(2) 2XTl4()ir + II.>S()4 (Xll4>>S()4 + 211,0 

lM)r a pure grade of ammonium sulfate it is desirable to utilize' 
ammonia obtained from other sources than ('oke-ovens, etc. 

Much of the technical grade of ammonium sulfate is used as a 
fertilizer. The preparation is little used in medicine although a 
preparation named Ammozyl is used as a local anesthetic. This 
preparation consists of an atjueons, injectable solution of ammo- 
nium sulfate. Its activity is as a regional anesthetic and nerve 
block for relief of parietal (relating to the wall of any cavity) pain. 

4. Ammonium Thiocyanate (Ammonium Sulfocyanate or Jthoda- 
mide), XTTSCX", Molecular AYeight, 7(). 11. -This salt occurs as 
colorless, delicpiesc'ent crystals that are easily soluble in water and 
ah'ohol. 

It is used as a reagent for and in the quantitative determination 
of As, Sb, Ilg, Cu, Ag, and the halogens. In the industries it is 
employed in the manufacture of matches, explosives, in photog- 
raphy, for strengthening loaded fabrics, etc. Recently this salt 
has been used as a weed eradieator. When 5 pounds are used per 
square rod the soil is rendered sterile for about 3 months, after 
which time fertilizing action is evideiu'ed. The decomposition of 
iron thiocyanate, formed between the ammonium salts and the iron 
present in the soil, into fertilizing nitrates is no doubt accomplished 
by soil bacteria. 

* Keith, Whelnn, and Fannick: Arch. Int. Med., 46, 797 (1930). 
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COPPER, SILVER AND GOLD 

Introduction.— The three members of this family are designated 
as the “coinage metals” because, from early times, they have been 
employed for ornamental and for coinage purposes. These elements 
form Division B of (iroup I in Mendeleeff’s Table, but their proper- 
ties differ in many respects from those of the alkali metals which 
comprise Division A of this same group. It is quite evident that 
Mendeleeff was cognizant of these facts because he gave them an 
alternate place in (Iroup VTTI. This latter classification associated 
them with nickel, palladium and platinum to which they are closely 
related. The differences between the alkali metals and the coinage 
metals are tabulated below: 


Alkali Metals 

A. Do not occur free in Nature. 

B. Very active chemically; dis- 

placing all other elements 
from their compounds. 
The chemical activity in- 
creases as the atomic weij^ht 
increases. 

C. Oxides and hydroxides are 

strongly basic. 

7 ). Alkali halides are soluble in 
water, and are not hydro- 
lyzed. 


E. Univalent; forming but one 
series of compounds. 


F. They form simple cations, 

never occur in complex an- 
ions and do not form com- 
plex cations with ammonia. 

G. All are rapidly oxidized in air. 


Copper, Silver, Gold 

A . Occur free in Nature and are easily 

recovered from their compounds 
by reduction. 

B. Axg low in the electromotive scries 

and hence arc not very active 
chemically; they are displaced 
by most other metals. The 
(diemical activity decreases as 
the atomic weight increases. 
Oxides and hydroxides are feebly 
basic (excepting Ag20 wdiich Is 
an active basic oxide). 

D. Silver, Copper* and Gold* halides 

are nearly insoluble in water. 
With the exception of the silver 
halides they arc readily hydro- 
lyzed and form numerous basic 
salts. 

E. Copper* and Copper** each form a 

series of compounds; Silver,* one 
series; and Gold* and Gold***, one 
series eacdi. 

F. All of them form complex ions, 

e.g,, Cu(CN) 2-, Ag(CN)2-, Au- 
(CN)2“, copper and silver form 
complex cations with ammonia, 
e. g., AgfNHa)^-^, Cu(NH 3 )C^. 

G. Copper only is slowly oxidized in 

air, but rapidly when finely 
divided and heated in oxygen. 


(276) 
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COPPER AND f:OPPER COMPOUNDS 

COPPER 

Cuprum 

Syml)()l, Cii. A’alence, I, II. Atomic; Weight, 

Atomic Niiml)er, 20 

History and Occurrence.— Copper \v<as probably the first metal 
used by man in fashioning various domestic; implements and 
weapons. Because the metal oc*enrs as such in Nature, the miniii^^ 
and methods of refinin^^ it were very simple. The Romans obtained 
copper from the island of Cyprus and called it cuprum, from which 
the name, copper, is derived. 

Botli free and combined copper occur in Nature. Large deposits 
of free chopper are found in the state of Michigan and in the so-called 
Lake Sujxaaor region. The most important minerals containing 
c'ombined copper are chalcopyrite [CuEeSo] and chalcocite [(Ai^S]. 
These minerals are found in Alontana, Utah, Arizona, and in south- 
west England, Spain and (lermany. Malachiie, a basic copper 
c*arbonate [("uC03.Cu(()II)o], is found in Siberia, Arizona, the Urals 
and elsewhere. Cuprite or red copper ore [Cu >0] occurs abundantly 
and is one of the most important copper ores. The feathers of 
certain birds contain pigments in which copper is found. 

Physical Properties. — Copper is a malleable and ductile metal 
having a red color by reflected light and a greenish color by trans- 
mitted light. Electrolytic* copj)er has a density of 8.92. It melts 
at 1083° C. and boils at 2310° C. Copper, crystallized in octa- 
hedrons, is found in Nature. 

Copper is an excellent conductor of heat (surpassed only by silver 
and gold) and electricity (surpassed by silver), although the presence 
of small amounts of impurities, especially arsenic, adversely affects 
the conductivity. 

Chemical Properties.- The chemical properties of copper and its 
salts may be conveniently discussed under the headings: (1 ) copper, 
(2) cuprous salts and (3) cupric salts. 

1. Copper is permanent in dry air, but on exposure to moist air 
it slowly becomes covered with a green basic sulfate, CuS04.3Cu- 
(0H)2 (in inland areas) or CuCl2.3Cu(OH)‘2 (by the sea). This 
green color was formerly (erroneously) thought to be a basic; copper 
carbonate.^ 

Copper reacts quite readily with oxygen to form cupric oxide 
(CuO), although when a sheet of copper is heated in air it forms 

^ Mellor’s Modern Inorganic CJhemistry. revised ed., Now York, Loiigmaiis, CJreen 
& Co., p. 685 (1939) 
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a thin coating of the black oxide which serves to retard further 
oxidation. Sulfur and the halogens react more readih’ witli copper 
than does oxygen. The metal does not react with water nor does it 
liberate hydroj^en from acids since it is below hydrogen in the 
eIectromoti\’e series. The only a(*ids which will react with the 
metal are those which have oxidizinj^ properties, e. g.j nitric acid 
(see p. 119), hot concentrated sulfuric acid (see p. 289), etc, " 

ever, metallic copper is dissolved when in contact with an acidified 
solution of a cupric salt regardless of the acnd used. The mechanism 
whereby this takes place is that the cupric ion (easily reducible) 
will obtain an electron from the metallic copper atom and in so 
doing is itself reduced to the cuprous form as well as oxidizing th(‘ 
copper atom to the cuprous form (1). 

(1) Cu + (hi+^-->2(hi^ 

Then in the presence of atmospheric oxygen and hydronium ions 
(contributed by the acid) the (uiprous ions are oxidized to the cupric 
form (2). 

(2) 4Cu+ + 4IIaO+ + O 2 4Cu++ + (dloO 

It has been stated that when copper is heated in air it forms a 
copper oxide known as cupric oxide, 'hhis is not the only oxide 
of copper, because at least one other common oxi(h‘, cuprous oxide 
(CuiO) exists. 

The two copper oxides represent the two forms of oxidation in 
which copper compounds may exist, namely (1) cuprous ((hi'*') and 

(2) cupric 

2. Although numerous compounds are known in which the copper 
apparently has a single valence, all of these compounds are 'vater- 
insolublc and it is questionable whether it is j)ossible to have the 
cuprous ion in solution in significant concentrations. The cuprous 
salts, e. g., cuprous chloride, will dissolve in con(‘entrated hydro- 
halide acids but their state of existence in su(*h a solution is prob- 
ably not represented by the simple formula, ChiX, but by a more 
complex formula of the general type, Il 4 ((hi.>X 6 ), in which X may 
be Cl, Br, or I. It is interesting to note that the hydrochloric acid 
solution of cuprous chloride has an application in gas analysis 
because of its capacity to absorb carbon monoxide. The reaction 
is undoubtedly more complex than the following equation indi- 
cates (3) but for all practical purposes it may suffice to show what 
happens. 

(3) CO + CuCl + H 2 O ^ CuCl.CO.H 2 O 

All of the cuprous compounds are white when freshly prepared 
with the exception of the sulfide (CU 2 S) which is black and the 
oxide which is red. 

3. Most of the cupric salts are blue in color, some are greenish- 
blue, and a few have miscellaneous colors. When the water of 
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crystallization is removed from the salts they usually become white 
or yellowish in color. The water-soluble cupric salts are the 
nitrate, chloride, bromide, fluoride, sulfate and acetate. Most of 
the water-insoluble salts are soluble in acidified solutions. The 
blue color of aqueous solutions of cupric salts may be attributed 
to the presence of tin* blue cupric ion (Cii'^'^). Solutions of some 
cupric salts exhibit a green or brown color but these colors may be 
ascribed to the presence of undissociated molecules since the solu- 
tions will turn blue on dilution. 

The cupric ion actually exists in solution in a hydrated form, i. e?., 
it has 4 mol(*s of water, ( \i(H20).d •*. This method of representing 
th(‘ ion is not common. The cupric ion has a tendency to hydrolyze 

(4) and therefore solutions of the salts are usually slightly acidic. 

(4) (4 i(ii, 0)4++ + ii20^ru(H20)30ii+ + iw 
or 

Cu+^ + 21120 ^ CuOIF + II3O+ 

It is interesting to note that in this case we have a cation which 
is subject to hydrolysis. Usually anions are the ones affected. 

( hipric salts are readily converted to cuprous compounds in many 
eases, although the anion of the cuprous compound is not necessarily 
the anion associated with the cupric comj)ound. Falling into this 
type of r(*a(*tion we have that of cupric salts reacting with iodides 
to form cuprous iodide (cupric iodide is (juite unstable) and iodine 

(5) and with cyanides to form cuprous cyanide (9). 

(5) Cu++ + 21- C11I2 

2Cul2-^2CuU +hl 

((>) (4i++ + 2CX-->(hi((^X)2 

2(:u((’X) 2 2Curx i + ((’X)2 T 

An excess of cyanide will redissolve the cuprous cyanide to h^rm 
the soluble cuprocyanide ion (7). 

(7) CuCX + CX- Cu(CX)2- 

Addition of alkali hydroxides, e. r/., XaOIl or KOI I, to solutions 
of cupric salts results in the precij)itation of a light-blue cupric 
hydroxide (8) which on boiling is converted to brownish-black 
cuj)ric oxide (9). 

(8) + 2011- ru(0II)2 i 

(9) Cu(0II)2 -> CuO + II2O 

When ammonia water is added to a solution of a cupric salt, a 
bluish precipitate of cupric hydroxide is formed. However, upon 
addition of an excess of ammonia water the precipitate redissolves 
and forms a deep-blue colored solution. The deep-blue color is 
occasioned by the formation of the cupric-ammonium complexion 
which is water-soluble and is colored deep blue (10). 

(10) Cu++ + 4 NH 3 -> Cu(Nn3)4++ 
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The cupric h^^droxide precipitate dissolves because the cupric-am- 
monium complex removes cupric ions from the solution, thus dis- 
turbing the equilibrium between the slightly ionized cupric hydrox- 
ide and its constituent ions (11), and the cupric hydroxide keeps 
dissolving in an effort to supply the demand for cupric ions. 

(11) Cu(OH) 2 Cu++ + 20H- 

The addition of potassium ferrocyanide to neutral or acidic solu- 
tions of cupric salts results in the precipitation of reddish-brown 
cupric ferrocyanide (12). This precipitate is not soluble in dilute 
acids but it is quite soluble in excess ammonia water giving the 
characteristic blue color of the cupric-ammonium complex. 

(12) 2Cu++ + Fe(CN)6 (hi 2 Fe(CN )6 j 

Potassium thiocyanate when added to cupric salts causes the 
precipitation of insoluble, black cupric thiocyanate (13). This pre- 
cipitate will gradually turn white upon standing be(‘ause of forma- 
tion of white cuprous thiocyanate (CuCNS). 

(13) Cir^+ + 2CNS- Cu(CNS )2 i 

The position of copper in the electromotive series is res])onsible 
for its ability to “plate-out” on metallic iron. This is done by 
placing the iron in a solution of the cupric salt. Sin(*e iron is higher 
in the electromotive series than is copper, the coj)p('r is displaec'd 
from solution by the iron which bec‘omes ionized (14). 

(14) Fe + Cu++ — > Fe++ + 

Official Tests for Copper Ion.- 1. When a bright iintarnish(‘(] 
surface of metallic iron is introduced into an acidified (11(4) solu- 
tion of a cupric salt, a red film of copper is deposited on the iron (14). 

2. An excess of ammonia T.S. will first produce a bluish colored 
precipitate of cupric hydroxide (8) which dissolves on addition of 
more ammonia water to form a deep-blue colored solution (10). 

3. Solutions of cupric salts will yield a red precipitate of cupric 
ferrocyanide when treated with potassium ferrocyanide T.S. (12). 
The precipitate is insoluble in diluted acids. 

Commercial Manufacture.— Most of the metallic copper is obtained 
from ores containing under 6 per cent copper and it is not infrequent 
that the ores run less than 1 per cent copper. These ores are mostly 
sulfide and oxide ores, although a small amount of metallic copper 
is secured, especially in the Michigan district. 

These ores are first crushed to a size to liberate the mineral, 
which is ordinarily finer than 00 mesh. The flotation process of 
concentration is used in most cases. The finely crushed ore is 
mixed with water and a small amount (usually under 1 per cent) of 
various kinds of oils and soaps. Considerable quantities of other 
chemical compounds, e. g.y lime and acids, are sometimes added to 
certain ores to meet particular requirements. This mixture is agi- 
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tated by compressed air or otherwise. This causes small air bubbles 
to adhere to the mineral particles, and brings them to the surface 
as a froth or foam which is continuously removed. The process is 
very efficient and, when properly controlled by adding other chemi- 
cals and flotation agents between the various flotation cells, several 
different froths can be made, ea(*h of which will contain a different 
mineral concentrate. Thus, in complex ores, it is often possible 
by selective flotation to separate three or four different minerals. 

The sulfide concentrate is roasted for the removal of sulfur to 
the desired point, so that the mixture of ores which is later added 
to the furnace will contain the proper amount of sulfur (15 and IG). 
All of the ore, especially oxide ore, is not always roasted, but is often 
added directly to the furnace. The furnace used is ordinarily the 
reverberatory type, being approximately 20 to 30 feet wide and 75 
to 1 50 feet long. The fine ore is fed in continuously along the side 
walls, forming piles reaching almost to the roof, which is usually 
about 8 feet high. Oil or gas is burned in the furnace to raise 
the temperature to the melting-point. The furnace is chiefly a 
melting furnace, although some sulfur is burned off. When the ore 
is melted, the matte, composed chiefly of copper sulfide of about 
40 per cent copper, settles out of the slag which is composed largely 
of iron oxide and silica, and is tapped off in ladles. This matte in 
a molten state is poured into a converter which is similar to the 
Bessemer converter. Air is blown up through the matte, oxidizing 
the sulfur and the iron present; the latter forming a siliceous slag 
which is poured off. 

The copper thus obtained is usually covered with black blisters, 
formed by the escape of sulfur dioxide during solidification, and is 
known as '‘blister copper.'' It is from 90 to 98 per cent metal but 
contains some cuprous oxide in solution. It is very brittle. The 
complete “de-oxidation"’ of the metal is accomplished by melting 
the "blister copper" and stirring the melted mass with an oak or 
birch pole. This phase of the refining process is known as “poling.” 
The copper is cast into large plates and then is ready to be purified 
by electrolysis. 

(15) 2 CU 2 S + 30o 2Cu,0 + 2SO.> j 

(IG) 2CuoO + Cu-iS — > GCu + SO 2 f 

The presence in copper of very small quantities of such impurities 
as cuprous oxide and sulfide, arsenic, antimony, lead, zinc, gold, 
silver, etc., materially affects its physical constants and, because its 
many uses require it to be in a high state of purity, it is usually 
refined electrolytically. Large, lead-lined tanks are filled with a 
solution of copper sulfate acidulated with sulfuric acid. Thin sheets 
of pure copper form the cathodes and “ poled-cop})er ” or “blister 
copper” cast into thick plates serve as the anodes. These are 
alternately suspended in the electrolyte. A small difference in 
potential (less than 0.5 volt) is established. This causes the dis- 
charge of copper ions ((hi'' ^) with the deposition of metallic copper 



282 


COPPER AND COPPER COMPOUNDS 


on the cathode. On the other hand, the sulfate ions migrate to 
the anode, where equivalent amounts of copper from the thick 
plate become ionized. Thus, the concentration of copper ions in 
the electrolyte remains constant. The anodes are replaced as they 
are ‘"eaten” away and the cathodes are stripped of the copper 
deposit, which is about 99.8 per cent pure. The less active metals, 
e. g.y arsenic, antimony, silver and gold, present as impurities in the 
copper are not ionized because there is a sufficient number of the 
more acti\'e copper ions to carr\' the current. These metals fall to 
the bottom of the tank as ‘‘electrolytic mud,” which is worked for 
its gold and silver content; the value of the gold and silver often 
is sufficient to pay for the electrolysis. On the other hand, metals 
more active than copper, such as zinc, nickel, iron, etc., are readily 
ionized, but their ions are not discharged at the cathode as long as 
the more readily discharged copper ions are present. 

Pharmacological Action of the Copper Ion.— Copper ion is a protein 
precipitant and, therefore, is an astringent when applied to mucous 
membranes and abraded surfaces. It is an eff‘e(‘ti\ e fungicide in mi- 
nute amounts (1 : 1,()()(),()0()) and has proven of value in the treat- 
ment of water to remove algie as well as in fungus infections afflic'ting 
humans, c, g., athlete’s foot. In spite of its efficiency as a fungicide 
the c(q:)per ion is not an effec^tive bactericid(‘, being only a mild anti- 
septic in certain selected cases. 

Internally, the copper salts have two effects depending upon the 
dosage in which they are administered: (1) aiding the assimilation 
of iron and (2) producing emesis. 

1. In 1928 Hart, Steenbock and others^ showed that in animals, 
iron salts were not well assimilated unless a small amount of a 
(X)pper salt was present to ‘‘catalyze” the assimilation. It was 
shown shortly thereafter that the same was true in humans. Since 
that time the use of copper salts along with iron salts in the treat- 
ment of the so-called secondary anemias has bcxm more or less 
accepted. (Jrdinarily, sufficient copper is obtained in a normal 
diet to adequately supply the needs of the body. The optimum 
ratio of copper to iron for maximum utilization of iron is 1 :25. In 
spite of the fact that in many cases it is possible to obtain satis- 
factory hemoglobin responses with iron salts alone, it is reasonable 
to believe that copper probably does play an important part in 
hemoglobin formation. 

2. Because of their irritant action, copper salts are prompt acting 
emetics. The nausea accompanying the emesis is of short duration. 
Ordinarily, in small doses, the use to produce emesis is safe, but large 
doses have a corrosive effect on the gastric mucosa and produce 
characteristic lesions of the kidneys, spleen, and other organs. 
After its absorption copper is found principally in the form of cupric 
nucleinate in the liver, blood and bile. 

Uses of Metallic Copper.— Enormous quantities of copper are used 
for making motors and dynamos, wire, ornamental vessels, roofing, 

‘ Hart, Steenbock, et al.: J. Biol. Chem., 77, 797 (1928). 
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ship plates, electrotype plates used in printing, coina^^e, cooking 
utensils, etc. It is an important constituent of brass, bronze and 
other alloys. 

CoppEB Alloys^ 


Alloy 

Aliuuiiunu l)ronz(^ 
I^rass 
Ikonze 
Oun rnetal 
Bell metal 
( fermaii silver 
Nickel coin 
Silver coin 
Gold coin 
Sterling 


Compodtion 

Gopper, 9()-98V6, aluminum, 2-10 Vr 
C'Opper, 00 -82%, zinc, 18-40% 

Copper, 70-95%, zinc, 1-25%,, tin, 1-18%; 
Copper, 90%,, tin, 10% 

Copper, 78%,, tin, 22% 

(k)])])er, 56-60%, zinc, 20',% nickel, 20- 25%, 
C\)i)per, 75' % nickel, 25%, 

Copper, 10';% silver, 90 ' i 
Copper, 10';% gold, 90%; 

Copper, 7.5';^, silver, 92.5 '■ o 


' Siie(Ml and Maynard: General Inorganic Chemistry, p. 790. 
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CUPRIC CITRATE 

Cupric Citrate, 1% S. P. XIII 

Formula, CiuCGlCOT.^ilPO. NIolecular Weight, 300.27 

Physical Properties. -Cupric (%trate is a green or bluish-green 
finely crystalline, odorless powder. 

It is slightly soluble in water but somewhat more soluble in cold 
solutions of alkali citrates, forming a greenish-blue solution. It is 
freely soluble in hot solutions of alkali citrates. Ammonia and 
dilute acid solutions also dissolve the salt. 

Chemical Properties. — Cupric citrate loses its water of crystalliza- 
tion at about 100° (\ It behaves just as any other organic salt 
of a metal in that it first chars and then may be ignited to the 
oxide form (the carbonate is unstable at high temperatures). Its 
chemical properties are those of copper {q. v.) and of the citrate 
radical (see Sodium (dtrate, p. 182). 

Official Tests for Identity. — 1. When dissolved in aininonia T.S., 
the salt yields an intense blue color due to the formation of the 
cupric-ammonium ion {q. v.), 

2. If 1 Gm. of the salt is dissolved in 20 cc. of diluted hydro- 
chloric acid, the resulting solution diluted to 200 cc. and treated 
with hydrogen sulfide, the copper ion is pre(‘ipitated as sulfide (1). 

(1) Cu++ + S"^->CuS j 

The filtrate from this precipitate will contain citric acid and will 
respond to all tests for the citrate ion (r/. v.). 

Commercial Manufacture.^— There is very little published inforina- 
ion on the commercial manufacture of cupric citrate. The method 
of manufacture in current use is based upon original work done by 

Private communication from Mallinckrodt Chemical Works, May 8 (1947). 
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KammererJ Hot aqueous solutions of copper sulfate and sodium 
citrate are stirred together and allowed to cool. Cupric citrate is 
formed and crystallizes out. The reaction is said to be the fol- 
lowing (2) 

(2) 2CuS 04 + Na;dI(CJl407) Cuo((^6H407) + Na,S()4 + 
NaHS04 

The probable structural formula is: 

o 

II 

O Cu 

II / 

y O C O O 

(.’u j 

\) C CHj 


O 

Laboratory Preparation. — Dissolve 10 Gin. of Sodiiiin (’itrate in 
25 cc, of distilled water with the aid of heat. Add this hot solution 
slowly and with stirring to a hot cupric sulfate solution prepared by 
dissolving 17 Gin. of Chipric Sulfate in 50 c(‘. of distilled water. 
Allow the mixture to cool to room temperature and filter off the 
precipitate. Wash the precipitate with distilled water until the 
washings no longer give a test for sulfate ion with barium chloridi^ 
test solution. Spread out the filter paper and allow the product to 
dry at room temperature in the dark. 

Pharmaceutical Preparations and Uses.— 1. Cupric Citrate (Cupri 
Citras, Copper Citrate), U. S. P. XIIL— Cupric Citrate is the 
cupric salt of citric acid and contains not less than 34 per cent 
and not more than 37 per cent of Cu, corresponding to not less 
than 9G.3 per cent of Cu2C6H407.2^H20.” ddiis salt is a new addi- 
tion to the U. S. P. but has been listed as acceptable by New and 
Nonofficial Remedies since 1912. It possesses the astringent and 
mildly antiseptic properties of other salts of copper, but its low 
solubility minimizes any corrosive effect it might possess. In a 
5 to 10 per cent powder (using sugar as a diluent) it has been used 
externally to treat ulcers, gonorrhea and exuberant granulations, 
len to 20 per cent pencils are available for more convenient appli- 
cation. It has also been used extensively in ophthalmic ointments 
for the treatment of follicular conjunctivitis and trachoma, usually 
in a 5 to 10 per cent concentration. 

2. Cupric Citrate Ointment (Unguentum Cupri Citratis, Copper 
Citrate Ointment), U. S. P. XIII.— This ointment ‘‘contains not 
less than 7.2 per cent and not more than 8.8 per cent of CihCelRO?.- 
2pl20.'’ It is prepared by incorporating 8 per cent of the finely 
powdered compound in an ointment base composed of wool fat, 
light liquid petrolatum and white petrolatum. 

1 Kammerer, H.: Annalen, 148, 303 (1868) ; 170, 186 (1873). 
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CUPRIC SULFATE 

Cupric Stilfate, U. S. P. XIII 

/0\ 

Formula, CUSO4 . 5II2 O; Cik . 5H2O 

Molecular Weight, 249.71 

Physical Properties.- ("upric Sulfate occurs in the form of deep 
blue, triclinic crystals of the pentahydrate, or as blue crystalline 
granules or powder. It effloresces slowly in dry air and the crystals 
become covered with a white coating of the anhydrous salt. The 
salt is odorless, and has a nauseous, metallic taste. 

One (fin. of cupric sulfate dissolves in 3 cc. of water, in about 
500 cc. of alcohol, and very slowly in 3 cc. of glycerin, at 25° C. 
One (im. is soluble in 0.5 cc. of boiling water. 

Chemical Properties.- -When heated to 30"^ C. the salt loses part 
of its water of crystallization and is converted into a pale blue, 
amorphous powder composed of a mixture of the several known 
hydrates (e, g.y CUSO4.II2O; CUSO4.3II2O). At 200° C. it is con- 
verted into the white, anhydrous salt. At higher temperatures it is 
decompc’sed into sulfur dioxide, oxygen, and black cupric oxide (1). 

(1) 2CUSO4 2CuO -f 2SO2 T + O2 T 

Coi)per sulfate, of course, conforms to the chemical properties 
of its constituent ions, namely the cupric ion and the sulfate ion. 
This salt is used extensively in the determination of reducing 
sugars in the form of (1) Fehling's solution and (2) Benedict’s 
solution. 

1. Cuprous oxide is precipitated from alkaline solutions of cupric 
salts when they are boiled with reducing agents, e. g.y dextrose and 
other monosaccharides. Fehling’s solution is used for detecting 
sugars in the urine. Solution ly the copper sulfate solution, and 
Solution 2y the alkaline tartrate solution, are prepared separately 
and mixed in equal volumes at the time of making the test. Solu- 
tion 1 is made by dissolving 34.64 Gm. of crystalline copper sulfate 
in sufficient distilled water to make 500 cc. at standard temperature. 
Solution 2 is made by dissolving 173 Gm. of crystallized potassium 
and sodium tartrate and 50 Gm. of sodium hydroxide in sufficient 
distilled water to make 500 cc. at standard tempcinture. When a 
portion of Solution 1 is mixed with an equal volume of Solution 2, 
the copper sulfate and sodium hydroxide probably react to form 
cupric hydroxide which immediately is converted by the potassium 
and sodium tartrate into what appears to be a soluble blue-colored 
compound. It is generally conceded today that the solution 
probably contains a colloidal form of cupric hydroxide, inasmuch 
as this assumption explains many of the phenomena connected with 
the solution. Whatever may be the actual form of the copper in 
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the solution it is readily converted to cuprous oxide (CU2O) when 
heated with a few drops of a solution containing reducing sugars, 
e. g.y diabetic urine. In testing urine it is found that traces of 
sugar in the urine (0.1 per cent) will only cause a bluish-green colora- 
tion of the solution without a precipitate and that with increasing 
amounts of sugar the color changes gradually to a red accompanied 
by a precipitate (10 per cent and over). 

2. Benedict’s solution is used both as a qualitative reagent and 
as a quantitative solution. The (jualifative solution contains 
17.3 Gm. of crystalline copper sulfate, 173 Gm. of sodium citrate, 
117 Gm. of monohydrated sodium carbonate and enough distilled 
water to bring the volume to 1000 cc. It is used for much the 
same purpose as Fehling’s solution, namely to detect sugar in urine, 
and the color changes are very similar. It has an advantage over 
Fehling’s solution in that the solution is stable as it is, whereas 
Fehling’s solution must he mixed at the time of use. 

The (lualitative reagent should not be confused with the (pianii- 
tative solution which contains 18.0000 Gm. of crystalline copper sul- 
fate (reagent grade), 117 (im. NaoCOa. II2O, 200 Gm. sodium citrate, 
125 Gm. potassium thiocyanate, 5 cc. of a 5 per (‘cnt potassium ferro- 
eyanide solution and enough distilled water to bring the volume to 
1000 cc. The quantitative solution is less (‘ommonly used than th(‘ 
qualitative but it is useful for determining the sugar (‘ontent of 
urine more accurately than is possible with the (jualitative solution. 

Official Tests for Identity.- 1. Solutions (1 in 20) of cupric sulfate 
are blue in color. 

2. A solution (1 in 10) of (*upric sulfate responds to the tests for 
Copper {q. v.). 

3. A solution also responds to the tests for Siilfafe (7. r.). 

Commercial Manufacture, (’upric sulfate is made by roasting 

copper-bearing sulfide ores in the presence of air, or by heating 
copper in a furnac^e with sulfur. The mixture of copper sulfate 
and copper oxide, obtained by either process, is lixiviated or perco- 
lated with dilutir sulfuric acid and the resulting solution filtered, 
concentrated and allowed to crystallize. It is also made by per- 
mitting dilute sulfuric acid to trickle over granulated copper in the 
presence of air (2). 

(2) 2Cu + 2H0SO4 + O2 2CUSO4 + 211,0 

Cupric sulfate may be made by the action of very hot, concentrated 
sulfuric acid upon copper (3). 

( 3 ) (’ll + 2H2SO4 CUSO4 + SO2 T + 2II2O 

Laboratory Preparation. —Add 5 Gm. of copper filings to a mixture 
of 8 Gm. of concentrated sulfuric acid and 4 Cm. of nitric acid 
contained in a flask. Heat gently at first and gradually raise the 
temperature to the boiling-point. Boil until the evolution of gas 
ceases and evaporate the solution to dryness. Dissolve the residue 
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in four times its weight of water, filter and evaporate to crystalliza- 
tion. Dry the crystals without the aid of heat. 

Pharmaceutical Preparations and Uses.— Cupric Sulfate (Cupri 
Sulfas, Copper Sulfate), \\ S. P. XIII.— This salt should “contain 
not less than ()3 per cent and not more than G().8 per cent of CUSO4, 
corresponding to not less than 98.5 per cent of the hydrated salt 
(CUSO4. 5H2O).” It is also commonly known as “blue vitriol” or 
“blue stone.” Copper sulfate stimulates the vomiting reflex before 
there is time for any local irritant action. It is not absorbed 
(except by corroded stomachs) and hence does not produce any 
systemic effects. The nausea is very short and the after-depression 
is small. Copper sulfa te is used to empty the stomach of indigest- 
ible foods arurpoisons and is of especial value in treating phosphorus 
poisoning; inactivating the unabsorbed phosphorus particles by 
forming a coating of metallic copper over them. Copper sulfate is 
sometimes used on mucous membrane as an astringent and caustic. 
Despite the fact that it is very toxic to fungi, algte, and protozoa, it 
is not a reliable bactericide. 

Copper sulfate is employed in the textile and leather industries. 
It is also used in electroplating, in batteries, in copper refining, and 
in some hair dyes. Its use to prevent the growth of algae in water 
reservoirs is well known. 

A rather novel use of its fungicidal action was noted during 
World War II. In the South Pacific, copper plating of the feet as 
a treatment for athlete’s foot was successfully used. The treatment 
takes six minutes and is repeated for six or seven days and requires 
only a copper plate, copper sulfate solution, and a 6-volt battery.^ 

Non-offk lAL Copper Compounds 

Cuprous Oxide [Ci^O] and Cuprous Hydroxide [('112(011)2]. - 
C’uprous oxide occurs in Nature as the red mineral (Miprite (7. v.). 
This dark, carmine red compound is prei)ared by carefully oxidizing 
copper powder at gentle heat, or by adding a solution of a fixed 
alkali to a cold solution of cuprous chloride in hydrochloric acid (1) 
and then boiling the solution (2). 

(1) CuCl + NaOII — > Cu(OII) (yellow) + NaCl 

(2) 2Cu(OII) “I” heat — > CiFiO T* H2O 

Cuprous oxide is precipitated from alkaline solutions of cupric salts, 
e. g., Fehling’s solution, when they are boiled with reducing agents 
such as dextrose and other monosaccharides (see p. 285 ). \ 

A technical grade is used in the manufacture of red g^ass, red 
glazes for porcelain, paint for the hulls of ships, and for treating 
seeds of some vegetables to control fungus diseases. 

Cupric Oxide [CuO] and Cupric Hydroxide [Cu(OII)2]. —Cupric 
oxide (black) is formed by heating copper in a current of oxygen, 
or by heating the hydroxide, carbonate or nitrate. It is used in 
ultimate organic analysis. 

* J. Chem. Education, 22, 262 (1945). 
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Cupric hydroxide (light blue powder) is made by adding a fixed 
alkali to a solution of a cupric salt (1). The hydroxide reacts with 
ammonium hydroxide to form a soluble, blue-colored compound (2). 
This is known as Schweitzer’s solution.^ (’ellulose (cotton, paper, 
wood pulp, etc.) is soluble in a solution of this copper ammonium 
compound and is precipitated upon the addition of sulfuric acid. 
Wool is insoluble in Schweitzer’s solution. Unsized paper, cotton 
cloth, etc., may be water proofed by first passing the material 
through a solution of the copper ammonium compound and then 
through a bath of dilute sulfuric acid. 

(1) CUSO4 + 2NaOH Cu(OH), i + NaoS04 

(2) Cu(OH), + 4NH4 OII Cu(NH 3),(OH)2 + 411,0 

In a similar manner, a concentrated solution of the cellulose 
copper ammonium compound ma}^ be scpieezed through capillary 
tubes into a bath of weak sulfuric acid. The cellulose is precipi- 
tated in the form of fine filaments that are known as artificial .silk. 

When milk of lime is added to a solution of copper sulfate, cupric 
hydroxide is precipitated (3). This mixture (known as Bordeaux 
Mixture) is used as a spray to prevent or kill the growth of fungi. 

(3) CUSO4 + Ca(OII), -> Cu(OH), + CaS04 

Cuprous Chloride (CuCl), Cuprous Bromide (CuBr) and 
Cuprous Iodide (Cul).— Cuprous chloride is a white, crystalline 
powder. It is nearly insoluble in water but dissolves in hydrochloric 
acid to form complex compounds, e. g., IICiiCl, and HoCuCIv Hot 
water rapidly hydrolyzes cuprous chloride to form red, hydrated 
cuprous oxide. It is soluble in ammonia water giving cuprous am- 
monium chloride [Ci^NIU),^] (1) which is quickly oxidized in air 
to Cu(NIl3)4Cl2. Cuprous chloride melts at 422° (’. and volatilizes 
at a higher temperature. It is readily prepared by boiling cupric 
chloride with hydrochloric acid and copper filings (2). The cuprous 
chloride solution (containing HCuCI,, HiCuCI.-}) is heated to expel 
the air and the cuprous chloride precipitated from the solution by 
adding freshly boiled water. Cuprous chloride reacts readily with 
oxygen to form green cuprous oxychloride. With carbon monoxide, 
it forms an addition product (3b and with acetylene an explosive 
cuprous acetylide (4). It is used in gas analysis. 

(1) 2CuCl + 4NH4OH ^ 2Cu(NIl3)2Cl -f- 4Ii,() 

(2) CuCl, + Cu 2CuCl 

(3) 2CuCl + 2C0 + 2H2O -> 2Cu(C0)Cl.H.,0 

(4) 2CuCl + C,H2 CU2C2 + 2HC1 

* Cupric Oxide, Ammonialed, Test Solution {Schweitzer's Reagent ). — Dissolve 10 Gm. 
of cupric sulfate in 100 cc. of distilled water, add sufficient 20 per cent sodium hydrox- 
ide solution to precipitate the copper hydroxide, collect the latter on a filter, and 
wash free from sulfate with cold distilled water. Dissolve the precipitate, which 
must be kept wet during the entire process, in the minimum quantity of ammonia 
T.S. necessary for complete solution. 



NONOFFICIAL COPPER COMPOUNDS 


289 


Ctijjrom brorriide resembles cuprous chloride in appearance and 
properties. It is made like the corresponding chloride or, by heating 
cupric bromide (5). 

(5) 2CuBr, -> 2C:uBr + Br2 

Cuprous iodide is precipitated free from iodine by adding solutions 
of sodium iodide and ferrous sulfate (or sodium thiosulfate, sulfuric 
acid, sodium sulfite) to a solution of cupric sulfate (6). 

(()) 2CuS04 + 2NaI + 2FeS04 -> 2CuI j + Na2S04 + kV 

(S04)3 


Cupric Chloride (CiiCb), and Cupric Bromide (CuBr2).— Cupric 
c*hloride may be obtained as a yellow anhydrous salt by allowing 
chlorine to act upon copper, (jreen crystals of cupric chloride, 
21120, are formed when the solution resulting from the action 
of hydrochloric? ac*id upon cupric hydroxide or carbonate is slowly 
evaporated. 

Jet black, delicpiescent crystals of cupric bromide are obtained by 
slowly evaporating the solution resulting from the action of bromine 
water on metallic copper. 

Cupric Acetate and Basic Cupric Acetate.— Basic cupric acetate 
(green verdigris) is made by oxidizing copper plates in the presence 
of acetic acid. Sometimes the copper plates are packed alternately 
in earthen vessels with marc (obtained from wine presses) that has 
undergone acetic fermentation. The plates become covered with a 
coating of normal copper acetate, which is converted into the basic 
salt by moistening and exposing to the air (1). 

(1) 4Cu + mC.lW, + 20> + 5H2O -> 2 Cu(OH) 2 .Cu(C 2- 
11302)2.51120 or 2 Cu(CoH302)2.Cu0.6H20 

Normal copper acetate, Cu(C2H302)2.H20, crystallizes in bluish- 
green crystals having 1 molecule of HjO. Green verdigris, a greenish- 
blue powder having fi moleeules of II2O, is nearly insoluble in water 
and in alcohol, but it is completely soluble in ammonia solution, in 
dilute sulfuric, acetic and hydrochloric acids. Its color is not affected 
by light, hence its use in manufacturing paints. It also is employ ed 
in making ''Paris green'' (q. v.). 

Cupric Hydrogen Arsenite (CuHAsOa) and Cupric Acetoarsenite. 
— Cupric hyxlrogen arsenite is known as Scheele’s Mineral, or 
Swedish Green. It is a yellowish-green powder of somewhat vari- 
able composition. It is made hy adding a solution of sodium car- 
bonate in arsenous acid to a solution of cupric sulfate (1) (2). 

(1) II3ASO3 + Na2C03 -> Na2HAs03 + H>0 + CO2 T 

(2) Na>IIAs03 + CuSOi -> CuHAsOa + Na2S04 

Until prohibited by^ law, it was used to color wall paper. To some 
extent it is employed as an intestinal antiseptic and as an insecticide. 

19 
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Paris, Schweinfurth, Imperial, Vienna, or Parrot Green is a double 
salt of the probable formula, [Cu(As02)2]3.Cu(C|.Il302)2. It is made 
by boiling the hot solutions of basic copper acetate and arsenous 
acid ( 3 ). 

(3) 3Cu(C2H,A)2.Cu 0.GH20 + lill^AsO;, -> [('u(As() 2 ) 2 |:,.- 
Cu(C2H302)2 + 27 H 2 O + 2(’u(C2II:.()2)l. 

It is used as an insecticide. 



CHAPTER XVI 


SILVER AND SILVER COMPOUNDS 
SILVER 
Argentum 

Symbol, Ag. Valence,!. x\ tom ic Weight, 107.88; 

Atomic Number, 47 

History and Occurrence.- Silver has l)een known from the earliest 
times. It is of great importance as a “noble” metal because of its 
use in making articles of value, r. //., coins, ornaments and jewelry. 
The name silver is derived from the Anglo-Saxon word seolfor. 
The Latin Argetifuni, from whi(*h the symbol Ag is taken, is allied 
with the Greek apyvpos, silver, which in turn is derived from apyosy 
shining. The alchemists named it Luna and characterized it by 
the crescent moon. The name Luna has survived in Lunar camfic 
(silver nitrate). 

Silver occurs widely distributed in Nature, the principal supi)lies 
coming from Mexico, United States, and x\ustralia. Native silver 
is found in metalliferous veins, where it has been formed presum- 
ably by the reduction of silver sulfides or other silver-bearing 
minerals. Silver is also found as an amalgam and as alloys with 
gold, platinum, (‘opper, and other metals. It occurs combined 
with tellurium in the minerals hessite [Ag/Pe], petzite [(AgAu)L>Te], 
and syhanite [AuAgTc-i]. As the sulfide [xVgoS], silver is found in 
the minerals argrnfife and acanfhife. In the form of the double sul- 
fides of antimony or arsenic, silver occurs in the minerals, pyrargyrife 
[dAg-iS.SbwS.J. proustife [dAg.;S. AS2SJ, polybasite [OAgoS . SboS.j and 
pearcite [OAg.^S.xAs^S.J. Silver is found combined with the respective 
halogens in the minerals cerargyritr or horn-silver [Ag(]l], hroinyrite 
[AgHr], and iodyrite [Agl]. 

Physical Properties.- Pure silver is a white metal having a metallic 
luster. With the exception of gold it is the most malleable and 
ductile of all the metals. Its specific gravity is about 10.5 and 
its hardness is greater than gold but less than copper. It melts 
at 9()().5° (\ and boils at about ]95()° C. Molten silver occludes 
about 22 volumes of oxygen which is not permanently retained. 
On cooling it is given ofi’ with great violence. This phenomenon is 
called the “ spitting ” or “ sprouting ” of silver and causes the silver to 
form in irregular masses. Silver is the best conductor of electricity. 

Chemical Properties. The chemical properties of silver may be 
conveniently discussed under the headings: (1) metallic* silver, and 
(2) silver ion. 

1. Under ordinary conditions silver is not oxidized by oxygen, but 
like mercury, it is oxidized by ozone. On heating, silver combines 

( 9Q1 ^ 
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with free halogens and with sulfur. Black silver sulfide is formed 
when silver comes in contact with substances containing sulfur, 
e. g., coal-gas, eggs, rubber, perspiration, etc. Because the metal 
stands below hydrogen in the electromotive series it does not dis- 
place hydrogen from acids, but it is attacked by the oxidizing acids 
(see also Copper, p. 278), e. g., nitric acid (1) and hot sulfuric 
acid (2). To make solutions of silver for testing purposes, nitric 
acid is the proper solvent to use. 

(1) 3Ag + 4HNO3 (cold, dilute) -> SAgNO;, + NO t + 2H2O 

(2) 2Ag + 2H0SO4 -> AgoS04 + SO2 T + 2H2O 

2. Silver forms only one series of salts, the monovalent silver 
ion (Ag+) being the form in which it exists. Most of the silver 
salts are insoluble, but there arc a few soluble ones, namely, the 
nitrate, sulfate, chlorate, nitrite, acetate and a few others. Expo- 
sure to sunlight of silver salts either in the solid state or in solution 
results in a darkening of the material because of reduction to free 
silver. 

When hydrochloric acid or a solution of a soluble chloride is 
added to a neutral or acid solution of a silver compound, a white, 
curdy pre(‘ipitate of silver chloride is produced (3), which is insol- 
uble in dilute a(*ids, but soluble in ammonium hydroxide (4) and 
in potassium cyanide solution (5). 

(3) Ag-^ + Cl- AgCl i 

(4) AgCl + 21X113 Ag(NH3).>+ + Cl- 

(5) AgCl + 2CN- ^ [Ag(CN).,]- (soluble) + Ch 

The solubility of silver chloride in ammonium hydroxide is due to 
the formation of the complex silver ammonia (‘ation (5). This 
is due to the fact that silver chloride ionizes to a greater extent 
than does the complex ion (in an excess of ammonium hydroxide) 
and, therefore, silver ions are “used up” in the formation of the 
complex ion causing the AgCl to go into solution. In a normal 
solution of ammonia in which silver chloride has been dissolved it 
is found that there are 10,000,000 complex ions to every simple 
silver ion (Ag+). 

On the other hand, it is found that while silver ion is precipitated 
by bromides and iodides to give insoluble silver bromide and silver 
iodide, these precipitates are insoluble in an excess of ammonium 
hydroxide. The reason for this is that the bromide and iodide do 
not ionize to furnish silver ions to as great an extent as does the 
complex ion and, therefore, they cannot go into solution by the 
mechanism outlined for silver chloride. However, potassium cya- 
nide dissolves all of the silver halides and the mechanism is exactly 
the same as that for ammonium hydroxide except that the silver 
cyanide anion is formed (5) instead of the silver ammonia cation. 

Soluble silver salts react with alkali hydroxides to form silver 
hydroxide (6) which immediately decomposes to brown silver oxide 
(7). In this case, the precipitate is insoluble in excess alkali 
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hydroxide because no complex ion is formed, but it is soluble in 
nitric acid and ammonia. 

(6) Ag-^ + OH--^ AgOIU 

(7) 2AgOH -> Ag,0 + IW 

Careful addition of ammonium hydroxide to a solution of a silver 
salt results in exactly the same kind of precipitate as with the alkali 
hydroxides (G, 7), but excess ammonia, of course, dissolves the 
precipitate for reasons previously mentioned. 

If ammonium hydroxide is added to a solution of a silver salt, 
c. g.y silver nitrate, most of the silver ions in the solution are con- 
verted to the silver-ammonia complex. This leaves relatively few 
silver ions in the solution. If to this solution is then added a 
reducing agent such as formaldehyde, glucose, etc., the free silver 
ions are reduced to the metallic state (8) and form a “silver mirror’’ 
on the walls of the container. As the silver ions are being con- 
verted to metallic silver the equilibrium between the silver-ammonia 
complex and silver ions (9) is disturl)ed and more silver ions are 
gradually liberated until all of the silver from the complex ion is 
deposited as the metal. 

(8) HCHO + 2Ag(NII:02OII IK’OOXIC + 2Ag i + 

3X11.3 T + n,o 

(9) Ag(XH3)2+ ^ Ag+ + 2X11,3 

In commercial solutions used for electroplating it is common prac- 
tice to use a bath containing the silver-cyanide complex since this 
has even fewer silver ions in equilibrium with it than the silver- 
ammonia (‘omplex. The object to be plated acts as a cathode and 
silver metal is the anode in these plating baths. The fact that there 
is such a low concentration of silver ions in the solution is the 
principal reason why silver is plated out in such fine crystals on 
the surface of the object to be plated. 

Addition of sodium carbonate to solutions of silver salts causes 
precipitation of Avhite silver carbonate (10) wliich can be deeom- 
j)osed by boiling to give silver oxide (11). 

(10) 2Ag+ + COa"^ Ag 2 COa I 

(11) Ag2C0.3 -> Ag20 + CO 2 T 

Numerous other salts of silver are precipitated on the addition of 
suitable reagents, e, g.y sodium phosphate, sodium thiosulfate, etc. 

Addition of silver nitrate solution, for example, to a protein 
solution causes the formation of a heavy precipitate of a complex 
protein-silver compound. Although this reaction is not well de- 
fined it is the basis of much of the medicinal efficiency of silver salts. 

Official Tests for Silver Ion. — 1. Solutions of silver salts will give 
a white, curdy precipitate of silver chloride when treated with 
hydrochloric acid (3). The precipitate is soluble in excess ammonia 
T.S. (4), but is insoluble in nitric acid. 
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2. An ammoniacal solution of a silver salt when treated with a 
small quantity of formaldehyde and warmed, causes the formation 
of a silver mirror on the walls of the test-tube (8). 

Commercial Manufacture of Silver. A number of processes have 
been devised for obtaining silver from its ores. They vary accord- 
ing to the chemical composition of the ores to be worked. 

^ Amalgamation rroce,s,s\--As previously indicated, silver readily 
formg an amalgam. Some silver ores containing free silver or silver 
chloride may be finely powdered and then extracted with mercury. 
The amalgam is washed free of powdered rock and the mercury 
recovered by distillation in an iron retort. The remaining retort 
silver is then cast into bars and shipped to a refinery. 

Certain complex silver minerals (pyrargyrite, proustite, etc.) are 
very difficult to amalgamate and hence must be made amenable 
to such a process. This is accomplished by either the flotation 
process (see p. 280) or by converting the metal in the ore to silver 
chloride and sulfate by roasting with about 10 per (*ent of sodium 
chloride. The volatile arsenic and antimony chlorides are expelled 
during the roasting of the ore. When the mixture of silver chloride, 
silver sulfate, rock, etc., is treated with mercury, the chloride and 
sulfate are reduced to metallic silver (12) which combines at once 
with the mercury to form an amalgam. 

(12) 2Agri + 2Hg -> 2Ag + 2IIg(4 

Lixwiation or Leaching i^roce.vA*.— When simple silver sulfide ores 
are roasted, the sulfide is converted into soluble silver sulfate which 
is dissolved from the mass with water. Scrap copper now is added 
to the solution in order to precipitate the silver (11^). 

(13) Ag 2 S 04 + Cu — > 2Ag I + (hiS 04 

/Cyanide /Vom-.s*. — In this process silver ores are treated with 
sodium cyanide to solubilize the compounds of silver as the silver 
cyanide complex (see Chemical Properties). The silver is obtained 
from the silver cyanide complex by displacing it with zinc, or by 
precipitating it as the sulfide through the addition of sodium sulfide. 

Silver is also obtained from the sludge formed in the electrolytic 
refining of copper (p. 281). Lead ores usually (*ontain small quan- 
tities of silver, which may be recovered by the Parhe proce.ss. This 
process is based upon the principle of “selective solvents” or 
‘‘partition” (see footnote). It will be noted that molten lead and 
zinc are nearly insoluble in one another whereas molten silver is 
much more soluble in molten zinc than in molten lead. The lead 
is melted and thoroughly mixed with a small quantity of zinc. 
The zinc-silver alloy, being lighter than lead, soon comes to the top, 
solidifies as a crust over the molten lead and may be lifted off. 
The “crust” is then melted and the adhering lead drained off from 

Note: At a given temperature and pressure, the proportionate distribution of 
a pure solute in solution in two immiscible solvents is constant. 
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the bottom. Zinc, being the more volatile of the two metals, is dis- 
tilled off in clay retorts. Tlie silver still contains a small amount of 
lead which is removed by ciipellaticm. The melted alloy of silver 
and lead is strongly heated in an air blast, whereby the lead is 
oxidized to litharge (PbO) and may be skimmed off. Gold is usually 
present in the silver obtained in this manner. It is separated electro- 
lytically. The silver-gold alloy is cast into plates that serve as the 
anodes. A solution of silver nitrate is the electrolyte. Silver, being 
the more active of the two metals is ionized and deposits upd^i the 
cathode, whereas the gold collects in a bag around the anode. (See 
Klectrolytic Itefining of Copper, p. 281). 

Pharmacology of the Silver Ion. Silver ion, in common with other 
heavy metals is a protein precipitant and, because it makes no 
distinction between bacterial and human protein it has a high 
germicidal eff^cienc^^ The ac^tion of silver ion on tissue may be 
said to be antiseptic, astringent, irritant or corrosive, depending 
U})on the concentration of free silver ion on the tissue. 

As a rule, the irritant and corrosive eft'ects are desired only when 
it is wished to destroy tissue or stimulate slow healing wounds. 
For this purpose, the more highly ionized silver salts, e. g., silver 
nitrate, are used exclusively. Because of the precipitation of the 
silver ion by proteins and chlorides in the tissues this irritant and 
corrosive effect is easily localized. 

Although accompanied by some protein precipitation and silver 
chloride formation, dilute solutions of silver salts such as silver 
nitrate may be used for astringent and antiseptic effects and, indeed, 
are recjuired for the astringent action. However, the antiseptic 
effect may be obtained with less highly ionized substances, namely, 
the silver halides and silver proteinates. The mechanism of action 
of these substances is exactly the same as that of the so-called 
“late action’’ of silver nitrate. When silver nitrate is applied to 
the tissues it, of course, gives the immediate irritant and corrosive 
effect (also highly germicidal). After that effect has passed, 
however, the precipitated proteins and chlorides begin to redissolve 
and ionize off small amounts of silver ion. This small amount of 
silver ion exerts a definite antiseptic action. Therefore, rather 
than api)lying silver nitrate to obtain the antiseptic action it is 
more desirable to apply the silver proteinate or halide as such. 
This avoids the formation of a coagulation membrane which may 
hinder the action and likewise may eliminate the pain accompany- 
ing silver nitrate application. 

In view of the above statements a distinction may be made be- 
tween two principal types of silver salts which are used therapeuti- 
cally: 

1 . Highly ionized silver salts, i. e., silver nitrate, silver picrate, etc. 

2. Slightly ionized silver salts, i. c., silver halides, silver protein- 
ates {mild and strong, depending on amount of ionized silver and 
not on total per cent), etc. These are usually referred to jis the 
‘‘colloidal silver preparations.” 
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The internal use of silver salts results in no systemic action 
because of the readiness with which the silver is precipitated, and 
for this reason silver salts are not used for internal medication. 

Whenever silver preparations are used for long periods of time 
they are apt to cause a discoloration of the skin (darkening) called 
‘‘argyria’^ which is probably due to deposition of free silver in the 
skin. This condition is irremediable, although it is said that 
injection of a solution of 6 per cent sodium thiosulfate and J per 
cent potassium ferricyanide subcutaneously will remove the color. 
However, this treatment requires innumerable small injections into 
the area involved and if the area is extensive the difficulties can be 
appreciated. 

Official Compounds of Sh.vkr 

SILVER NITRATE 

Silver Nitrate, V. S. P. XIll 

//O 

Formula, AgNO.<; AgO — N" Molecular Weight, 109.89 

Physical Properties.- Silver Nitrate occurs as colorless or white, 
odorless, rhombic crystals, commonly tabular, having a bitter, 
caustic, metallic taste. It has a density of about 4.35. When 
pure, the salt is not affected by light. However, in the j)res- 
ence of organic matter (skin, cloth, etc.) and light it soon becomes 
gray or grayish-black due to liberated silver, hence its use in mark- 
ing-inks. 

One Gm. of Silver Nitrate dissolves in 0.4 c(‘. of water and in 
30 cc. of alcohol, at 25° C. One Gm. of the salt is soluble in slightly 
more than 0.1 cc. of boiling water and in ().5 cc. of l)oiIing alcohol. 
It is slightly soluble in ether. 

At 212° C. the salt melts to a slightly yellow Ikjuid which, on 
cooling, congeals to a white crystalline mass. At higher tempera- 
tures it slowly decomposes, evolving oxides of nitrogen. 

Chemical Properties. --Silver nitrate embodies the chemical reac- 
tions of the silver ion (q. v.) and the nitrate ion (q, v.). 

Aqueous solutions are neutral to litmus paper. 

Oflacial Tests for Identity.— 1. A 1 in 50 solution responds to ixil 
tests for the Silver ion {q. r.). 

2. When a 1 in 10 solution of silver nitrate is mixed with a drop 
of diphenylamine T.S. and then carefully superimposed on concen- 
trated sulfuric acid, a blue color appears at the interface of the two 
layers. This test is the '‘Lunge test’' and is a sensitive test for 
the nitrate ion, but is also a sensitive test for a number of other 
oxidizing agents, e. g., nitrous acid, ferric chloride, etc. 

Commercial Manufacture. —About 3 parts of metallic silver are 
mixed in a large porcelain dish with 10 parts of 25 per cent nitric 
acid. If necessary, the mixture is gently warmed to hasten the 
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reaction (1). When the silver is dissolved, the solution is filtered 
through glass-wool and evaporated to dryness on a sand-bath. 
The temperature is then raised to fusion and any cupric nitrate 
present is converted into insoluble oxide (2). The fused mass is 
then dissolved in double its weight of water, filtered, and s^ t aside 
in a dark, dust-proof room to crystallize. 

(1) 3Ag + 4IINO3 :iAgNU + 2II2O + NO T 

(2) 2 Cu(NO ,)2 2CuO + 4NO.> T + O, T 

Pharmaceutical Preparations and Uses.— 1. Silver Nitrate (Argent i 
Nitras), \ . S. l\ XIIL- “Silver Nitrate, when powdered and dried 
in the dark over sulfuric acid for 4 hours, contains not less than 
99.8 per cent of AgNO.^.” Depending on the concentration of its 
solution, silver nitrate may be used for effects that vary from a 
caustic elfec^t to that of an antiseptic. It is routinely used in the 
form of a 1 per cent solution as an instillation in the eyes of newboxn 
babies. For this use the dose is 1 drop in each eye and it is used 
to guard against ophthalmia neonatorum A The use of silver nitrate 
on tender mucous membranes even in dilute solution Ns not as 
popular as it was at one time. This is due largely to the advent of 
the colloidal silver preparations and various other less irritant 
medications. However, the use of the “silver nitrate pencil” (see 
Toughened Silver Nitrate) has been retained to some degree for 
removing warts and other skin excrescences and as an application 
to the so-called “canker sores” in the mouth. 

The removal of silver nitrate stains from the skin and clothing 
sometimes is a problem for the pharmacist. According to a U. S. 
1). A. bulletin, “ stains may be removed from the skin by painting 
the places with tincture of iodine and then removing this with 
ammonia water. Stains from the clothing may sometimes be re- 
moved by tlic judi(*ious use of potassium cyanide, the operator 
constantl.^' keej)ing in mind the poisonous character of the cyanide. 

2. Toughened Silver Nitrate (Argenti Nitras Induratus, Moulded 
Silver Nitrate, Fused Silver Nitrate, Silver Nitrate Pencils, Lunar 
Faustic), F. S. P. XIIL — “Toughened Silver Nitrate contains not 
less than 94.7) per cent of AgNOs.’" This preparation is a white, 
hard, crystalline, odorless solid usually in the form of pencils or 
cones. It becomes gray or grayish-black on exposure to light due 
to formation of free silver. Lunar caustic is usually made by add- 
ing to silver nitrate about 4 per cent of its weight of hydrochloric 
acid, melting the mixture at as low a temperature as possible and 
(*asting in silver moulds. The presence of about 5 per cent of 
silver chlorides toughens the silver nitrate and thus lessens the 
friability of the pencils. As indicated under Silver Nitrate, it is 
used for local application. 

3. Ammoniacal Silver Nitrate Solution (Liquor Argenti Nitratis 
Ammoniacalis; Ammoniacal Silver Nitrate, Howe), N. F. YHL — 

1 Lehrfeld, J.A.M.A.. 135. 306, (1947). 

2 U. S. D. A. Bulletin No. 1474. 
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This is an aqueous solution of silver diainiiiiiio nitrate, containing 
in each 100 (im. the equivalent of not less than 28.5 Gm. and not 
more than 30.5 Gm. of silver (Ag), and not less than 9 Gm. and not 
more than 9.7 Gm. of ammonia (NHs). 

The silver nitrate (70.4 Gm.) is powdered in a glass mortar and 
dissolved in 24.5 cc. of distilled water, warming if necessary. The 
solution is cooled to room temperature and Strong Ammonia Solu- 
tion added from a burette until all but the last trace of black 
precipitate is dissolved (3). 

(3) AgiSOa -f- 2 NII 3 — > Ag(NH3)t)^03 

This last trace of precipitate is filtered from the solution. This 
dental preparation should be preserved in small glass-stoppered 
containers, or in ampuls, and protected from light. For oral use- 
mix Ammoniacal Silver Nitrate Solution with a reducing agent, such 
as 10 per cent formaldehyde or eugenol, so as to deposit the metallic 
silver in the infected area in a state of fine subdivision. 

MUD SILVER PROTEIN 

Mild Silver Protein, U. S. P. XIII 
Formula, Indefinite 

Physical Properties.— Mild Silver Protein occurs as dark l)rown or 
almost black, odorless shining scales or granules. It has a tendency 
to be hygroscopic. It is freely soluble in water, but almost insoluble 
in alcohol, chloroform and ether. The material and its solutions 
are prone to decompose upon exposure to light and consecjuently 
should be well protected. 

Chemical Properties.— Mild Silver Protein is a preparation which 
forms a colloidal solution when dissolved in water. It contains 
very little free silver ion. Some believe that even in the case of 
the mild silver protein, silver chloride is formed upon contact with 
chlorides {e. g., perspiration, tears, etc.) but is held in colloidal 
suspension by the very nature of the preparation. 

Official Tests for Identity.— 1 . A small amount of the preparation 
is ignited to remove all organic material and the residue is dissolved 
in nitric acid. The diluted nitric acid solution yields a precipitate 
of silver chloride when treated with a few drops of hydrochloric 
acid. The silver chloride precipitate is soluble in ammonia T.S. 

2. Addition of ferric chloride T.S. to a 1 in 100 solution of Mild 
Silver Protein discharges the dark color and gradually produces a 
precipitate. 

3. Addition of a few drops of mercury bichloride to 10 cc. of a 
1 in 100 solution of Mild Silver Protein causes the formation of a 
white precipitate together with a nearly colorless supernatant 
liquid. 

4. It gives no turbidity in a 1 to 100 solution on addition of a 
1 to 100 solution of sodium chloride. 
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Commercial Manufacture.— The procedure for preparing Mild 
Silver Protein is not a standardized one. In general, commercial 
])reparations ot this kind are manufactured by a process which 
involves the reduction and subsequent “solution” of silver or silver 
oxide, or some silver-protein precipitate, in an excess of denatured 
protein (made by destroying the complement by electrolysis or by 
heating to 5()'^ (\) and drying in vacuo. The difference in methods 
of manufacture is well illustrated by the fact that n<jt only do 
preparations of the different manufacturers have a different ioniz- 
able silver content (the criterion for antiseptic efficiency) but even 
different lots made by the same manufaeturer vary in the silver 
content. 

Pharmaceutical Preparations and Uses.— 1. Mild Silver Protein 
(Argentum Proteinieum Mite, Mild Protein Silver, Alild Protargin), 
U. S. P. XIII. — “Mild Silver Protein is silver rendered colloidal by 
the presence of, or combination with, protein. It contains not less 
than 19 per cent and not more than 23 per cent of Ag.” The 
U. S. P. cautions, '' Solufion.s^ of Mild Silver Protein .should be fre.shlij 
prepared and .should be dispen.sed in amber-colored, bottle.s.'' This 
preparation is practically non-irritant and may be applied to tender 
mucous membranes with impunity, although continued application 
may result in “argyria.” It is used in aqueous solution in concen- 
trations from 0 to 25 per cent as a mild antiseptic in the eye, ear, 
nose and throat. It is interesting to note that while this prepara- 
tion actually contains more silver than the Strong Protein Silver 
it yields less ionized silver and for this n^ason is termed “mild.” 
Some of the eominercial pre})arations which fall into this category 
are Silvol (Parke, Davis), Solargentum (S(juibb), Arcjyn (Abbott), 
and Argyrol (Barnes). 

COLLOroAL SILVER CHLORIDE 

Colloidal Silver Chloride, X\ F. ^ III 
Formula, AgCl plus a colloid stabilizing agent 

Physical Properties.- C\)lloidal Silver tliloride occurs as a white 
slightly hygroscopic, granular powder with a sweetish, metallic 
taste. It is easily dispersed in water, forming an opalescent sus- 
pension of variable color de{)ending on the light. It is affected by 
light and accordingly should be protected in light-resistant con- 
tainers. 

Chemical Properties.- In contact with water silver chloride ionizes 
to a slight extent. A saturated solution at 25° C. has a solubility 
product of 1.59 X which, therefore, indicates a molar concen- 
tration of 1.25 X silver ions. The AgCl content may be pre- 
cipitated by acidifying an ammoniacal solution of the preparation 
with nitric acid. 

Official Tests for Identity.— 1. Addition of 0.6 Grn. of KI dissolved 
in 3 cc. of distilled water to 25 cc. of an aqueous solution of the 



300 


SILVER AND SILVER COMPOUNDS 


preparation (1 in 50) causes the formation of a yellow color. The 
color is due to the formation of small amounts of insoluble silver 
iodide. 

2. A clear solution is obtained upon the addition of 8 cc. of 
strong ammonia solution to 25 cc. of a 1 in 5 aqueous solution of 
Colloidal Silver Chloride. As previously shown, this is due to the 
formation of the water-soluble silver-ammonia complex. 

3. A clear, colorless solution is obtained upon the addition of 
15 cc. of sodium thiosulfate T.S. to a 1 in 20 solution of Colloidal 
Silver Chloride. In this case the thiosulfate acts in a manner 
exactly analogous to ammonia and cyanide by forming a water- 
soluble complex silver ion (1). 

(1) 2Ag(n + 3S,Or - [Ag,(S.()3):r + 2C1- 

Commercial Manufacture.— This preparation is made by reducing 
silver chloride to a colloidal state of subdivision and then rendering 
the chloride colloidal by the use of 00 per cent of sugar (sucrose) or 
other suitable agent. 

Pharmaceutical Preparations and Uses.— 1. Colloidal Silver Chlo- 
ride (Argenti Chloridum Colloidale), N. F. VIII. — ‘‘Colloidal Silver 
Chloride is silver chloride rendered colloidal by the presence of 
sucrose or other suitable colloid stabilizing agent. It contains not 
less than 9 per cent and not more than 11 per cent of Ag(>l.” The 
prototype of this preparation was Lunosol (Ilillc Labs.) although 
Lunosol is marketed as a liquid preparation. This material is 
used “for prophylaxis against and treatment of infections of the 
accessible mucous membranes, such as the genito-urinary tract and 
the eye, ear, nose and throaC’ (N. N. U. 1947). It is used in con- 
centrations of from 3 to 100 per cent as determined by the indica- 
tions. 

COLLOroAL SILVER IODIDE 

Colloidal Silver Iodide^ N. F. VIII 
Formula, Agl plus a colloid stabilizing agent 

Physical Properties.- It consists of pale yellow granules. They are 
soluble in water up to 50 per cent and form a colorless, milky, or 
opalescent solution. It is slowly soluble in glycerin but insoluble 
in fixed oils. Aqueous solutions of the preparation are best made 
by adding the total amount of Colloidal Silver Iodide to the water 
and shaking vigorously for one minute. 

Chemical Properties.— Silver iodide ionizes even less than does 
silver chloride when in a saturated solution. Its solubility product 
is 1.5 X corresponding to a silver-ion content of 1.25 X 10“® 
moles per liter. The colloidal solution may be destroyed by boiling 
an acidified solution (IICl) to precipitate the silver iodide. 

OflBicial Tests for Identity.— 1. Two cc. of sodium hydroxide T.S. 
are added to 5 cc. of an aqueous solution of Colloidal Silver Iodide 
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(1 in 100) and upon boiling, the solution darkens but does not form 
a precipitate inside of ten minutes. 

2. Addition of 1 cc. of diluted hydrochloric acid to 5 cc. of a 1 in 
100 solution of the preparation causes the solution to become 
opaque. It must be boiled for one minute, however, to precipitate 
the silver iodide. 

Commercial Manufacture.— Silver iodide is rendered colloidally 
stable by the use of gelatin. As is the case in many of these col- 
loidal preparations the gelatin acts as a barrier between the various 
colloidal particles preventing them from coming together to form 
larger particles. 

Pharmaceutical Preparations and Uses. — 1. Colloidal Silver Iodide 
(Argenti lodidum Colloidale), N. F. VIII. — '' Colloidal Silver Iodide 
is silver iodide rendered colloidally stable by the presence of gelatin. 
It contains not less than 18 per cent and not more than 22 per cent 
of Agl.” The N. F. cautions that ''Solutions of Colloidal Silver 
Iodide should he freshly prepared and should be dispensed in amber- 
colored bottles. It is used the same as other colloidal silver prepa- 
rations, viz., in concentrations ranging from 2 per cent for irrigating 
sinuses to 50 per cent in the female genital tract. 

STRONG PROTEIN SILVER 

Strong Protein Silver, N. ¥. VIII 
Formula, Indefinite 

Physical Properties. — It occurs as a pale yellowish-orange to brown- 
ish-black, odorless powder. It is usually somewhat hygroscopic 
and is affected by light. Strong Protein Silver is freely soluble in 
water, but is best prepared by dusting on the surface of the water 
and allowing to slowly dissolve in that manner. It is almost insol- 
uble in alcohol, chloroform, and in ether. 

Chemical Properties.— Strong Protein Silver is capable of liberat- 
ing more silver ion than Mild Silver Protein, although it also is a 
colloidal preparation. 

Official Tests for Identity. — 1. When a small sample is ignited to 
remove all organic matter and the residue dissolved in nitric acid, 
the acid solution yields a precipitate of silver chloride when treated 
with hydrochloric acid. 

2. Addition of a solution of sodium chloride produces no turbidity, 
i. e., no silver chloride formation. 

3. Ferric chloride discharges the dark color and gradually pro- 
duces a precipitate. Ferric ion is a good protein precipitant. 

4. Mercuric chloride added to a solution of the salt produces a 
white precipitate with a colorless supernatant liquid. Mercuric 
ion is even more effective as a protein precipitant than silver. 

Commercial Manufacture.— '^lliis type of preparation varies also 
with the manufacturer just as was found with the Mild Silver 
Protein. Protargol (a representative preparation) is said to be 
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prepared by precipitating a ''peptone’’ (alburnose) solution with 
silver nitrate or with moist silver oxide; dissolving the silver pep- 
tonate in an excess of protalbumose; and drying in vacuo. (N. N. R., 
1947.) 

Pharmaceutical Preparations and Uses. — 1. Strong Protein Silver 
(Argentum Proteinicum Forte, Strong Silver Protein, Strong Pro- 
targin), N. F. VIII. — "Strong Protein Silver contains not less than 
7.5 per cent .and not more than 8.5 per cent of Ag.” The N. F. 
cautions ''Strong Protem Silver Solutiom b'hoiild be freMy prepared 
and should be dispensed in amber-colored bottles.’^ This preparation 
liberates more silver ions than does the Mild Silver Protein, but 
it contains at the same time less actual silver. It has a much 
stronger germicidal action than has the mild silver protein. Prior 
to the advent of the sulfonamides it was extensively used with 
more or less satisfactory results as an aqueous solution for urethral 
injection in the treatment of gonorrhea. It should be constantly 
remembered that preparations of this type are prone to cause 
argyria. 

Non-official Silveu (Compounds 

Silver Bromide (AgBr).— Silver Immiide is found .as the iniiieral 
brom.argyrite or bromyrite in Mexico and Chile. The salt is ob- 
tained as a pale yellow precipitate when a solution of a l)roinide is 
added to a solution of a silver salt. Its specific gravity is (>.47. It 
is even more insoluble than the chloride (().()()0()2() (iin. dissolves 
in 100 cc. IIoO at 25° C.). It melts at 432° C. When exposed to 
light it behaves like the chloride and hence is used in photography. 
The various steps involved in producing a photograj)!! are as 
follows: 

1. Glass plates or celluloid sheets arc covered with an emulsion 
of gelatin in which silver bromide is suspended. These sensitized 
plates or films are arranged in a camera or Kodak and by means of* 
a "finder,” the image of the object to be })hotographed is focussed 
on one of them. 

2. The exposure is made through lenses of various designs and 
the time is controlled by an automati(*-time, diaj)hragm shutter. 
The length of time necessary to give th(‘ best results difiers accord- 
ing to the time of day and nature (water, shade, sunlight) of the 
object. 

3. The exposed plate is removed from the camera in a dark-room 
and must be developed. All of the silver bromide on the plate will 
be reduced to metallic silver if the "developer” [an alkaline solution 
of pyrogallol, hydroquinone (potassium salt)] (1) is allowed to re- 
main too long in contact with the plate. However, the parts of 
the halide affected by light are acted upon first and with a speiul 
that is proportional to the intensity of the illumination that reached 
tlie plate at every point. 

(1) 2AgBr + C6ll4(OK)2 — > 2Ag| + 2KBr + CcILiOo (quinone) 
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4. When the desired “development’’ is attained the plate is 
immersed in a “fixing” bath consisting of a solution of sodium thio- 
sulfate (hypo). The unreduced silver bromide is dissolved by the 
thiosulfate (2) (3) and only a thin silver coating corresponding to 
the image remains on the plate. The wet plate is washed and dried 
and is known as a negative. 

(2) 2AgBr + Na2S20s ^ 2NaBr + Ag2S20;i 

(3) Ag 2 S 2 ():{ + 2 Xa 2 S 2()3 ^ Xa 4 Ag 2 ( 826 : 0 ;{ (soluble) 

5. The print is made I)y placing the negative over a sheet of 
sensitized paper and exposing it to light. Here again the light and 
dark parts are reversed; the fixed silver particles protecting the 
compounds on the paper from the light. Printing papers contain- 
ing silver bromide recpiire only short exposure aiul are developed 
like the plate. When silver chloride is the sensitive substance, the 
J3aper must be exposed to the light through the negatixe for some 
time. They must then be “fixed” by treating with a solution of 
sodium thiosulfate (see 2). 

0 . After “fixing” the print may be toned by displacing some of 
the silver deposit with gold (4). A solution of sodium chloraurate 
is employed for this purpose and gives a reddish brown tone or 
color to the print. 

(4) XaAudi + 3Ag XaCl + 3Ag(4 + Au j 

Steel-gray tones may be obtained by using a platinum solution. 

In addition to its use in photography, silver bromide has been 
marketed at least by one firm as a colloidal preparation very similar 
to the official c'olloidal preparations of silver halides and is used for 
much the same purposes. 

Silver Oxide O'^^ 20 ).— Silver oxide is obtained as a dark brown, 
amorphous jirecipitate when a fixed alkali hydroxide is added to a 
solution ol* silver nitrate. At 300^ (\ it decomposes rapidly into 
silver and oxygen, and when triturated with organic matter may 
cause an explosion. Acpieous solutions of silver oxide (0.00215 (bn. 
Ag 20 dissolved in 100 cc, Il 2 () at 20 ° C.) are decidedly alkaline. 
This alkalinity is evidently the result of the formation of some silver 
hydroxide (5). 

(5) Ag.O + 11.(4 2Ag()II 2 Ag^ + 2011- 

Silver oxide is an active, basic oxide. When moistened, it readily 
absorbs carbon dioxide from the air. Hopcalite" is a mixture of 
colloidal manganese and copper oxides activated by sih er and co- 
balt oxide and is capable of oxidizing carbon monoxide to dioxide 
at ordinary temperatures. This mixture is a product of the (diemi- 
cal Warfare Service, U. S. A., and is used not only in the canister 
of the “miner’s self-rescuer” but also in gas masks for firemen and 
others who are subjected to dangerous concentrations of carbon 
monoxide. It is used ])articularly in artillery masks to prot(M't 
against carbon monoxide. 
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Silver Picrate (Picragol, Picrotol), Silver Trinitrophenolate- 
C6H2(0Ag)(N02)3 + HoO, N. N. R. 1947.-Silvcr picrate occurs as 
yellow crystals which are sensitive to sunlight. They are soluble 
to the extent of about 2 Gm. to 100 cc. of water, sparingly soluble 
in alcohol, slightly soluble in acetone and glycerin and practically 
insoluble in chloroform and ether. 

The silver is readily precipitated as the chloride from this com- 
pound when it is dissolved in water. 

Silver picrate is used similarly to the other simple silver salts 
that are more or less highly ionized. It is used in a dilution of 
approximately 1 to 2 per cent for its antiseptic action and has been 
marketed (Wyeth) in the form of a compound powder for use in the 
treatment of Trichomonas vaginalis and Monilia albicans, as a 
vaginal suppository for much the same indications, and also as the 
pure crystals for urethritis, etc. 

Other Salts of Silver.— Silver ion is precipitated by a number of 
anions and gives salts that for the most part may be considered as 
insoluble. (See Table.) 


Name 
Silver arsenate 
Silver arsenite 
Silver carbonate 

Silver chromate 
Silver cyanide 

Silver rnetaphosphate 
Silver orthophosphate 

Silver sulfide 


Formula (V)lor 
Ag. 3 As()i Dark brown 
Ag.5As()3 Yellow 
Ag2C03 Light yellow, 
darkened 
by light 

Ag2Lr04 Brick-red 
AgCN White or 

grayish 

AgPOa White 

AgjPOt Yellow“ 
darkens 

Ag 2 S Black 


Form; M.P. 

Solid reg. 

Solid, deeomp. 150%!. 
Crystalline solid, dc- 
comp.L^RI^^C. 

Ciystalline powder 
Amorphous powder, 
deeomp. 320 ('. 

Solid. 482%\ 

Solid, 840° C.; Reg. 

Amorphous solid, 

825° C.; Rhombic 


None 

None 

None 

None 

Formerly ii.sed to make 
U.S.P; VIII Diluted 
Hydrocyanic Acid 
None 
None 

None 
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GOLD AND GOLD COMPOUNDS 

GOLD 

J ivrum 

Symbol, All. A alence, I, III. Atomic Weight, 197.2; 

Atomic Number, 79 

History and Occurrence. — Since the earliest times, gold has been 
recogniz('(l as the “king of all metals.” Because of its color, scarc- 
ity, and permanency in contact with the atmosphere, it has been 
valued from the earliest ages for making jewelry, coins, etc. The 
symbol. An, is derived from its Latin name, Auruiii. Ornaments 
of great variety and elaborate workmanship have been disco v'ered 
in ruins belonging to the earliest known civilizations, viz., Minoan, 
Egyptian, Assyrian, Etruscan, etc. In ancient literature, it was the 
universal symbol of highest purity and value. No doubt because 
of its yellow color, the alchemists associated gold with the sun. 

(h)l(l is found widely but sparingly distributed in Nature. It 
occurs principally as the metal per se, or alloyed with other metals, 
such as lead, (*opper and silver. The free metal occurs mixed with 
alluvial sand, (iold alloys are found disseminated in veins of 
quartz. Associated with tellurium, small quantities occur with the 
sulfide ores of copper, iron and lead. The principal minerals con- 
taining the double telluride of gold and silver are sylvanifc [Au Ag- 
Te 4 ], petzite [(An Ag) 2 Te] and calaverite [Au Te 2 ]. The Transvaal 
of South Africa and the United States (California and Colorado) 
lead in gold production. Other great gold producing centers are 
Alaska, British Columbia, Australasia, Canada, India, China, Russia 
and Mexico. 

Physical Properties.— Ciold has a yellow color, which is lowered 
by small quantities of sil\Tr, but heightened by copper. Gold that 
has been beaten into a thin leaf transmits a greenish light. It is 
the most malleable and ductile metal known. When pure, it is 
almost as soft as lead. It has a specific gravity of about 19.32 
(20° (L), melts at 1003° C., and boils at about 2600° C. Native 
gold has been found crystallized in the cubic system, the octahedron 
being the most common form. 

Chemical Properties. (lold is one of the most inactive and pt‘rma- 
nent of the metals. Air, oxygen, water, or hydrogen sulfide do not 
afiect it at any temperature. Selenic acid reacts with gold to form 
auric selenate [Au 2 (Se 04 )J, and is the only single acid that dissolves 
it. It unites directly with chlorine and bromine, but not with 
sulfur. It dissolves easily in acid solutions containing free chlorine, 
bromine or iodine (slowly). Thus, a mixture of nitric and hydro- 
20 ‘ ( 305 ) 
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chloric acids (aqua regia), containing free chlorine, nitrosyl chloride 
and water, dissolves gold with formation of chloraiiric acid (1). 

(1) 2Au + 2IINO3 + 8HC1 -> 4II2O + 2NO T + 2HAu(34 

Although aqua regia is the best reagent for dissolving gold, the 
metal can also be dissolved by bromine or chlorine water (2) to 
form the corresponding gold trihalide. 

(2) 2Au + X, -> 2 AuX .3 (X = Cl or Br) 

Gold forms two series of salts, the aiiroiis (Au"^) and auric (Au"^"^^), 
all members of which are quite unstable in that they revert to gold 
upon sufficient heating. Auric chloride (AuCl.3), for example, is 
easily converted to aurous chloride (AiiCl) by gentle heating (3) 
and upon stronger heating the aurous chloride is converted to 
metallic gold (4). 

(3) AuCb AuCl + Cl, T 

(4) 2AuCl -> 2Au + Cl, t 

The reactions of the auric series arc the most important and will be 
discussed briefly. 

Upon the addition of alkali hydroxides, e. r/., sodium hydroxide, 
there develops a brown precipitate which is soluble in an excess of 
the reagent. The brown precipitate is auric hydroxide (5), and is 
easily converted to the aurate (6) with excess alkali. In fact, it is 
sometimes difficult, especially in dilute gold solutions, to obtain the 
brown precipitate because of the rapid formation of the aurate. 

(5) Au++^- + 3011- -> Au(OII) 3 i 

(6) Au(OII )3 + on- -> 211,0 + (AuO,)- 

It is important to note that auric (‘oinpounds are strong oxidizing 
agents and many of their reactions can be attributed to this propert^^ 
For example, ferrous salts are readily oxidized to the ferric form 
with deposition of metallic gold (7). 

(7) IIAuCU + 3Fe»+ + lUO 3Fe^^+ -f IUO+ + 4C1- + 

An I 

Addition of potassium iodide to gold solutions results in the forma- 
tion of metallic gold together with iodine (8). 

(8) 2Au+++ + ()I- -> 2Au i + 31, 

The reaction of gold with stannous chloride is important. In a 
highly acidic solution stannous chloride precipitates metallic gold 

(9), but in a weakly acid or dilute neutral solution the stannous 
chloride slowly throws down a purple precipitate which is known 
as the purple of Casftius. The reaction is widely used to identify 
gold. The precipitate is said to consist of colloidal gold and tin 
hydroxide. 

(9) 2Au+++ + 3Sn++ -> 3Sn++++ + 2Au i 
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Official Tests for Gold lon. — l. With sodium hydroxide T.S., 
solutions of auric salts give a brown precipitate (5), which is soluble 
in an excess of the reagent (6). 

2. When treated with stannous chloride T.S., solutions of gold 
salts slowly form a purple precipitate (purple of Cassius). 

Commercial Manufacture. — 1. (iold is obtained from its alluvial 
or ‘"placer” deposits by a method that is based on the disintegration 
of the earthy matter by the action of a stream of water, which 
washes away the lighter rock (specific gravity about 2.5) and leaves 
the heavier gold (specific gravity 19.32) in the bottom of a pan, 
cradle or sluice. 

2. The method of mining auriferous cpiartz rock is about the 
same as that used for similar dej)osits of other metals. First, the 
ore is pulverized in stamping or ball mills and then separated by 
means of the flotation process or by washing the pulverized material 
over copper plates amalgamated with mercury. 'Fhe latter unites 
with a little over half of the gold to form an amalgam which is 
then scraped off the plates and separated into gold and mercury by 
distillation. The “tailings” that run off the separator are treated 
with a dilute solution of sodium cyanide and the mixture exposed to 
the air to permit of the formation of soluble sodium aurocyanide 
(10). (jold is obtained from the solution by electrolysis or by 
displacement with metallic zinc (11). 

(10) 4Au + 8CN“ + 0.> + 2IL>0 4|Au(( \\).>]- + 40H- 

(11) 2[Au(CN) 2]- + Zn ^ [Zn(CN)4]= + 2Au i 

Pyrites, containing gold, is usually roasted and then treated with 
chlorine water (see p. 300), which converts the gold into auric 
chloride. This is leached out with water and the metal precipitated 
with ferrous sulfate (see p. 300). 

Pharmacological Action of the Gold Ion.- A discussion of the 
pharmacology and therapeutic applications of gold may advantage- 
ously be prefaced by a brief historical introduction. 

The early use of gold in medicine was of an empirical nature, 
based largely on legend and folklore. The discovery by Koch in 
1800, that gold cyanide was effective in rifro against the tubercle 
bacillus may be said to mark the beginning of modern gold therapy. 
This discovery led investigators to use various gold salts (less toxic, 
however, than gold cyanide') in the treatment of many diseases 
believed to be tuberculous in origin. Its use in the treatment of 
tuberculosis has been investigatc'd extensively, but the results have 
been far from satisfying. At present gold is not used in the treat- 
ment of this condition. However, from these investigations have 
stemmed the two principal uses of gold salts texlay: (1) for lupus 
erythematosus, and (2) for rheumatoid arthritis. 

1. The N. N. R. (1946) said about gold and sodium thiosulfate in 
the treatment of lupus erythematosus, “ A review of the literature 
in regard to the use of gold and sodium thiosulfate in the treatment 
of lupus erythematosus reveals, in general, quite satisfactory clinical 
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results, and it is considered a distinct advance in the therapy of 
this condition. Although there have been many recurrences in 
cases originally thought cured, nevertheless the beneficial and often 
curative action of the drug in a fair percentage of the cases seems to 
warrant giving it a definite place in the treatment of a disease for 
which at present there is no specific remedy.” 

2 . The use of gold salts in the treatment of rheumatoid arthritis 
has been the result of an early belief that this disease was an atypi- 
cal form of tubenailosis. Although this belief has been dispelled, 
the sometimes beneficial results of gold therapy in this (the crippling) 
type of arthritis has led to its retention. Forest ier had much to do 
with the popularization of this form of therapy, and with an increas- 
ing appreciation of the toxic possibilities of gold salts the drug is 
being utilized with less side-effects than previously. The recent 
literature on the use of BAL (2,3-dimercaptopropanol) in treating 
the toxic manifestations of gold salts, namely, the gold dermatitides, 
has been very encouraging and should lead to a more extensive use 
of gold. However, it is probably advisable to restrict their use to 
experienceef chrysotherapists, and it is well to remember that gold 
salts probably are not the best answer to the treatment of rheuma- 
toid arthritis.^ 

3'he soluble gold salts are administered intravenously and most 
of the drug is excreted in the urine although some is excreted in 
the feces. Inasmuch as most of the gold is excreted in the urine, 
it is common to find renal damage as one of the symptoms of gold 
toxicity. However, the most common difficulty is associated with 
the skin, the so-called “gold dermatitides.” 

Uses. -—Pure gold Is too soft for most purposes and, therefore, it 
IS alloyed with copper or silver in order to give it greater hardness. 
Pure gold is designated as being “2d-earat” or lOOO fine. British 
gold coins {viz., sovereigns) arc “ 22 -carat” and hence contain 2 parts 
of copper and 22 parts of pure gold, equivalent to 91.60 per cent 
of pure gold, or a fineness of 910.60. Ihiited States, French and 
(lerman gold coins contain 90 per cent of pure gold. (lold, silver 
and copper alloys (usually 14-earat) are commonly used for making 
jewelry, (iold is also used for gilding and plating. It is employed 
in dentistry and for various decorative purposes. 

Official Compounds of Cold 

GOLD AND SODIUM THIOSULFATE 

Cold and Sodium Thiosnlfatey N. F. VHI 
Formula, Na.'jAu ( 8203 ) 2 . 2 H.jO. Molecular Weight, 526.47 

Physical Properties.- Gold and Sodium Thiosulfate occurs in 
white, glistening, needle-like or prismatic crystals. It darkens 
slowly on exposure to air. 


New Eng. J. Med., 236, ,S62 (1946). 
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One Gill, of (u)ld and Sodium Thiosulfate dissolves in 2 ec. of 
water; it is insoluble in alcohol and most other organic solvents. 

Chemical Properties. “ Aipieous solutions of the salt are neutral or 
alkaline' to litmus pajx'r. The compound, a double salt composed 
of 3 molecules of sodium thieisulfate (Na 2 SX)d iuid 1 molee'ule of 
gold thiosulfate (AuoS^O.d, give's the' e*haracte‘ristie* re‘ae*tions of the 
thiosulfate ion, r. e/., ele'coleiri/ation of ieieline*, j)reci[)itation with 
hot hyelreichleiric aciel, etc. (se'c alsei Seieliuin Thiosulfate, p. 210). 
It also gives reaedions feir aureius geilel rather than auric. 

Official Tests for Identity.— 1 . Fifty mg. of the salt is dissolved in 
1 e'c. e)f water in a test-tube. Te> this is aeide'el 1 (*c. e>f eliluteel 
hydreie-hleiric aciel anel the mixture heated on a water-bath e*ausing 
the e\’()lutie)n eif sulfur dioxide anel the feirmation of a brown pre'- 
e*ipitate of geild sulfiele (AuoS). The jirecipitate is waslu'd well 
with heit water by decantatiem anel then transferred to a porcelain 
eTUcible^. It is then treated with 3 cc. e)f hydrochle)ric acid anel 
1 e*e*. e)f nitric aciel te) disse)lve it anel evape)rated alme)st to elry- 
ness e)n a water-bath, d'o 2 cc. eif the filtrate, previously eliluteel 
with 5 cc. of water, are added 2 cc. of se)elium hydreixide T.S. and 
1 cc. e)f hyelreigen peroxiele T.S. and the mixture heated ein a water- 
bath. This re\actie)n el('pe)sits the geilel as a finely eliviele'd metal 

(1) having a purple-red te) bre)wnish ce)lor. A portion of the filtrate 
when test eel with a few elre)ps e)f stanne)us e.*hle)riele T.S. gives tlie 
eharaederistie* purple ce)le)r. 

(1) 2Au+++ + 311,0, + OOII- -> 011,0 + 30, T + 2Au j 

Commercial Manufacture.— Gold anel Se)dium Thie)sulfate is a 
e‘e)mplex and is pre)bably formed acce)rermg te) the following reae tion 

(2) .^ Although auric chloriele' is usually usex] as a starting material, 
at least e)ne firm use's ge)lel anel se)elium chloriele' inste'ad e)f golel 
chle)ride. The ge)lel anel se)elium thie)sulfate which fe)rins in the reac- 
tie)n mixture is precipitate'd anel free'el e)f the other pre)elne*ts by the 
addition e)f alceihol. Xe) matter what methexi e)f preparation is 
utilizeel, the golel is reeluced from the auric te) the aurous state. 

(2) 8Na,S,03 + 2AuCl3 -> (3Na,S,03 + AuoSAb) + 2Xa,S40ti 

-j- OXaC 1 

Pharmaceutical Preparations and Uses.- 1. Cold and '^'odlinn Thio- 
sulfate (Anri et Sodii Thiosulfas), X. F. \TII. “(hdel and Sodium 
Thie)sulfate ce)ntains not le.ss than 30.7 per c'ent and not nie)re than 
37.7 per cent of An.” It is usee! intravene)usly for the treatment 
of lupus erythematosus and rheumatoid arthritis. xVverage deise— 
To be determined by the prescriber. 

Non-official (jold Compounds 

Gold forms an aurous and an auric series of compounds, in which 
the element is univalent and trivalent, respectively. As has been 


* Private communication from G. D. Searle & Co., Chicaj^o, III., May LI (1947) 
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pointed out, all of the compounds of gold are very easily reduced to 
the metal by heating. 

Oxides. -Two unstahle oxides of gold are known. Anrous oxide 
(AuoO), a violet colored powder, is feebly basic, whereas auric oxide 
(Au'iO.d, a brown powder, is amphoteric, but mainly acid-forming. 
It will be recalled that an amj)h()teric (or amphiproti(0 compound 
is one that j)ossesses the property of acting either as an acid by 
losing a proton or as a base by gaining a proton. At 205"^ C. aurous 
oxide is decomposed. At 1()0° C. auric oxide loses 1 atom of oxygen 
to form AuoOo, which in turn is converted into its elements at 
180° C. 

Halogen Compounds.- Chlorauric Acid and the Chorides.— When 
gold is treated with a mixture of nitric* and hydrochloric acids, 
chlorauric acid is formed (1). When the solution is concentrated, 
glistening, golden-yellow, delicpiescent crystals having the compo- 
sition HAuCb-dlloO, are deposited. Solutions of chlorauric acid 
may be neutralized with sodium hydroxide to form orange-yellow, 
rhombic plates or {irisms of sodium chloraurate (XaAuCl 4 . 2 H 20 ), 
which is used in ])h()tography. This product in no way resembles 
the A?/ri ei Sodii Chloriduin, V. S. P. TX, as the latter is a merhanica! 
mixture of equal parts of anhydrous sodium (‘hloride and anhydroue 
gold trichloride. Sodium chloraurate (NaAu( It , 2IT‘>0) contains 
49.5 per cent of gold, whereas the prei)arati()n that was formerly 
official contained only 32 ])er cent of the metal, (ientle heat 
decomposes chlorauric acid into red, crystalliiuj auric chlorids 
(AuTls) and hydrogen chloride. When heated to 180° C., auric 
chloride changes to a yellowish-white powder of anrous chloride 
and chlorine is evolved (2). Aurous chloride is insoluble in water. 
Hot water, however, quickly decomposes it into auric chloride and 
the metal (3). 

(1) 2Au + 8IIC1 + 214X0, 2 HAu(l 4 + 2X0 t + 4HoO 

(2) AuCl, ^ AuOl + Cb T 

(3) 3AuCl -> AuCk + 2Au j 

Bromauric Acid. -When gold is treated with l)r()mine water and 
the resulting solution concentrated, dark, reddish-brown, flat, 
needle shaped crystals of bromauric acid (IIAul4r4.5Il20) separate 
out. The crystals are odorless and have an acid metallic taste. 
When pure, the acid is permanent in air. The crystals melt at 
27° C., and are very soluble in water and in alcohol. 

Auric Hydroxide and Aurates.- Caustic alkalies precipitate auric 
hydroxide (An (OH),) from chlorauric acid or sodium chloraurate. 
When freshly prepared, it is a yellowish-brown precipitate, which 
becomes a brown powder on drying. Auric hydroxide is another 
amphoteric compound having feeble acidic properties. It, there- 
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fore, interacts with an excess of bases to form aurates {e. g., 
NaAuOs.GH^O) which are salts of metauric acid (1 and 2 ). 

( 1 ) HsAuOj IIAu 02 (metauric acid) + H^O 

( 2 ) HAuO. 2 + NaOH NaAuO, + H^O 

Auto and Auri Cyanides.- 'Phe addition of an excess of a solution 
of a cyanide, e. g., NaCN, to aurous and auric salts, respectively, 
forms colorless and soluble aurocyanides (NaAu(CN)2) and auri- 
cyanides (NaAu(CN)4). These solutions are used as electrolytes 
in the gold plating of jewelry, ornaments, etc. 
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Introduction. ’ Calcium, strontium and barium are known as the 
alkaline earth metals. These elements, together with radium, form 
Division A of Group II in the periodic table. Despite the fact that 
radium possesses chemical properties that are very similar to those 
of calcium, strontium and barium, it is usually discussed with the 
other elements (Rn, Ac, Th, Pa, U) having the uiiusual property of 
radioactivity. The electropositivity of the members of this family 
is surpassed only by that of the alkali metals. Like the latter, the 
activity increases as the atomic weights in(‘rease. 

These elements are bivalent and never react to form complex 
ions. They all act energetically on water, liberating hytlrogen and 
forming hydroxides. The elements unite dire(‘tly with hydrogen 
and nitrogen to form the respective hydrides (XIlj) and nitrides 
(X3N2). The oxides of these metals are formed l)y heating the 
hydroxides, carbonates or nitrates. They are infusible at high tem- 
peratures and are not reduced by hydrogen or carbon under such 
conditions. The hydroxides of this group are not as soluble in 
water as those of the alkalies but, nevertheless, the\' resemble them 
by being active bases. On the other hand, the carl)()nates, sulfates, 
phosphates and fluorides, unlike the corresponding salts of the 
alkalies, are alinosi insoluble in water. From a standpoint of 
stability, the compounds of the elements of this family are between 
those of the alkalies and those of the heavy metals. Their stability 
increases as the atomic; weights of the elements increase. Thus, 
calcium (atomic weight, 40.08) compounds are the easiest to 
decompose, whereas those of barium (187.30) are the most difficult. 
The alkaline earth metals never occair free in Nature. In com- 
bination, chiefly as carbonates and sulfates, they are widely and 
abundantly distributed. 


CHAPTER XVIII 

CALCIUM AND CALCIUM COMPOUNDS 

CALCIUM 

Symbol, ('a. Valence, 11. Atomic Weight, 40.08; 

Atomic Number, 20 

History.— A description of the process of calcining lime.stone 
(lime burning) is found in the writings of Dioscorides and Plin\'. 
The ancients used lime in mortar for building purposes. In 1808, 
Davy obtained the first calcium metal by electrolysis. 

( 312 ) 
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Occurrence.- Calciuiii is never found free in Nature. In eoinbi- 
nation it is widely distributed and occurs most abundantly in the 
form of the c*arbonatc. This is found in a comparatively pure 
condition as chalk\ marble^ Hmr.sioney calcitCy aragonite, and vmri. 
Many other minerals, notably dolnymiCy contain the carbonate as 
one of the constituents. Calcium also occurs in large quantities 
as //?/or.s7>r/r in' Jl norite |('aF-jl, gyimim or .selenite [CaS04 . 2H2O], 
anhydrite [(’aS()4j, j)ho.s])hate rock [ra;}(P04)2j, and as a constituent 
of nearly all silicates. Both plants and animals contain calcium 
in some combined form. 

Physical Properties.- ('alcium is a silvery-white, crystalline (cubic) 
metal, which gradually becomes gray by oxidation. It is harder 
than lead and may be cut, drawn, and rolled. It has a density of 
1.54 melts at 810° (\, and boils at 1240° C. 

Chemical Properties.- Th(‘ cluanical properties of calcium will be 
considered under the headings: (1) metallic calcium, and (2) the 
(‘alciuin ion. 

1. Calcium readily decomposes water at ordinary temperatures 
with the rapid evolution of hydrogen. The heat developed by this 
reaction is insuHlcient to inflame the latter (difference from alkali 
metals). Oxygen, hydrogen, nitrogen, sulfur, phosphorus, and the 
halogens do not readily attack the metal in the cold. However, 
when it is heated they combine vigorously with it. Calcium burns 
in air with a brilliant white flame to form calcium oxide (CaO) and 
calcium nitride (('unN-i)- The latter is a(‘ted upon by water and 
forms ammonia and the hydroxide of the metal (1). 

(1) (4iaX.> + (illoO -> 3Ca(OII)o + 2NH, T 

('alciuin forms an amalgam with mercury. 

2. The chief chemical reactions involving the calcium ion are 
those of j)reeipitation, be(*ause, as indicated in the introduction, 
the alkaline earth metals form many insoluble salts. A typical 
example is that of the carbonate ion which readily precipitates 
calcium as the insoluble carbonate (2). 

(2) Ca++ + cor -> CaCOa | 

This reaction is involved in the testing of solutions for calcium, 
i. e., by passing ('O2 into a solution of caleium hydroxide. It is 
interesting to note that even though insoluble ealciuni carbonate 
does form, it is possible to solubilize it by passing into the cold 
solution more COo (3) to form soluble calcium bicarbonate. 

(3) (4iCOa + COo + HoO (Ai(IICOa)2 

Soluble oxalate salts also precipitate calcium as insoluble calcium 
oxalate (4). 44iis reaction was the basis of the poisonous action 
of the ill-famed “Elixir of Sulfanilamide’’ in which the solvent was 
ethylene glycol. This was readily oxidized in the body to oxalic 
acid which in turn precipitated the caleium in the blood as insoluble 
calcium oxalate. 

(4) C 2 O 4 ”” -f- Ca*^"^ — > C^aC204 i 
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When neutral solutions of calcium salts are treated with soluble 
phosphates such as sodium phosphate, a white, flocculent precipi- 
tate of insoluble secondary calcium phosphate forms (5). If, 
however, the solution is made ammoniacid, the precipitate which 
forms is tertiary calcium phosphate ((), 7). 

(5) + NadlP()4 -> CairPOi j + 2Na< 

(()) HPOr + OH- II2O + PO/' 

(7) 3Ca++ + 2P(.)4- (:a3(P()4)2 i 

Calcium ion is also precipitated by sulfate ions as more or less 
insoluble calcium sulfate (8), but it requires a fairly high concen- 
tration of sulfate ion because calcium sulfate is appre(‘iably soluble. 

(8) Ca++ + S 04 “ ^ CaS 04 [ 

\\)latile compounds of calcium impart a reddish-yellow color to 
a non-luminous flame, and non-volatile calcium salts will do the 
same when moistened with hydrochloric acid. 

Many of the calcium salts exhibit a pecniliar solul)ility in that 
they are more soluble in cold solutions than they are in hot solutions. 

Official Tests for Identity. — 1. In neutral or alkaline solutions 
calcium salts produce a white precipitate when treated with am- 
monium oxalate T.S. (4). The precipitate is insoluble in acetic 
acid but is soluble in hydrochloric acid. 

2. Calcium salts when moistened with hydrochloric acid will im- 
part a transient yellowish-red color to a non-luminous flame. 

Commercial Manufacture. — Calcium is made by the electrolysis of 
the molten chloride. The process is carried out in a (‘rucible made 
of iron and lined with blocks of graphite secmrely fastened together. 
This acts as the anode. A rod of iron serves as the c athode. The 
crucible is flllcd with anhydrous calcium chloride, which is melted 
by temporarily connecting the anode and cathode with a thin rod 
of carbon. As soon as fusion has begun, the carbon rod is removed. 
The resistance of the fused material is suflicient to maintain the 
temperature. The calcium is liberated at the end of the cathode 
and collects upon the surface of the melt. When the cathode is 
drawn slowly from the bath, the calcium, which adheres to it, is 
obtained in the form of an irregular rod. At no time during the 
run is the calcium rod separated from the molten metal cathode 
on the surface of the bath, as this would cut off the current and 
the reaction would cease. 

The metal is sometimes used instead of Na or K as a reducing 
agent in organic synthesis and for dehydrating oils, etc. 

Pharmacological Action of the Calcium Ion. — Calcium is extremely 
important in the maintenance of certain normal body functions. 
It is important in the following capacities: 

1. As an indispensable cation relating to the functional integrity 
of the voluntary and autonomic nervous systems. 

2. As a factor in proper cardiac function. 

3. As a factor in blood coagulation. 

4. As the structural basis of the skeleton and like tissue. 
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Ordinarily, sufficient calcium is ingested in the normal diet 
(0.45 dm. daily requirement) to supply the body needs. The 
ingested calcium is absorbed in the upper portion of the intestinal 
tract and is excreted in the urine and fe(*cs. An acid condition in 
the intestine favors absorption of calcium salts because of better 
solubility in the acid medium. An alkaline reaction retards absorp- 
tion by favoring precipitation of insoluble calcium salts. likewise, 
a high fatty acid content in the bowel slows down absorption by 
forming insoluble calcium soaps. 

The calcium of the body exists principally in the form of the 
bony skeleton as calcium carbonate and phosphate. The rest of 
the calcium is found in the extracellular fluid (see p. 147) in the 
form of soluble simple salts, combinations with serum protein (as 
undissociated calcium), and soluble calcium complexes. There is 
a balance in the body betw^een the various forms of calcium, but the 
ionic form of calcium is the only one which is physiologically active. 

Reduction in the amount of ionized calcium in the blood causes 
a hypocalcemic tetany characterized by an increased irritability of 
all types of nerve and muscle. On the other hand, serum calcium 
in excess has the opposite effect and from the pharmacological 
point of view' may be considered as a nerve sedative. 

Calcium has a cardiac action similar to digitalis, and it is believed 
that high calcium concentrations increase the toxicity of digitalis. 
The cardiac effects of calcium are related to the delicate balance 
between calcium and potassium ion, either one when in excess 
causing cessation of heart beat. Excess potassium causes a dias- 
tolic arrest, whereas excess calcium causes systolic arrest. 

It is believed by some that calcium decreases the permeability 
of the capillaries and thereby prevents edemas, etc. This belief 
has not been well received and consequently calcium is little used 
for this purpose. 

The role of calcium in blood clotting is well know n and does not 
require further elaboration. However, it is w'ell to point out that 
calcium deficiency rarely, if ever, is the cause of prolonged blood 
clotting time. Increasing calcium intake never shortens the clotting 
time. 

Nutritional deficiencies of calcium lead to faulty growth. The 
need for calcium therapy in these conditions may result from 
insufficient intake, insufficient vitamin I), etc. Vitamin D is essen- 
tial for the maximum absorption of dietary calcium and this fact 
is reflected in the many calcium preparations on the market to 
which vitamin 1) has been added. Insufficient calcium in the diet 
tied together wdth too little calcium in the skeleton results in 
rickets in children and osteomalacia in adults. 

A more or less new^ use of calcium salts is in the control or relief 
of various allergic manifestations, i. e., eczema, pruritus and 
urticaria. On the theory that these allergies are exhibitions of 
vagotonia (irritability of the vagus nerve) and because calcium 
and magnesium are nerve sedatives, it w^ould logically follow that 
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intensive calcium therapy would relieve such conditions. This 
has proven correct and therefore calcium is much used intraven- 
ously in combination with bromine (as calcium bromide or organic 
calcium bromide combinations) to decrease skin sensitivity in the 
aforementioned diseases. The accompanying diagram (Fig. 14) 
shows the re(‘ognized and experimental indications for cal(*ium 
therapy. 



Pic. 14. ■ Recognized and experimental indications for calcium therapy. (Roche 
Review, June-July. 1944. Permi.ssion to reiirorluce grantefl hv the editors IIofT- 
rnarin La Roche, Inc., Nutley, N. .J.) 

Calcium salts are also used as acid-forming diuretics, the mechan- 
ism of action in the case of calcium chUiride being analogous to 
that of ammonium chloride. However, the calcium ion is removed 
from the chloride as insoluble calcium phosphate, whereas ammo- 
nium ion is disposed of as urea (see p. 204). 

Some of the insoluble calcium salts, e, g., calcium carbonate, are 
used as gastric antacids. It is claimed that salts of this type are 
less apt to cause a systemic alkalosis than are soluble antacids 
such as sodium bicarbonate. 
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Official Calcium Compounds 

CALCIUM BROMIDE 

Calchnn Bromide, N. F. VIII 
Formula, CaBr^. Molecular Weight, 199.91 

Physical Properties. -Calcium Bromide is a white, granular salt. 
It is odorless and has a hitter taste. It is very deliquescent. 

One (im. of the salt dissolves in about 0.7 cc. of water and in 
about 1.3 cc. of alcohol, at 25° C. One Gm. is soluble in about 
0.4 cc. of boiling water. It is insoluble in chloroform and in ether. 

When heated at red heat, the salt fuses and gives off vapors of 
bromine. Anhydrous calcium bromide (CaBr 2 ) melts at 705° (’.; 
the trihvdrate (CaBr2.3H20) at 80.5° (\, and the hexahvdrate 
((’aBr. OlI.O) at 38.2° C. 

Chemical Properties. — Aqueous .solutions of calcium bromide give 
the reactions characteristic of calcium ion {q. i\) and bromide ion 
(</. 

Official Tests for Identity. — 1 . A solution (1 in 20) of Calcium 
Bromide in water gives tlie tests for Calcium (q. v.), 

2. A solution also gives the tests for Bromide {q. i\). 

Commercial Manufacture, ('alcium bromide is usually prepared 
by adding j)recipitatcd calcium carbonate to dilute hydrobromic 
acid until effervescence ceases (1). The neutral solution is filtered 
to remove excess of calcium carbonate and then evaporated to 
dryness. 

(1) 2IlBr + CaCO., — (’aBr 2 + C(),> T + H.O 

Pharmaceutical Preparations and Uses. — 1. Calcium Bromide (Cal- 
cii Bromidum), X. F. ^ III. — “ Calcium Bromide is a hydrated salt, 
containing not less than 84 per cent and not more than 94 per cent 
of CaBi’o.” The usual chemical formula assigned to this salt is 
CaBi’i 211,0. Calcium bromide is usually used for the same pur- 
j)oses as any other bromide salt, namely for the sedative action of 
the bromide ion. However, as previously indicated, calcium bromide 
may be used to take advantage of the synergistic action of calcium 
and bromine, since both are nerve sedatives. However, calcium 
bromide is unsatisfactory because of its unpalatability, irritant 
action, etc. If administered parenterally, it should only be given 
intravenously and then in dilute solutions. Another disadvantage 
claimed for (‘alcium liromide is that the ratio of bromine to calcium 
is too high, it being 4 to 1. In an effort to overcome these difficul- 
ties workers have turned to organic combinations with calcium 
bromide. One of such products is calcium galactogluconate-calcium 
bromide which has a bromine to calcium ratio of 2 to 1 and is much 
more pleasant to use. It is much more satisfactory for intravenous 
use and has advantages in the treatment of the various allergic 
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diseases previously mentioned. Average dose— I Gm. (approxi- 
mately 15 grains). 

2. Five Bromides Elixir (Elixir Bromidorum Quinque), N. F. 
VIII.— Contains 5.2 per cent of calcium bromide together with 
varying quantities of other bromides. Average dose— 4 cc. (ap- 
proximately 1 fluidrachm). 

3. Bromides Syrup (Syrupus Bromidorum), N. F. VIII.— This 
syrup contains 2.5 per cent of calcium bromide together with varying 
quantities of other bromides. Average dose —4 cc. (approximately 
1 fluidrachm). 

CALCIUM CARBONATE 

Precipitated Calcium Carbonate ^ U. S. P. XIII 
Formula, CaCOa. Molecular Weight, 100.09 

Occurrence. — Calcium carbonate is the most abundant and widely 
distributed calcium salt. It occurs as chalk, limestone, marble, 
aragonite and calcite, and is one of the chief (‘onstituents of shells 
(eggs and mollusks), corals and pearls. (See Calcium, p. 313.) In 
chalk it is amorphous, in limestone it is in a massive, indistinctly 
crystalline form, in marble it is crystalline, whereas in calcite and 
aragonite it occurs as distinct crystals. The dimorphic character 
of calcium carbonate is illustrated by the last two forms. When 
carbon dioxide is passed into cold lime water, or when a cold aqueous 
solution of a calcium salt is treated with a solution of a carbonate, a 
flocculent, amorphous precipitate is ])roduced, which soon becomes 
crystalline (calcite). Calcite is more abundant than aragonite in 
Nature and occurs as hexagonal crystals having a specific gravity 
of 2.711 at ^40° (1 On the other hand, if hot solutions of the react- 
ing substances are mixed, a crystalline precipitate is formed immedi- 
ately (aragonite). Aragonite occurs in Nature as rhombic prisms 
having a specific gravity of 2.93 at ^4^0 ° C. 

Physical Properties.— Precipitated Calcium Carbonatt^ is a fine, 
white microcrystalline powder. It is odorless and tasteless. It 
is stable in air. 

The salt is nearly insoluble in water (O.Ofio Gm. per liter at 
20® C.). The water solubility is increased by the presenc‘e of COo 
(see p. 313) and also by ammonium salts (except ammonium carbo- 
nate). The water solubility is decreased in the presence of alkali 
hydroxides. It is insoluble in alcohol, but is soluble in most acids 
with effervescence. 

Chemical Properties.— One of the principal chemical properties 
of calcium carbonate, of course, is its ability to neutralize acids. 
This is a common property of all other carbonates. A typical 
example is the reaction with hydrochloric acid (1). 

(1) CaC03 + 2HC1 ^ CaCb + CO2 1 + 1120 

The solubility of calcium carbonate in ammonium salts is accounted 
for in the following equation (2). The reaction does not go to 
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completion unless the mixture is boiled with a large excess of the 
ammonium salt. 

(2) (^aC03 + 2NH4+ Ca^ + + 2NH3 T + IbO + CO.2 T 

Official Tests for Identity. — !. The addition of acetic acid to cal- 
cium carbonate produces an effervescence (3), and the resulting 
solution, after boiling to expel carbon dioxide and neutralizing the 
excess acid, responds to all tests for the calcium ion (7. v.). 

(3) CaC03 + 2CH3COOn (CIl3COO),Ca + CO, t + H2O 

Commercial Manufacture.— Calcium carbonate is prepared com- 
merciall}' by the interaction of sodium carbonate and calcium chlo- 
ride (4). It is prepared in various grades for widely different uses. 

(4) Na,C03 + CaCl, CaC03 1 4- 2Na(::i 

Laboratory Preparation. — Dissolve 26 Gm. of sodium carbonate 
(NaoCO.i. lOlIoO) and 13.4 Gm. of calcium chloride ((\aCl, . 2H2O) 
each in 100 cc. of distilled water and filter the solutions. Warm 
both of the solutions to about 60° C. and pour the calcium chloride 
solution into the solution of sodium carbonate, constantly stirring 
the mixture (o). Wash the precipitate on a filter with warm water 
until a j)ortion of the filtrate, when acidified with diluted nitric 
acid, docs not give a precipitate with silver nitrate test solution (6). 
Wash the precipitate of calcium carbonate, dry it in an oven, and 
powder. 

(5) CaCU:2lhO + Xa2(X)3.10H.>O i'aCiXi + 2Nari + 

121I.,() 

(6) Xa( 1 “h AgXO.^ — > Ag( I I -f- XaXOs 

When calcium carbonate is precipitated in the cold, it is at first 
fiocculent and quite voluminous, but slowly (‘hanges to a very fine 
micro-crystalline product, which is more difficult to wash free from 
chlorides than when precipitated from warm solutions. (See specific 
gravity of calcium carbonate, p. 318.) 

Pharmaceutical Preparations and Uses. — 1. Precipitated Calcium 
Carhonatc (Calcii Garbonas Pnecipitatus, Precipitated Chalk), 
r. S. P. XIII.— “ JVccipitated Calcium Carbonate, when dried 
at 200° for 4 hours, contains not less than 98.5 per cent of 
CaCOs.” This preparation is usimI externally as a dentifrice because 
it has a mild abrasive quality due to its microcrystalline structure. 
It is used internally as an antacid because of its acid neutralizing 
powers. As previously pointed out (see p. 316), its water insolu- 
bility makes it less apt to cause systemic alkalosis. Some investi- 
gators^ have been able, however, to show that calcium carbonate is 
capable of producing alkalosis in spite of its water-insolubility 
and, furthermore, that calcium carbonate has a tendency to cause 
constipation. 

^ Kirsnor and Palmer; J. Am. Med. Assn , 116, 384 (1941). 
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Calcium carbonate in other grades than the pharmaceutical 
grade is used for a variety of purposes. Many fine baking powders 
contain this chemical, and the coated paper of quality magazines 
owes its whiteness and brightness to calcium carbonate. This 
versatile chemical is an excellent reinforcing agent for rubber, lend- 
ing tensile strength and tear resistance to hot-water bottles, rubber 
gloves, auto tubes, etc. 

Calcium carbonate in the form of limestone and marble has long 
been used as a building material. Limestone is also used for making 
lime, calcium carbide, calcium cyanide, glass, and in metallurgy 
(especially as a flux in smelting iron ores). 

Chalk occurs widely distributed, and is found abundantly on the 
coast of the Knglish Channel. It is composed of minute shells of 
marine animals {Foraminifera), and besides calcium carbonate, 
contains small amounts of silica, iron, aluminum, magnesium and 
organic matter. A chalk, especially pre})ared for internal use, is 
used as an antacid (see p. 321). Average dose— 1 (Jin. (approxi- 
mate! v 15 grains). 

2. Penicillin rahHs (Tabelke Penicillini), U. S. P. XHI.-(See 
also p. 184.) Calcium carbonate may be used in these tablets to 
act as a buffer in the gastric juices, thus prev(uiting excessive 
destruction of the penicillin in the stomach. Average daily dose 
of penicillin —On a fasting stomach, 300, 000 units. 

3. Calciinn Carbonate Tablets (Tabelhe Cal(‘ii Carbonatis), X. K. 
MIL— These tablets “(‘ontain not less than 02.5 per cent and not 
more than 107.5 per cent of the labeled amount of CaCO.i.” Like 
the powder, the tablets are used as an antacid. 

4. N. F. Dentifrice (1 )entifriciuni N. F., X". F. Tooth Powder), 
X. F. MIL— X". F. Dentifrice contains 93.5 per cent of precipitated 
calcium carbonate together with 5 per cent of hard soap and small 
quantities of flavoring agents. The precipitated calcium carbonate 
provides the abrasive qualities for this efficient dentifrice. 

5. Sodium Bicarbonate and Calcium Carbonate Powder (Pulvis 
Sodii Bicarbonatis et Lalcii (\arbonatis, Sippy Powder X^). 1), 
X. F. ^TIL — (See p. 158.) This preparation makes use of the 
antacifl action of calcium carbonate and contains 23 per cent of 
precipitated calcium carbonate, together with 77 per cent of sodium 
bicarbonate. Average dose— 2.0 (Im. (approximately 40 grains). 

0. Sodium Bicarbonate and Calcium Carbonate Tablets (Tabelhe 
Sodii Bicarbonatis et Calcii Carbonatis, Sippy Powder Tablets 
Xo. 1), X. F. VIIL— This preparation contains Sippy powder in 
tablet form for convenient administration. 

7. Comjjound Sulfur Ointment (Unguentum Sulfuris Compositum, 
Wilkinson's Ointment, Ilebra's Itch Ointment), X^. F. VIIL— This 
ointment contains 10 per cent of precipitated calcium carbonate 
together with sublimed sulfur and juniper tar (15 per cent each), 
and soft soap and solid petroxolin (30 per cent each). The calcium 
carbonate is said to be present for the purpose of combining with 
thiolic and thionie acids whi(*h are formed when sulfur is in con- 
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tact with the skin. The resulting calcium salts then exert an 
active parasiticidal action. This ointment is much used in the 
treatment of scabies (itch), but it has been superseded by better 
agents (see p. 564). 

8 . Zwc Oxide Soft Paste (Pasta Zinci Oxidi Mollis, Unna’s Soft 
Zinc Paste), N. F. VIII.— This preparation contains 25 per cent 
each of zinc; oxide and precipitated calcium carbonate, together 
with appropriate quantities of oleic acid, linseed oil and calcium 
hydroxide solution. When applied to the skin this paste acts as a 
drying paste with a mild antiseptic and astringent action. 

Prepared Chalk (Creta Prieparata, Drop Chalk), U. S. P. XIII. - 
Prepared chalk is a native form of calcium carbonate that has been 
freed from most of its impurities by eliitriation. It contains, when 
dried to (*onstant weight at 200 ° C., not less than 97 per cent of 
(aCO,. 

It is a white to grayish-white, microcrystalline powder. It is 
often pre])ared in cones, sometimes called ‘'conical drops.” It is 
odorless, tasteh'ss, and stable in the air. Prepared chalk responds 
to all the tests for identity given under calcium carbonate ( 7 . r.). 

Prepared chalk is made by the process of elutriation. This con- 
sists in suspending the powdered native chalk in cold water, allowing 
the heavier materials to subside and straining the milky aqueous 
suspension of the finer particles through suitable cloths. The pasty 
mass is transferred from the strainer to a funnel, from which it is 
dropped upon porous tiles. The more or lesS coarse material that 
settles out is known as “whiting.” 

Prepared chalk is to be preferred to precipitated calcium (*arbo- 
nate for internal administration because it is more impalpable and 
because it j)ossesses marked adhesive properties. It is an excellent 
antacid and, on account of its mild, non-irritating protectiye action, 
is employed in the treatment of various forms of diarrhea,- It is 
possible that the depressant calcium-ion action contributes to its 
efficacy. Avc'rage dose -1 (hn. (approximately 15 grains). 

It is an important constituent of the following preparations: 

1 . Olidl/i Mixture (Mistura Cretan), V. S. P. XIII. -This prepa- 
ration contains ti per cent of prepared chalk held in suspension by 
bentonite magma and flavored with saccharin sodium and cinnamon 
water. Average dose - 15 cc. (approximately 4 fiuidrachms). 

2. Aromatic Chalk Powder (Pulvis (^reta‘ Aromaticus), N. F. 
\ III.— This preparation contains 25 per cent of prepared chalk 
together with sucrose and flavoring agents. Average dose — 2 Gm. 
(approximately 30 grains). 

3. Compoaud Chalk Powder (Pulvis (.'retfc Compositus), F. 
\ III.- -This preparation contains 30 per cent of prepared chalk, 
20 per cent of ac‘a(4a and 50 per cent of siUTose. Average dose— 
2 (Jrn. (approximately 30 grains). 

4. Mercury With Chalk (Hydrargyrum cum Greta), N. F. MIL 
“Mercury with C^halk contains not less than 36 per cent and not 
more than 40 per cent of Hg.” In addition to mercury it contains 

21 
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57 per cent of prepared chalk, 10 per cent of honey and the remain- 
der distilled water. It is used as a mild mercurial laxative. Aver- 
age dose— 0.25 Gni. (approximately 4 grains). 

CALCIUM CHLORIDE 

Calciarn Chloride, U. S. P. XIII 
Formula, CaCl>.2Il20. Molecular Weight, 147.03 

Occurrence.— Calcium chloride occurs as tachhydrite (CaCh.- 
2MgCl2. 12H2O) at Stassfurt. It is found in some other minerals, 
in sea water and in many mineral waters. In the fourteenth 
(‘entury, Isaac Hollendus prepared it by heating a mixture of lime 
and sal ammoniac. 

Physical Properties. — (^alcium Chloride occurs as white, hard 
fragments or granules. It is odorless and has a sharp, hitter, saline 
taste. It is very deliquescent. 

One Gm. of (\alciiim Chloride dissolves in 1.2 cc. of water and in 
about 10 cc. of alcohol, at 25° C. One Gin. also dissolves in 0.7 cc. 
of boiling water and in about 2 cc. of boiling alcohol. It is insoluble 
in ether, chloroform, and in fixed and volatile oils. Because of 
its great solubility in water, the salt forms an excellent freezing 
mixture with ice. When 1 part of the salt is mixed with two-thirds 
of its weight of crushed ice it gives a temi)erature of —45° C. 

Chemical Properties. — Calcium chloride forms several hydrates, 
mz., the monohydrate, CaCd^.lIoO, the dihydrate, CaCl2.2H20, the 
tetrahydrate, ('aCl.’. 41120, and the hexahydrate, CaCli.bICO. 
When aqueous solutions of the salt are evaporated, there are obtained 
large, hexagonal prisms of the hexahydrate, which melt at 29.92° C. 
and have a specific gravity of l.()817 at C. Upon the applica- 
tion of heat, all of the hydrates lose part of their water of hydration 
and are conx erted into a porous mass wliich is used for drying gases 
and liquids. It should be noted that during the heating, some cal- 
cium oxide is formed by the reaction of some of the calcium chloride 
with water (1) (2). 

(1) Ca(\ + 211011 ^ ('a(OlI)., + 211(3 

(2) (;a(OII)2 ( aO + lUO 

Although anhydrous calcium chloride is widely used for drying 
organic liquids, gases, etc., it is unsuited as a drying agent for alco- 
hols because it forms crystalline compounds known as alcoholates 
with them: CaCl2.4C2n50H; CaCl2.4CIl30H. It is likewise un- 
suited for drying ammonia gas, since it unites directly with it, 
forming a compound, CaCi2.4NH3. The chemical properties of 
calcium chloride are exhibited by the reactions of the calcium ion 
and of the chloride ion. 

Official Tests for Identity. — 1. A 1 in 10 aqueous solution of cal- 
cium chloride responds to the tests for Calcium (q. v.). 
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2. The aqueous solution also responds to the tests for Chloride 
{q. V.). 

Commercial Manufacture. — Calcium chloride is a by-product of 
many industrial processes of which perhaps the Solvay soda process 
is the most important. In this process ammonium chloride is a 
by-product at the time sodium bicarbonate is formed (see p. 170). 
The sodium bicarbonate is in suspension in the solution containing 
the ammonium chloride and is then filtered out. The recovery of 
the ammonia from the ammonium chloride is accomplished by 
treating this solution with milk of lime, ra(OII )2 (3), leaving cal- 
cium chloride as a by-product. The liberated ammonia, of 
course, is easily obtained from the solution by heating, and the 
remaining solution needs only to be concentrated to obtain the 
solid calcium chloride. 

(3) 2 Nir 4 Cl + Ca(OH )2 CaClo + 2 NH 3 T + 2 II 2 O 

Pharmaceutical Preparations and Uses. — 1. Calciiivi Chloride (Cal- 
cii ( ’hloriduiii), 1. S. P. Xlll. — ‘^(’alcium Chloride contains not 
less than 75 per cent and not more than 81 per cent of CaCb.” 
Tliis salt is one of the important calcium salts used in modern 
therapy. When calcium chloride is administered, the calcium is 
disposed of by the body as insoluble calcium phosphate and is 
excreted by way of the bowel. The chloride portion of the mole- 
cule acts in a manner similar to hydrochloric acid, r. e., to decrease 
the alkali reserve of the body. It is for this reason that calcium 
chloride is often administered to produce an acid urine or a definite 
acidosis (as in the treatment of calcium tetany). While calcium 
chloride may be used for the calcium content, and sometimes is, 
it has never been shown that it is superior to any other calcium 
salt. In fact, calcium chloride is inferior for oral administration 
because of its unpleasant taste and highly irritating nature. If it 
is to be administered orally, however, it should be combined with 
a demulcent vehicle, such as milk, to minimize the irritation. Like- 
wise, it is not the best preparation for parenteral administration 
since it cannot be used intramuscularly or subcutaneously due to 
its irritating and corrosive, characteristics. Therefore, its use is 
confined to intravenous injection. Because of the disadvantages 
associated with the use of calcium chloride, efforts have been made 
to modify the calcium chloride molecule in such a way as to mini- 
mize the unpleasant side-effects. As a result, a compound chemi- 
cally named calcium chloride urea, (5iCl2.4(NH2)2CO, and com- 
mercially named Afenil was made. It is administered intravenously, 
not orally, and is said to be much better tolerated and less irritating 
than calcium chloride. 

2. Rwger\s‘ Solufimi (Liquor Uingeri, Isotonic Solution of Three 
Chlorides, U. S. P. XII), U. S. P. XIIL— This preparation contains 
in each 100 cc. not less than 30 mg. and not more than 30 mg. of 
CaCl 2 . 2 Il 20 together with appropriate quantities of other chlorides 
(Na and K). (See also p. 178.) 
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3. Lacfated Rmgers Sohdion (Liquor llingeri Laeticus), U. S. P. 
Xin.— This solution contains in each 100 cc. not less than 18 mg. 
and not more than 22 mg. of CaCl 2 . 2 H 20 together with other 
chlorides (K and Na) and sodium lactate. (See also p. 178.) 

4. Calcium Chloride Ampvh (Ampulhe Calcii (Jhloridi), N. F. 
Vni.— These ampuls “contain a sterile solution of calcium chloride 
in water for injection, and yield CaCIo, equal to not less than 72 per 
cent and not more than 79 per cent of CaLli. 2 II 2 O.” This is 
simply a convenient form of medication for intravenous injection. 
Average dose -l (iin. of Calcium Chloride. 

5. Pectin Paste (Pasta Pectini), X. F. VIII. ~4Te calcium chloride 
in this preparation is supplied by Itinger’s solution. (See also p. 180.) 

(). Thin Pectin Piude (Pasta Pectini Tenuis), N^. F. VIII.— This 
preparation contains liingcr’s solution, of which calcium chloride 
is an ingredient. (Sec also p. 180.) 


CALCIUM GLUCONATE 

Calcium Gluconate, W S. P. XIII 


Formula, Ca(C 6 lIii 07 ).>. II>0; [ClUm{CUOU),.(A)0]rii AW 
Molecailar Weight, 448.39 


Physical Properties. - Calcium Clu(*onate occurs as a white, crys- 
talline or granular powder without odor or taste. It is stable in air. 

One Gm. of Calcium Gluconate dissolves slowly in about 30 cc. 
of water at 2rC C., and in about 5 cc. of boiling water. It is in- 
soluble in alcohol and in other organic solvents. 

Chemical Properties. Solutions of calcium gluconate respond to 
all reactions of the calcium ion. Addition of hydrochloric acid or 
other acids to solutions of calcium gluconate cause the formation 
of gluconic acid in solution, although it will not precipitate out. 
The gluconic acid is said to be converted quite easily to d-glucono- 
I act one (1). 


(1) Galciuin glu(*onatc 
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Official Tests for Identity.- 1. A 1 in 50 solution of Calcium Glu- 
conate responds to the tests for Calcium (q. ??.). 

2. 4\) 5 cc. of a warmed 1 in 10 aqueous solution of Calcium 
Gluconate is added 0.G5 cc. of glacial acetic acid (2) and 1 cc. of 
freshly distilled phenylhydrazine. 44ie mixture is heated on a 
water-bath for thirty minutes and allowed to cool. When the 
solution is cool and particularly when the inside of the tube is 
scratched with a glass rod, crystals of gluconic-acid-phenylhydra- 
zide form (3). 
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(2) [(:H,,0Ii((lI01I)4.(^00],(:a.Il,0 + 211(MI,()2 2( 11,011.- 

((H0H)4.C00H + (^a((yi30,)2 + H.>0 

(3) ( Il20H(( H0II)4.C 0011 + C 6 H 5 NH. XH., ( II.OH- 

(( HOII) 4 ro NH .NH .CJIsi + H 2 O 

Commercial Manufacture. Calriuin j^liieonate riia\' he prepared 
either by the oxidation of j^lueose to glueonie aeid in tlie presence 
of calcium carbonate or by first preparing gluconic acid and then 
adding calcium carbonate to form the salt. In the former method 
the oxidation of glucose is effected either by bromine or by electro- 
lytic oxidation in the presence of sodium bromide. In the latt(‘r 
procedure, the gluconic acid is usually obtained l)y the action of 
various moulds or bacteria of the A(‘etobacter group upon gliicos(\ 

Pharmaceutical Preparations and Uses. 1. Catcimn (Huconnie 
(Calcii (dueonas), I . S. P. XIll.— This salt “contains not less 
than 8.8 per cent and not more than 9.3 per cent of calcium (Pa), 
corre\sponding to not less than 99 per (*ent of C'a(r 6 llii 07 ) . 11,0.” 
It is used as a source of calcium ion both for oral, intravenous and 
intramuscular use, and is much superior to cal(*ium chloride in that 
it tastes better and is much less irritating. The salt is used exten- 
sively in the treatment of milk fever in cows. Average dose — 
Oral, 5 dm. (api)roximately 75 grains); Intramuscular or intra- 
venous, 1 (iin. (approximately 15 grains). 

2. Calcimn (Uiwouaie Injection (Injectio Calcii dduconatis), 
U. S. P. XIII.— This injection “is a sterile solution of calcium 
gluconate in water for injection. It contains not less than 95 per 
cent and not more than 105 per cent of the labeled amount of 
Ca(C 6 lIii 07)2 . Ilof^).’ It is permissibleTo add calcium d-saccharate, 
or other calcium salts as stabilizers provided, however, that the 
amount of such added calcium salts, calculated as cak*ium (Ca), 
does not exceed 5 per cent of the calcium (Pa) present as calcium 
gluconate. For the purpose of insuring greater stability, it is also 
permitted to adjust the pH with sodium hydroxide to not above 8.2. 
Average dose of Palcium dluconate — Intramuscular or intravenous, 
1 dm. (approximately 15 grains). 

3. Calcinvi Gluconate Tablets* (Tabella^ Palcii (duconatis), N P. 
Vm.— These tablets “contain not less than 92.5 per cent and not 
more than 107.5 per cent of the labeled amount of PafPellnO?)^ - 
II 2 O.” The tablets provide a convenient form for orally adminis- 
tering calcium gluconate. Average dose 5 dm. (approximately 
75 grains) of Palcium dluconate. 

CALCIUM GLYCEROPHOSPHATE 

Calcium Glycerophotiphaie, N. F. ^T1I 

(TIoOH O 

I X' 

Formula, CaC 3 H 5 ( 0 II) 2 P 04 ; PH O— P--0 (5i 

I \ 

CH 2 OH O 

Molecular WelirVit 910 lA 
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Physical Properties.— Calcium glycerophosphate is a fine, white, 
odorless and almost tasteless powder. It is slightly hygroscopic. 

One Cm. of the salt dissolves in about 50 cc. of water at 25° C. 
Its solubility in water increases as the temperature decreases. The 
presence of citric acid increases its solubility in water. It is insol- 
uble in alcohol. 

Chemical Properties.— When calcium glycerophosphate is heated 
above 170° C., it is decomposed with the evolution of inflammable 
vapors. At red heat it is converted to calcium pyrophosphate. 

The principal chemical properties of this compound may be 
attributed to the calcium ion (q, v.) and the phosphate ion which 
result on decomposition of the glycerophosphoric acid. (See Sodium 
(Glycerophosphate, p. 186.) 

Official Tests for Identity, — 1 . A saturated solution responds to 
the tests for Calciiim {q. v.) and Glycerophosphate ((/. v.). 

2. When a cold, saturated, aqueous solution of the salt is raised 
to boiling, small iridescent scales of anhydrous calcium glycero- 
phosphate separate out. 

3. When heated strongly it decomposes giving off inflammable 
vapors, and when heated to red heat, calcium pyrophosphate is 
formed. 

4. With lead acetate T.S., a saturated aqueous solution of Cal- 
cium Glycerophosphate yields a white, curdy precipitate, which is 
soluble in nitric acid. 

Commercial Manufacture.- (See Sodium Glycerophosphate, p. 18().) 

Pharmaceutical Preparations and Uses. — 1. Calcium Glycerophos- 
phate (Calcii Glycerophosplias), N. F. VIII.— This salt “is the 
normal calcium salt of glycerophosphoric acid and, when dried to 
constant weight at 130°, contains not less than 98 per cent of 
CaC 3 ll 5 ( 0 H) 2 p 04 .” This salt is useful chiefly as a source of the 
calcium ion although the presence of combined phosphorus lends 
itself to the simultaneous administration of both elements. The use 
of glycerophosphoric acid salts was originally based on their simi- 
larity to lecathins. The lecithins are the esters of fatty acids and 
glycerophosphoric acid combined with a nitrogenous base (chiefly 
choline). They occur in animal cells generally combined with pro- 
teins. When administered orally they are broken up into glycero- 
phosphates in the intestines. In 1894 Hcrlow, Pasqualis and Robin 
suggested that the direct administration of glycerophosphates (cal- 
cium and sodium) might produce the same results as obtained by 
using lecithin. Despite the facts that glycerophosphoric acid is so 
similar to a part of the lecithin structure (see below), and that the 
phosphorus of the lecithin of foods is changed into glycerophosphoric 
acid before being assimilated, Willstaetler claims that synthetic 
glycerophosphoric acid is not the same as that formed by the decom- 
position of lecithin. It is generally conceded that the real usefulness 
and value of glycerophosphates is still very much in doubt. 
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Average dose— 0.3 (jin. (approximately 5 grains). 

2. Calcium and Sodium Glyceropluhspliates Elixir (Elixir (’aleii et 
Sodii (ilycerophosphatum, Glycerophosphates Elixir), X. F. - 
In addition to other ingredients, this elixir contains 0.9 per cent of 
calcium glycerophosphate together with l.(S per cent of sodium 
glycerophosphate. (See also p. 180.) Average dose— 4 ee. (approxi- 
mately 1 fluidrachm). 

3. Compound Glycerophosphates Elixir (Elixir Gl.\'eerophospha- 
tum Compositum, Compound Glycerophosphates Solution), N. F. 
VI II.— This elixir contains 1.0 per cent of calcium glycerophosphate 
together with other glycerophos])hates, etc. (See also p. 188.) 
Average dose— 8 cc. (approximately 2 fluidraehms). 


CALCIUM HYDROXIDE 

Calcium Hydroxide, U. S. F. XIII 
Formula, Ca((3II)<2. Molecular Weight, 74.10 

Physical Properties. — (^alcium Hydroxide occurs as a soft, white, 
crystalline powder, possessing an alkaline, slightly bitter taste. 
One (bn. of it dissolves in 030 cc. of water at 25° C., and in 1300 cc. 
of boiling water. It is soluble in glycerin and in syrup, but is 
insoluble in alcohol. 

Chemical Properties.— When mixed with three or four times its 
own weight of water, it forms a smooth magma called ‘‘Milk of 
Lime.'’ This is different from “Lime Water” which is a clear, 
'Saturated aqueous solution of calcium hydroxide. 

Calcium hydroxide solutions are fairly basic in reaction and are 
capable of neutralizing acids, e, g,, hj^drochloric acid, with the 
formation of the corresponding calcium salt (1). As a special type 
of neutralizing action one may consider the ability of calcium 
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hydroxide to absorb carbon dioxide with the formation of calcium 
carbonate (2, 8). 

(1) Ca(0H)2 + 2HC1 CuCl, + 2H2O 

(2) H2O + CO2 ?=± H2CO3 

(3) Ca(OH)o + HoCO^ CaCOs i+ 2H2() 

This property of calcium hydroxide is exerted either in the solid 
form (requiring a little moisture) (see Soda Lime) or in the form 
of a solution. 

When strongly heated, calcium hydroxide loses water and is 
converted into calcium oxide (4). 

(4) Ca(0H)2 -> CaO + H^O 

Official Tests for Identity. — 1. When mixed with water to form 
“Milk of Lime’’ and allowed to stand, it settles to give a clear 
supernatant liquid. This liquid is distinctly alkaline to litmus. 

2. When calcium hydroxide is dissolved with acetic acid the 
resulting solution gives all the tests for Calcium (q. v.). 

Commercial Manufacture. Calcium hydroxide, commonly known 
as “hydrated lime,’’ is made by the careful addition of a limited 
amount of water to lime ((\aO). This process is known as “slak- 
ing” and is characterized by the avid absorption of water by the 
oxide to form calcium hydroxide (5) accompanied by the evolution 
of much heat, swelling of the LaO lumps and a final disintegration 
into a fine, white powder. Of course, the quality of the finished 
product depends upon the purity of the original limestone used to 
make the CaO. Several grades of calcium hydroxide are produced 
commercially. 

(5) (^aO + II2O Ca(0Il)2 

Pharmaceutical Preparations and Uses. 1. Calcium Hydroxide 
(Calcii Hydroxidum, Slaked Lime), U. S. V. XIIL — “Calcium 
Hydroxide contains not less than 95 per cent of (’a(On)2.” The 
medicinal and pharmaceutical applications of calcium hydrox- 
ide depend upon both the alkalinity (and consequent saponifying 
power) and the calcium-ion content of the compound, f Internally', 
a solution of it is used as an antacid. The solution is often added 
to babies’ formula? for the purpose of preventing curdling of the 
milk in the presence of acid gastric contents, thus promoting the 
digestibility of the milk. Occasionally', the solution is used as a 
source of calcium during pregnancy, etc., but there are more efficient 
and more pleasant ways of ingpting the required amount of cal- 
cium. f 

Inasmuch as calcium hydroxide has potentially a fairly high 
concentration of hydroxyl ions, it is used in many pharmaceutical 
preparations as a saponifying agent for oils; in many cases to 
permit of better mixing of other ingredients in the oily preparations. 
In addition, calcium hydroxide is mildly^ astringent. 



(^MAHUM UYDliOXIDlC 


:^»20 


2. Calamine Lotion (Lotio Calumiiue), U. S. P. Xlll.—This 
preparation contains 80 (iin. each of calamine and zinc oxide, 
20 cc. of gly(ierin, 400 cc. of bentonite magma and sufficient calcium 
hydroxide solution to make 1000 cc. of finished lotion. The use of 
calcium hydroxide solution as the diluent instead of distilled water 
undoubtedly adds mild astringent properties to the lotion. f The 
lotion is used as a jn'otective and mild astringent in various skin 
eruptions, f 



3. Calcium Hydroxide Solution (Liquor Calcii Ilydroxidi, Liquor 
Lalcis, Lime Water), U. S. P. XIIL— This “ is a solution containing, 
in each 100 cc., at 25° not less than 0.14 (jiii. of Ca(OII) 2 . 
The content of calcium hydroxide varies with the temperature at 
which the solution is stored, being about 0.17 Gm. per 100 cc. at 
15° , and less at a higher temperature.” It may be prepared 
by adding 3 Gm. of calcium hydroxide to 1000 cc. of cool distilled 
water. The mixture is agitated vigorously and repeatedly for one 
hour, and then the excess calcium hydroxide is allowed to settle. 
When the solution is dispensed, it is decanted from the settled 
residue and filtered if necessary. 

$ 
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A convenient apparatus for dispensing and at the same tune 
protecting lime water from atmospheric carbon dioxide is shown 
in Figure 15. The solution of calcium hydroxide may be syphoned 
out of either of the two large bottles. All air entering these bottles 
is freed of carbon dioxide by passing it through a strong solution 
of KOI! contained in the small bottle. When one of the large 
bottles is emptied, it may be disconnected from the system and 
used for making additional lime water. During this time the sup- 
ply is drawn from the other bottle. 

Because of the tendency for lime water to react with carbon 
dioxide in the air to form insoluble calcium carbonate it is desirable 
to protect it in storage. The undissolved residue in the bottle is 
not suitable for preparing additional quantities of Calcium Hydrox- 
ide Solution. The uses of this preparation have been discussed 
previously. Average dose— 15 cc. (approximately 4 fiuidrachms). 

4. Soda Lime (Calx Sodica), U. S. P. XIII. — (See Sodium 
Hydroxide, p. 191.) 

5. Black Lotion (Lotio Nigra, Black Wash, Aqua Phagedicnica 
Nigra), N. F. VHI.— This preparation is made by suspending mer- 
curous chloride (9 Cm.) in water (100 cc.) witli acacia (1 Cm.). 
This suspension is then added with stirring to Calcium Hydroxide 
Solution to give a black precipitate of mercurous oxide (0). The 
lotion should be prepared at the time of dispensing otherwise the 
precipitate tends to coagulate into larger particles. \ The })re})a ra- 
tion is used as an antiseptic wash.|| 

(6) Hg^Cl, + Ca(OH) 2 ->Hg, (011)4 + CaCb 
Hg2(OH)2 Hg,0 + ITO 

6. Calamine Liniment (Linimentum Calaminc^e), N. F. VHI.— 
This liniment contains 80 Cm. each of calamine and zinc oxide, 
500 cc. of olive oil and sufficient lime water to make 1000 cc. In 
this preparation calcium hydroxide exercises a saponifying action 
and also contributes a mild astringency to the liniment. 

7. Lime Liniment (Linimentum Calcis, Carron Oil), N. F. VIIL — 
This liniment contains 500 cc. each of calcium hydroxide solution 
and linseed oil. The two components are simply mixed by agitation 
to form a creamy, yellow colored liniment.) This preparation is a 
burn treatment of long standing, 

8. Neocalamine Liniment (Linimentum Neocalarninse), N. F. 
VIIL— This liniment contains 150 Cm. of Prepared Neocalamine, 
500 cc. of olive oil and enough calcium hydroxide solution to make 
1000 cc. of liniment. The function of the calcium hydroxide solu- 
tion is as a saponifying agent upon the olive oil to provide better 
suspending properties for the Prepared Neocalamine. (See p. 378.) 

9. Yellow Lotion (Lotio hdava, Yellow Wash), N. F. VIIL— This 
lotion is prepared by dissolving 3 Cm. of mercury bichloride in 
water and adding this solution gradually, with stirring, to enough 
calcium hydroxide solution to make 1000 cc. of finished preparation. 
The reaction that takes place (7) results in the formation of yellow 
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mercuric oxide. f^The preparation is used for the antiseptic action 
of the mercury. J 

(7) Ca(OH), + UgCU H^Oi + H^O + CaCh 

VS. Zinc Oxide Soft Paste (Pasta Zinci Oxidi Mollis, Unna’s Soft 
Zinc Paste), N. F. VIII. —This preparation contains 25 per cent 
each of ZnO, CaCO.i and linseed oil, 2.5 per cent of oleic acid and 
sufficient calcium hydroxide solution to make 1000 Gm. of finished 
product. The calcium hydroxide is used for its saponifying action 
in this preparation. 


CALCIUM HYPOPHOSPHITE 

(Uilcinvi Hypophosphite, N. F. VUI 
Formula, Ca(Il 2 P() 2 ) 2 . Molecular Weight, 170.07 

Physical Properties.- Calcium hypophosphite occurs as a white, 
crystalline powder, and as colorless, transparent, monoclinic prisms, 
and as thin flexible scales having a pearly luster. It is odorless 
and has a bitter, nauseous taste. It is stable in air. 

(.'alcium hypophosphite is slowly soluble in about 6.5 parts of 
water at 25"^ C. It is slightly more soluble in boiling water. The 
salt is insoluble in alcohol. 

Chemical Properties. - When calcium hypophosphite is heated 
abo\ e 300° C., it decrepitates and gives off w\ater, phosphine, and 
spontaneously inflammable dihydrogen phosphide (2). Fpon com- 
plete ignition, calcium pyrophosphate remains as a residue (1). 

(1) 2(\i(PIl202)2 -> CaoIVOy + 2PII3 T + H2O 

( 2 ) 2ITI3 + 4O2 2HPO3 + 2H2O 

Pecause of the readiness with which hypophosphites are oxidized, 
this salt, in common wdth other hypophosphites, should not be 
heated or triturated with chlorates, nitrates, permanganates, or 
other oxidizing agents for fear of causing an explosion. 

The chemical reac^tivity of this compound is embodied in the 
I)roperties of the hypophosphite ion (q. v.) and the calcium ion 
{q. V.). 

Official Tests for Identity. - 1 . A 1 in 20 aqueous solution of 
(iilciurn Hypophosphite responds to the tests for Calchnn {q. v.) 
and Hypophosphite (q. v.). 

Commercial Manufacture.— Calcium hypophosphite is prepared 
by the action of phosphorus upon milk of lime (3). In order to 
minimize the loss of phosphorus as hydrogen phosphide and calcium 
phosphate, partially oxidized phosphorus, made by treating phos- 
phorus under w ater w ith atmospheric oxygen, is mixed wdth milk of 
lime and heated to about 55° C. When all of the spongy appearing 
phosphorus has disappeared, the mixture is filtered, the residue 
washed thoroughl^^ with water and the filtrate and washings either 
evaporated carefully under reduced pressure and with constant 
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stirring to dryness on a water-bath, or concentrated to the crystal- 
lizing point. 

(3) 3 Ca(OH )2 + 8 P + 6 H 2 O ^ 3 Ca(PH 202)2 + 2 PII 3 T 

Pharmaceutical Preparations and Uses. — 1. Calcium Uyyoyhofi- 
phite (Calcii Hypophosphis), N. F. VIII. — “ralciiirn Hypophos- 
phitc, when dried for 24 hours over sulfuric acid, contains not 
less than 98 per cent of Ca(H2P02)2.” The only therapeutic value 
possessed by this salt lies in the calcium ion. It may be used as 
a source of calcium. The hypophosphite portion of the molecule, 
as previously shown, is of little value in treating “nerve disorders 
and wasting diseases” for which it has been i)r()p()sed. Average 
dose— 0.5 (im. (approximately grains). 

2. Hypophofiphitea Syrup (Syrupus Hypophosphitum), N. F. 
VUI.— This syrup contains 3.5 per cent of calcium hypophosphite 
in addition to varying quantities of other hypophosphites. (See 
p. 197.) Average dose— 8 cc. (approximately 2 fluidrachms). 

3. Cmnpound Hypophosphites Syriip (Syrupus Hypophosphitum 
Compositus), N. F. VHI.— This preparation contains 3.5 per cent 
of calcium hypophosphite in addition to other hypophosphites and 
various other ingredients. Average dose— 8 cc. (approximately 
2 fluidrachms). 

CALCIUM LACTATE 

Calcium Lactate, U. S. P. XIII 

Formula, Ca(C3H503)2 . 5H2O; {ClhCU( 0 }l) . COO)2Ca . 5II2O 
Molecular Weight, 308.30 

Physical Properties.— Calcium Lactate occurs as a nearly odorless 
and tasteless white powder. It effloresces slightly and when heated 
at 120° C., it loses its 5 molecules of water and becomes anhydrous. 

One Gm. of calcium lactate dissolves in 20 cc. of water at 25° C. 
It is very soluble in hot water. It is nearly insoluble in alcohol. 

Chemical Properties.— The chemical properties of calcium lactate 
are those of the calcium ion (g. v.) and the lactate ion. (See Sodium 
Lactate, p. 200.) 

Official Tests for Identity.- 1. A solution of Calcium Lactate (1 
in 20) responds to the tests for Calcium. (7. v.) and Lactate (g. v.). 

Commercial Manufacture.— Calcium lactate may be made by neu- 
tralizing a hot solution of lactic acid with calcium carbonate, filter- 
ing, and allowing the salt to crystallize from the filtrate. 

Large quantities of the salt are obtained by mixing a solution of 
a monosaccharide (C6H12O6) with milk and chalk and inducing 
lactic acid fermentation by the addition of putrid cheese, which is 
rich in lactic acid bacilli (1) (2). The mixture is digested for several 
weeks at a temperature of about 30° C. The calcium lactate thus 
obtained is purified by recrystallization. It is worthy of note that 
the lactic acid bacillus is very sensitive to free acid, hence the neces- 
sity of immediately neutralizing any lactic acid produced. The fer- 
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mentation period should be comparatively short (two weeks or so), 
and thus eliminate the danger of the calcium lactate being converted 
into calcium butyrate through the agency of butyric acid ferments. 

(1) CeHi^Oe 2CH3CH(0H)C00H 

(2) 2CH3CH(0H)C00H + CaCOs -> (CH3CH(0H)C00),- 

Ca + CO., T + H2O 

Pharmaceutical Preparations and Uses. — l. Calcium, Lactate (Calcii 
Lactas), U. 8. P. XIII. — ‘'Calcium Lactate, when dried to constant 
weight at 120° , contains not less than 98 per cent of Ca(C3H503)2.” 
It is used orally and parenterally for the action of the calcium ion. 
It is much less irritating than calcium chloride, although it is said 
to be more irritating than calcium gluconate. Average dose— 

1 (jin. (approximately 15 grains). 

2. Calcium Lactate Tablets (Tabelhe Calcii Lactatis), N. F. VIII.— 
These tablets “ contain not less than 92.5 per cent and not more than 
107.5 per cent of the labeled amount of (\‘i(C3H603)2. 5II2O.” The 
tablets are a convenient form of calcium lactate for oral adminis- 
tration. Average dose— 0.3 Cm. (approximately 5 grains) of Calcium 
laictate. 

CALCIUM LEVULINATE 

Calcium I^evulinaiey X. F. VIII 

Formula, (CH3 . CO . (CH2)2 . COO)2 . Ca . 2H2O 
Molecular Weight, 306.32 

Physical Properties.— This salt occurs as a white, crystalline or 
amorphous powder, having a faint odor suggesting burnt sugar and 
a bitter, salty taste. 

It is freely soluble in water, and slightly soluble in alcohol. It is 
insoluble in ether and chloroform. 

Chemical Properties.— Aqueous solutions of this salt are practi- 
cally neutral. Heating of the .salt results in charring of the com- 
pound, and further strong heating causes the final formation of 
calcium oxide as a residue. The important reactions of this salt 
are those of the calcium ion. 

Official Tests for Identity.- 1. An aqueous solution (1 in 10) of 
the salt responds to the tests for Calcium {q. v.), 

2. Five cc. of a 1 in 10 aqueous solution of the salt is made 
alkaline with 5 cc. of sodium hydroxide T.S. (1) and the mixture 
filtered. To the filtrate is added 5 cc. of iodine T.S. which causes 
the formation of a yellow precipitate of iodoform having a charac- 
teristic odor. This reaction is a characteristic one for the detection 
of any compound p(^ssessing, or capable of forming in the reaction, 

the CH3C— O group. Upon addition of iodine in alkaline solution 
to compounds of this type the three hydrogens on the methyl group 
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are replaced with iodine (2) and the iodinated carbon then splits 

off to form iodoform (3). 

(1) (CH3CO.(CH2)2.COO)2.Ca + 2NaOII -» 2CH3.CO. (CH,)r 

COONa + Ca(OH)2 

(2) CH3.CO.(CH2)2COONa + 3NaOI CL.CO. (('n>)2- 

COONa + 3NaOH 

(3) Cl3.CO,(CH2)2COONa + NaOII Cllh I + (CH 2 ) 2 - 

(COONa)2 

3. One-tenth Gm. of the salt when dissolved in 2 cc. of distilled 
water and treated with 5 cc. of dinitrophenyIh3 drazine T.S. forms 
a dinitrophenylhydrazone on standing in an ice-bath for one hour. 
The hj'drazone melts between 198° and 206° C. This reaction is 

one which is characteristic of the carbonyl group ( C=0) one of 
which occurs in calcium levulinate (4). / 

/ 

(4) (N02)2.C6H3.x\ti.nh2 + 

(N02)2.CeH3.NH.N=C(^ + IW 

Commercial Manufacture.— This coiiipouiul is prepared hy the 
interaction of levulinie acid with calcium carbonate (5) or milk of 
lime. Levulinie acid is obtainable commercially although it can 
also be made by heating various sugars with acid. 

(5) 2CH3.C0.(CH2)2.C00H + raCO., -> ((TL)^.- 

COO)2.Ca + CO2T + II2O 

Pharmaceutical Preparations and Uses.— 1. Calcium Levulinate 
(Calcii I^vulinas), N. F. VIII.— This salt “is a hydrated calcium 
salt of levulinie acid and contains not less than 97.5 per cent and 
not more than 100.5 per cent of (CII3. CO. (CIl2)2COO)2Ca calcu- 
lated on a dry basis, the loss on drying being determined on a 
separate portion by drying at 105° for 24 hours.” Calcium levulinate 
is another of the organic acid salts of calcium having a less irritating 
action than calcium chloride. In addition, calcium levulinate has 
the advantage of being more water-soluble than many of the others, 
thus enabling it to be used in more highly concentrated solutions. 
This salt is useful for intravenous and also subcutaneous use. 

2. Calcium Lemlinate Amyiih (Ampulla* Calcii Levulinatis, Cal- 
cium Levulinate Injection), N. F. VIIL— These ampuls “contain a 
sterile solution of calcium levulinate in water for injection, and 
yield not less than 95 per cent and not more than 105 per cent of the 
labeled amount of (C5H703)2Ca.2H20.” It is used for the pur- 
poses stated above. Average dose— 1 Gm. of Calcium Levulinate, 
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CALCIUM OXIDE 

Lime, N. F. VIII 

P'ornnila, CaO. Molecular Weight, 56.08 

Physical Properties.-— This compound occurs as hard, white or 
grayish-wliite masses or granules, or a white powder. It is odorless 
but has a burning caustic taste. 

One Gm. of Lime is soluble in about 840 cc. of water at 25° C., 
and in about 1740 cc. of boiling water. It is soluble in s 3 Tup and 
gl^^cerin, but is insoluble in alcohol. 

Chemical Properties. — Galcium oxide slowly absorbs moisture and 
carbon dioxide from the air, to form ‘'air-slaked lime. It unites 
vigorousl}^ with water (1) as previously described (see (^alcium 
Hydroxide, p. 327) to form calcium hydroxide (slaked lime). 

(1) CaO + H,0 ^ Ca(OH), 

When dissolved in water, its actions are those of calcium hydrox- 
ide and when dissolved in acids (2) it responds to the reactions 
for calcium ion. 

(2) CaO + 2HCI - > (’aCl> + H>0 

Official Tests for Identity. — 1. When lime is moistened with water 
heat is generated and a white powder is obtained. If this powder 
is mixefl with 3 or 4 times its own weight of water it forms a smooth 
magma known as “3Iilk of Lime ” which is alkaline to litmus. 

2. When 1 Gm. is slaked with water, and the slaked material 
dissolved in acetic acid, the solution responds to the tests for 
CnlcAuvi {([. r.). 

Commercial Manufacture. — Calcium oxide is made bv calcining a 
comparatively' pure native calcium carbonate, c. g., marble, chalk, or 
limestone, in a suitable kiln. One of the newer forms of lime kilns 
consists of a ^ertical cylinder of steel or masonrv lined with fire 
brick, and heated bv fire boxes located near the base of the kiln. 
The kiln is arranged so that the entire charge of limestone is exposed 
to the heated products of combustion of a fuel, without actually 
coming in contact with them. The carbon dioxide (see V. I), of 
COj, 1.5; air = 1) is removed from the kiln by a current of air 
entering at the bottom. Large quantities of lime are being made 
in rotary furnfices or kilns. 

Native calcium carbonates contain natural occurring impurities, 
e. g., magnesia, oxides of iron, silica, and clay^ When clay^ is present 
in excessive amounts, a quicklime is obtained that slakes only' 
feebly- or not at all. Such a product is called “over-burnt lime” 
and is not fit for use. 

Pharmaceutical Preparations and Uses. 1. Livie ((/alx, Galcium 
Oxide, Quicklime), N. F. VUL— “Lime, when freshly ignited to 
constant weight with a blast lamp, contains not less than 05 per 
cent of CaO.” Lime, as such, is not used internally. Calcium 
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oxide is used in making various insecticides (see Bordeaux Mixture) 
and is a constituent of many fertilizers. Most specifications for 
the above preparations, however, call for hydrated lime (calcium 
hydroxide). Because of its cheapness, lime is of great commercial 
importance, being used in making mortar, which consists of lime 
and sand, to which is added, with stirring, enough water to make 
a paste. When mortar is exposed to air it loses water and absorbs 
carbon dioxide and is slowly converted to a porous mass. This 
hardening process is known as “setting.” 

2. Svlfurafed Lime Solution (Liquor Lalcis Sulfurate, \ leminckx’ 
Solution, Vleminckx’ Lotion), N. F. VIll.—This preparation re- 
quires 1()5 Gm. of Lime and 250 (hn. of Sublimed Sulfur together 
with enough water to give 1000 cc. of preparation. The lime is 
slaked and then boiled with the sulfur in 1750 cc. of water. The 
volume is reduced to 1000 cc. and maintained there, while boiling, 
for one hour by the addition of water from time to time. Finally, 
the mixture is cooled and filtered. The reaction pnd^ably is repre- 
sented by this equation (2) : 

(3) 3Ca(OII), + 128-^ 2raSr, + (\iS,0, + 311,0 

This clear, brownish-red liquid is useful in treating acne and many 
other skin diseases, its action being that of sulfides in general. 

DIBASIC CALCIUM PHOSPHATE 

Dihcunc Calcium Phosphate, V. S. P. XIII 
Formula, Cal IPO4. 211,0. Molecular Weight, 172.20 

Physical Properties. -This salt occurs as a \vhit(‘, odorless, and 
tasteless powder which is stable in air. 

It is almost insoluble in water but is soluble in diluted hydro- 
chloric and nitric acids. It is insoluble in alcohol. 

Chemical Properties.— This salt is rather insoluble in water and, 
therefore, its chemical reactions are few and relatively unimportant. 
Solutions of the salt in acids respond to the reactions of calcium and 
phosphate. 

It is interesting to note that the nomenclature of this compound, 
i. e.f dicalciAim phosphate as it is commonly known, is somewhat 
confusing in that one would normally look for two calciums instead 
of the one which actually is present. In this case, the prefix di 
refers to the number of hydrogens which have been replaced rather 
than to the number of calcium atoms present. 

OfiBcial Tests for Identity.-—!. Dibasic calcium phosphate, when 
dissolved in diluted hydrochloric acid, gives a solution which will 
react with ammonium oxalate T.8. to give a white precipitate 
of calcium oxalate (see p. 313). 

2. The salt, when dissolved with the aid of a slight excess of 
nitric acid, gives the usual test for phosphate with an excess of 
ammonium molybdate T.S. (see p. 314). 



TRI BASIC CALCIUM PHOSPHATE 


3;j7 


Commercial Manufacture.— Dibasic calcium phosphate is usually 
prepared as a white, flocculent precipitate by the interaction of 
secondary sodium phosphate and calcium chloride in a neutral solu- 
tion (1). It is necessary that the solution be neutral since an 
aminoniacal solution of the same reactants will precipitate tribasic 
calcium phosphate (see p. 314). 

(1) Na2HP04 + CaCh -> CdllPO, i + 2NaCl 

Pharmaceutical Preparations and Uses. — 1. Dibasic Calcium Phos- 
phate (Calcii Phosphas Dibasicus, Dicalcium Orthophosphate), 
U. S. P. XIII. — This salt “contains an amount of calcium equiva- 
lent to not less than 98 per cent of CaHP04.2Il20.” It is also 
known commonly as “dibasic calcium phosphate.” Because it 
provides an optimum ratio of calcium to phosphorus, namely 1 to 1, 
this is the calcium salt most frequently recommended for oral con- 
sumption. It is stated by some workers that the greater the differ- 
ence between the intake levels of the two minerals (calcium and 
phosphorus) the less satisfactory is the absorption. Because of the 
fact that this salt supplies both calcium and phosphorus, it is said 
to be especially valuable for bone growth in children, pregnant 
women and lactating mothers. It is supplied either with or with- 
out vitamin D, which favors better utilization of the salt. Average 
(lose 1 (fill, (aj)proxiniately 15 grains). 

TRIBASIC CALCIUM PHOSPHATE 

Tribasic Calcium Phosphate, N. F. VIII 

Formula, Pan(P04)2. Molecular Weight, 310.20 

Physical Properties. — Precipitated calcium phosphate is a bulky 
white, amorphous or microcrystalline powder. It is odorless and 
tasteless. Its specific gravity is 3.14 at ~£o C. The salt is stable 
in air. At \G7()° (\ the salt fuses without decomposition. 

Precipitated calcium phosphate is almost insoluble in water and 
is decomposed slightly by boiling water. It is insoluble in alcohol. 
The salt readily dissolves in diluted nitric or hydrochloric acids. 
Except when freshly precipitated, it is almost insoluble in acetic 
acid. 

Chemical Properties. — This compound is even more insoluble than 
dibasic calcium phosphate, and consequently has few chemical 
reactions. It is interesting to note, however, that the salt is an 
antacid and is used as such in therapy. The antacid action is 
dependent upon the phenomenon of hydrolysis of the phosphate ion. 
Calcium phosphate is classed as an insoluble salt but all salts in 
(*ontact with a solvent ionize to a slight extent (1). The phosphate 
ion is a fairly strong base and is extensively hydrolyzed in aqueous 
solutions to give the secondary phosphate ion and hydroxyl ion (2). 

(1) Ca3(P04)2 ^ 3Ca-^-^ + 2P04= 

(2) P04^+ HOH <=> HP04==^ + OH 
22 
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The hydroxyl ion, of course, will react with acidic hydrogens which 
are introduced (from hydrochloric acid, for example) to form un- 
dissociated water. This disturbs the equilibrium and causes more 
of the calcium phosphate to ionize to furnish more phosphate, etc. 

Official Tests for Identity. — 1. When the salt is dissolved in nitric 
acid, the solution will give a precipitate of .ammonium phospho- 
molybdate (yellow) when treated with ammonium molybdate T.S. 

2. The salt gives a characteristic flame test for calcium. 

Commercial Manufacture.— Tribasic Calcium Phosphate is usually 
prepared by the mutual decomposition of calcium chloride and 
secondary sodium phosphate in the presence of ammonia water, 
which decreases hydrolysis and thereby minimizes the formation 
of secondary calcium phosphate (CaHP04) (3). 

(3) 3CaCL> + 2NaoIIP04 + 2NII40H -> Ca3(P04)2 i + 
4NaCl + 2NH4CI + 211,0 

The white precipitate is washed with hot water until free from 
chlorides and dried at 100° C. 

Pharmaceutical Preparations and Uses.- l. Tribasic Cnhium 
Phosphate (Calcii Phosphas Tribasicus, Pre(‘ipitated Calcium Phos- 
phate), N. F. VnL~“ Tribasic Calcium Phosphate, after ignition 
to constant weight, contains an amount of ])hosphate (PO4) cor- 
responding to not less than 90 per cent of Ca.s(P04)2.” Although 
this salt may be used as a source of calcium (especially when both 
calcium and phosphorus arc desired) it is less effective than the 
dibasic form. However, it is a valuable gastric antacid. Average* 
dose— 1 Gin. (approximately 15 grains). 

Non-offkial Calcium Compounds 

Bleaching Powder (Chlorinated Lime, Chloride of Lime), CaOCI- 
(Cl) -HoO.— Bleaching powder is a white or grayish-white, granular 
powder, having a distinct odor of chlorine and hypochlorous acid. 
It is partially soluble in water and in alcohol. It is not deliquescent. 
When it is exposed to the air it slowly decomposes (1). 

(1) 2CaOCl(Cl) + CO2 + ILO -> CaCb + CaC^Oa + 2HO(^I 

Bleaching powder is a product resulting from the action of 
chlorine upon calcium hydroxide and is best represented by the* 
formula, Ca0Cl(Cl).H20. The idea that this substance is an equi- 
molecular mixture of calcium chloride and calcium hypochlorite 
is erroneous because bleaching powder does not possess the proper- 
ties of the admixed salts and, furthermore, although it does become 
moist upon exposure to air, it does not deliquesce. 

The method used today for manufacturing bleaching powder is 
the same as that employed by Tennant and Knox at (Basgow in 
1799. Thoroughly slaked lime is spread upon shelves in a box-like 
container and subjected to the action of chlorine (gas), which is 
introduced at the top of the chamber and “flows” down over and 



NON-OFFICIAL CALCIUM COMPOUNDS 


339 


through the contents of the shelves. The temperature of the 
absorption vessel is maintained below 25 ° C., thus minimizing the 
formation of calcium chlorate. When the absorption of chlorine is 
complete, powdered lime is blown into the chamber to take up 
any excess chlorine. 

This preparation was recognized in the U. S. P. X as Calx Chlori- 
nata (Chlorinated Lime). Its last official re(!ognition was as a 
reagent under the Reagent Standards in the U. S. P. XII, p. 66(). 
It is used today principally for its disinfecting properties and as a 
bleaching agent. 

Calcium Sulfate ((Jypsum), CaS04. 21100, Molecular Weight, 
172 . 17 .— 'Calcium sulfate with 2 molecules of water of hydration 
(CaSO4.2H.iO) occurs abundantly and widely distributed in Nature. 
It is found as well-defined monoclinic prisms as gyjman and selenite 
and in granular, semi-opaque masses called alabaster. Rhombic 
prisms of anhydrous calcium sulfate are found as the mineral 
anhydrite. Calcium sulfate (CaS04.2Il20) is a constituent of most 
permanently hard water {q. v.). 

The dihydrate (CaS04. 21100) is only sparingly soluble in water, 
its solubility increasing with rising temperatures to a maximum at 
40 ° C. and then decreasing. One (im. is soluble in about 500 cc. 
of wat(*r at 18 ° C., but it requires about G 50 cc. of boiling water to 
(‘fleet solution. It is insoluble in alcohol, in ether and in chloroform. 

('aSO4.2H.2O may be prepared artificially by adding a soluble 
sulfate to a solution of a calcium salt (1). The white, crystalline 
precipitate is washed thoroughly with hot water and dried. 

(1) ('aClo + Na2S04 + 2IW CaS04.2H20i + 2 NaCl 

Calcium sulfate (CaS04.2H20) is never used in internal medicine. 
A mixture of gypsum, clay, and sand is known as gypsite and is 
used for making wall plaster. Alabaster is used for ornamental 
work, (iypsum is employ ed as a filler for wall paper. Possibly its 
most important use is in the manufacture of Plaster of Paris. 

Plaster of Paris is a white or grayish- white powder, odorless and 
tasteless, which, when mixed with water, forms a plastic mass that 
quickly “sets” or hardens. The ‘"setting” is always accompanied 
by a very slight expansion, and, therefore, it is especially adapted 
for taking impressions of moulds, etc. The final product is a white 
solid consisting of iin riad crystals of more highly hydrated calcium 
sulfate. Plaster of Paris .slowly attracts water from^moist air, 
becomes granular and loses its property of setting when mixed with 
water. 

When gypsum is heated to about 125 ° C. it loses three-fourths 
of its water of hydration and forms the hemihydrate (2). 

(2) 2CaS04.2H20 (CaS04)2.H20 + 3 H >0 

Creat care is exercised so as not to “over-heat” the gypsum, as this 
results in a product that sets so slowly and imperfectly as to make 
it unfit for use as Plaster of Paris. 
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It may be prepared in the laboratory as follows: In a tared, small 
porcelain evaporating dish, heat 20 Grn. of gypsum on a sand-bath 
at a temperature not exceeding 125° C. until it weighs 16.86 Gm., 
stirring occasionally during the heating. Take a portion (5 Gm.) 
of the product, mix to a thick paste with water, and mould it into 
a cube or ball. 

Plaster of Paris is used in surgery for making casts. In dentistry, 
it is employed for taking impressions. It is used in the industries 
as a cement, for stucco work, for making building blocks, for ^^plas- 
tering” wines, etc. 

Calcium Sulfide (Calcium Monosulfidc), CaS, Molecular Weight, 
72.1 4. --Calcium sulfide is a pale yellow or grayish-white solid. It 
has an odor of hydrogen sulfide and possesses a strong, offensive, 
alkaline taste. 

The salt is almost insoluble in water, but is gradually hydrolyzed 
into calcium hydrogen sulfide and calcium hydroxide (1), both of 
which are more soluble than the normal salt. 

(1) 2CaS -f 2ILO -> Ca(IIS)2 + Ca(OII)2 

It is insoluble in alcohol, but soluble in aqueous solutions of ammo- 
niuiB salts. 

In 1750, Marggraf observed that calcium sulfide that had been 
exposed to sunlight usually phosphoresced in the dark. Since abso- 
lutely pure calcium sulfide does not possess this property, it is 
thought that the phosphorescence may be due to minute traces of 
bismuth and vanadium salts. 

Calcium monosulfidc may be made by reducing calcium sulfate 
with charcoal (2), or by passing the vapor of carbon disulfide and 
carbon dioxide over incandescent lime (3). 

(2) CaS04 + 4C -> CaS + 4CO T 

(3) CS2 + 2CaO 2CaS + CO. T 

This salt is used to make luminous paints. A solution, contain- 
ing the products resulting from the hydrolysis of CaS {q, r.), is an 
excellent solvent for hair and wool. 

A crude form of calcium sulfide was formerly official (U. S. P. IX) 
under the title Calcii Sulphidum Crnchm. It is known also as 
Siilfurated Lime, Calcic Liver of Sulfur, and Hepar Calcis. It was 
a grayish-white, sometimes yellowish powder, having an odor of 
hydrogen sulfide and a nauseous, alkaline taste. It contained not 
less than 55 per cent of (‘alciuni moncjsulfide. 

I ‘sually it was made by heating a mixture of exsiccated calcium 
sulfate, charcoal, and starch to bright redness in a crucible until 
the black color had disappeared (4). The mixture was allowed to 
cool, powdered, and preserved in well-stoppered bottles. The 
starch facilitated the reduction of the calcium sulfate which, how- 
ever, was never complete, the final product always containing some 
unchanged calcium sulfate and carbon in variable amounts. 

(4) CaS04 + 3C CaS + 2CO T + CO2 T 
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It may be prepared in the laboratory as follows: Mix thoroughly 
35 Gm. of exsiccated calcium sulfate, 5 Gm. of charcoal (in fine 
powder) and 1 Gm. of starch, and pack the mixture lightly in a 
porcelain crucible, (^over it loo.sely and heat to bright redness. 
Continue the heating until the content has lost its black color. 
Allow it to cool, i)owder and bottle immediately. 

Crude calcium sulfide is employed internally with doubtful 
efficacy in the treatment of acne and furunculosis. Average dose— 
{ to 1 grain. A paste composed of equal parts of starch and crude 
calcium sulfide is used as a depilatory. It is often used as a para- 
siticide in scabies (effecting the solution of the skin and eggs of 
the mite). 
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STRONTIUM AND STRONTIUM COMPOUNDS 

STRONTIUM 

Symbol, Sr. Valence, II. Atomic Weight, 87.63 ; 

Atomic Number, 38 

Occurrence.— Strontium belongs to the alkaline earth family. It 
is found as the sulfate (SrS 04 ) in the mineral, celestite, and as 
carbonate (SrCO^) in the mineral, dwntianite. The latter occurs in 
large (|uantities in Salzburg, Germany, in Scotland, England, and 
in r(‘nnsylvania and New York states. In these same countries, 
celestite is found in even greater quantities. In 1807, Davy isolated 
the element by the electrolysis of the hydroxide and named it 
strontiuvi, from a village (Strontian) in Argyleshire, Scotland, near 
which the mineral strontianitc is found. 

Physical Properties.— Strontium is a ‘d^rass-yellow’' metal, having 
a specific gravity of about 2.6 at 20° C. It melts at 800° C. and 
is not volatilized at higher temperatures. It should be kept under 
naphtha. The metal is malleable and ductile and burns in air 
with an intense illumination. Strontium salts impart a red color 
to a flame. Strontium and its compounds closely resemble calcium 
in both physical and chemical properties {q. v.). The solubilities of 
strontium salts are between those of barium and calcium. 

Chemical Properties.- The chemical properties of strontium are 
almost identical with those of (‘alciimi (q. v.). However, it is of 
interest to note that strontium sulfate is much less soluble than is 
calcium sulfate. This is easily shown by the fact that addition of 
a solution of soluble strontium salt to a saturated solution of cal- 
cium sulfate will produce a precipitate of strontium sulfate (1). 

( 1 ) CaS04 + SrBr^ SrS 04 j + CaBr .3 

Strontium salts such as the hydroxide, carbonate, nitrate, and 
the salts of various organic acids yield strontium oxide (SrO) when 
strongly heated. Calcium salts are more readily converted to the 
oxide by heating than are the strontium salts. 

Ihe volatile strontium salts impart a carmine-red color to a non- 
luminous flame when heated, this being the basis for their use in 
fireworks, Yule log salts, etc. 

Official Tests for Identity.- 1. f^alcium sulfate T.S. will produce 
a white precipitate of strontium sulfate with solutions of strontium 
salts (1). 

2. When moistened with hydrochloric acid, all strontium salts 
will impart a crimson color to a non-luminous flame. 

Commercial Manufacture.— The metal may be made by the electrol- 
^ sis of the chloride or by heating a saturated solution of strontium 
( 342 ) 
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chloride with sodium amalgam and then distilling off the mercury. 
A mixture of magnesium oxide and metallic strontium is obtained 
when strontium oxide is heated with magnesium metal (2). 

(2) SrO + Mg Sr + MgO 

Pharmacological Action of the Strontium Ion.— This cation produces 
effects that closely resemble the characteristic pharmacological 
actions of calcium ion. However, it is much weaker and also less 
toxic. It cannot substitute for the calcium ion because withdrawal 
of calcium and substitution of strontium in its place causes the 
characteristic symptoms of calcium deficiency. 

Some years ago, strontium salts came into prominence because 
it was thought that by virtue of the combination with the strontium 
ion, the anions would be more slowly absorbed and therefore, would 
have a more gradual and a milder action. Krahulik and Pilcher 
(1918) showed that the rate of absorption of iodide ion from stron- 
tium iodide is the same as that from potassium iodide. Blankenhorn 
(191()) demonstrated also that the '‘toxic” effects of strontium 
salicylate were just as great as those produced by sodium salicylate. 

For all practical purposes the strontium ion may be considered as 
a mere carrier for an active anion, e. g., bromide, salicylate, etc. 

Uses.— Strontium metal is of comparatively little commercial 
importance. 

Official Stkontium Compounds 

STRONTIUM BROMIDE 

Strontium Bromide, N. F. \TII 
Formula, SrBro.OHoO. Molecular Weight, 355.50 

Physical Properties. — Strontium Bromide occurs in colorless, trans- 
parent, hexagonal crystals. It is odorless, and has a bitter, saline 
taste. It is deliquescent in moist air, but effloresces in very dry air. 

One Gm. of the salt dissolves in about 0.35 cc. of water at 25° C. 
It is soluble in alcohol but not in ether. 

Chemical Properties.— The chemical properties of strontium bro- 
mide are those of the strontium ion {q, v.) and the bromide ion (q. v.). 

Official Tests for Identity. — 1. An aqueous solution of the salt 
(1 in 20) responds to the tests for Strontium (q, v.), 

2. It also responds to the tests for Bromide {q. v.). 

Commercial Manufacture.— Strontium Bromide can be prepared by 
adding strontium carbonate to hydrobromic acid until effervescenc*e 
has ceased (1). The solution is filtered, concentrated, and allowed 
to crystallize. 

(1) 2HBr + SrCO,, + 5H.>0 SrBr^ .GHsO + CO> T 

Pharmaceutical Preparations and Uses. — 1. Strontium Bromide 
(Strontii Bromidum), N. F. \TII.— “Strontium Bromide contains 
not less than 98 per cent of SrBr2.6H20.” It is used solely for the 
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sedative effect of the bromide ion, but probably pos^sses no 
advantages over any other bromide. Average dose— I clm. (ap- 
proximately 15 grains). 

Strontium Salicylate, N. h\ VIII.— This salt is not discussed 
because it is an organic compound used almost exclusively for the 
salicylate ion effect. 

Non-official Strontium Compounds 

Strontium Hydroxide [Sr(OII)2].— Strontium hydroxide, like cal- 
cium hydroxide, reacts with sucrose to form sparingly soluble com- 
pounds (strontium monobasic saccharate [CiiHiiOn SrO] and stron- 
tium dibasic saccharate [Ci2H220ii.2Sr0], which are readily decom- 
posed by carbon dioxide into sucrose and strontium carbonate). 
Therefore, it is employed in the sugar industry to precipitate 
sucrose from beet-sugar molasses. The precipitated strontium car- 
bonate is reconverted into the hydroxide by heating in a current of 
superheated steam; a process that is used to make the hydroxide 
from strontianite (1). 

(1) SrCO;, -h H2O -> Sr(OH)2 + CO2 T 

Strontium hydroxide is an active base and is soluble in 50 parts of 
cold water and in 2.1 parts of boiling water. Upon cooling the 
solution, it crystallizes with 8 molecules of water [Sr(OH)2.8ll2()]. 

Strontium Nitrate [Sr(NOj)2].— Strontium nitrate is ma(le by dis- 
solving the carbonate in nitric acid. It dissolves in 1.5 parts of 
water and is slightly soluble in alcohol and in acetone. From hot 
solutions it separates in the form of anhydrous, regular octahedrons, 
and from cold solutions monoclinic crystals of the tetrahydrate 
[Sr(N 03 ) 2 . 4H2O] are obtained. A mixture of anhydrous strontium 
nitrate, sulfur, charcoal, and potassium chlorate forms the “ red fire ” 
used for pyrotechnic displays. 

The Halides of Strontium.— The halides of strontium are made by 
the action of the halogen acids upon strontium carbonate. They 
are deposited from the solutions as white crystals of the hexahy- 
drates (SrCl2.6H20; SrBr2.6H20; SrU.filUO) and are very soluble 
in water. Strontium bromide containing 6 molecules of water of 
hydration is recognized by the N. F. VIII and has already been 
discussed. 
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BARIUM AND BARIUM COMPOUNDS 

BARIUM 

Symbol, Ba. Valence, IL Atomic Weight, 137.8(); 

Atomic Number, 56 

History and Occurrence.— In LSOS Davy isolated metallic barium 
by electrolyzing the chloride in the presence of mercury and subse- 
quently dec^omposing the amalgam. 

In combination, barium is widely and abundantly distributed in 
Nature. As the sulfate (BaS 04 ) it occurs in the mineral barite or 
heavy spar and as the (*arbonate (BaCOs) in the mineral witherite. 
In smaller quantities it also occurs in manganese ores, e. g., psilo- 
melaney (MnBa)O. MnOi, and in combination as the silicate. It is 
found in sea water, in mineral waters, in marine plants, and in the 
ashes of some woods, notably those of beech. 

Physical Properties.— Barium is a silver-white or slightly yellowish- 
white metal having a specific gravity of 3.5 (20°). It melts at 
850° C., boils at 1140° C., and is not volatile under ordinary con- 
ditions. 

Chemical Properties. — Upon exposure to air it oxidizes rapidly and 
hence must be kept under petroleum or other oxygen-free liquids. 
When placed on water, it acts energetically, liberating hydrogen 
and forming a solution of the hydroxide which is an active base. 
The physical and chemical properties of barium compounds closely 
resemble those of calcium and strontium. 

It is interesting to note that just as strontium sulfate is more 
insoluble than calcium sulfate, barium sulfate is less soluble than 
either calcium or strontium sulfates. The solubility even in acids 
is so low that large quantities of barium sulfate can be ingested 
without untoward reactions; this in spite of the known toxicity of 
the barium ion. 

Official Tests for Identity. — 1. Solutions of barium salts will yield 
a precipitate of barium sulfate when treated with diluted sulfuric 
acid (1). 

(1) Ba++ + SOr -> BaS 04 j 

This precipitate is insoluble in hydrochloric or nitric acids. 

2. Barium salts impart a characteristic yellowish-green color to 
a non-luminous flame. This flame appears blue when viewed 
through a green glass. 

Commercial Manufacture.— Metallic barium is made (1) by the 
electrolysis of the molten chloride or (2) by the electrolysis of an 
aqueous solution of barium chloride using a mercury cathode. In 

( 345 ) 
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the latter method, the barium forms an amalgam with the mercury 
and the mercury is then removed from the barium by heating in an 
atmosphere of hydrogen gas. 

Pharmacological Action of Barium Ion. — Barium ion diriers irom 
calcium and strontium ions by being very toxic. Its effects closely 
resemble those of the digitalis group. Attempts have been made 
to substitute barium chloride for digitalis, but from a therapeutic 
standpoint it has been proven decidedly inferior on account of its 
marked coronary vasoconstriction. However, it has been found 
very useful in treating special forms of heart disease. Barium ioii 
also produces local irritation. On account of their toxicity, soluble 
barium compounds or those that may be made soluble by the weak 
acids of the digestive fluids are not extensively used in therapeutics. 

Uses of Barium. —Metallic barium is of some use commercially in 
the manufacture of radio tubes and automobile ignition systems, 
but is of little pharmaceutical importance. 

Official Bakium Compounds 

BARIUM CHLORIDE 

Barium Chloride, N. F. VIII 
Formula, BaCl2.2H20. IVIolecular Weight, 244.31 

Physical Properties.— This compound occurs as white or colorless 
crystals or as white granules which are odorless. 

One Gm. of the compound dissolves in about 2.8 cc. of water at 
25° C., and in about 1.5 cc. of boiling water. It is insoluble in al- 
cohol, but 1 Gm. dissolves in 8 cc. of glycerin at 25° C. 

Chemical Properties.— Barium chloride has the reactions of the 
barium ion (q. v.) and of the chloride ion (g. v.). 

Official Tests for Identity . — 1 . An aqueous solution of the salt 
responds to all tests for Barium (g. v.). 

2. An aqueous solution also responds to all tests for Chloride 
(g. V.). 

Commercial Manufacture.— Barium Chloride is manufactured by 
heating heavy spar (BaS 04 ) with carbon and calcium chloride (1). 

(1) BaS 04 + 4C + CaCb BaCb + CaS + 4CO t 

Barium chloride with 2 molecules of water of hydration crystallizes 
from a concentrated aqueous solution in the form of white, rhombic 
plates. 

Pharmaceutical Preparations and Uses. — 1 . Barium Chloride (Barii 
Chloridum), N. F. VIII.— ‘^Barium Chloride contains not less than 
99 per cent of BaCb . 2HoO.'' The N. F. cautions: Bariuvi Chloride 
w extremely 'poisonous. Internally, barium chloride has been used 
in the treatment of Stokes- Adams disease, commonly known as 
heart-block. To understand the function of barium in the treat- 
ment of this disease, one should know that the parts of the heart. 
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the auricles and ventricles, usually contract and relax harmoniously. 
However, in the above disease there is a disorganization in the 
usual harmonious relationship, in that the ventricles contract and 
relax much more slowly than the auricles. Barium chloride is used 
to speed up the lagging ventricles, and often produces a dramatic 
recovery.’ 

Fiarium chloride has found some use in veterinary medicine as 
a treatment for constipation in horses, for impaired action of the 
first stomach of cattle, and as an intestinal peristaltic. One can 
readily appreciate why a peristaltic action ensues when soluble 
barium ion contacts smooth muscle if one has ever watched the 
contractions of a smooth muscle strip in a muscle bath when 
treated w ith barium chloride solution. The internal use of barium 
chloride should be very closely watched because of the toxicity 
of the compound. 

A technical grade of the compound is used as a rat poison, in 
the leather, textile and ceramic industries, and in the manufacture 
of some pigments. 

2. Barium CJdoride Tablets (Tal)ellie Barii Chloridi), N. F. 
Vlll. “-These tablets “contain not less than 91 per cent and not 
more than 109 per cent of the labeled amount of BaCl2.2H20.” 
Thes(‘ tabk'ts are intended for veterinary use. Average dose— 
Horses, 2 (im. (a])proximately 30 grains). 

BARIUM SULFATE 

Barium Sulfate^ U. S. P. XIII 
Formula, BaS04. Molecular Weight, 233.42 

Physical Properties. — Barium Sulfate is a fine, white, odorless, 
tasteless, bulky powder, free from grittiness. 

The salt is insoluble in w^ater, organic solvents, and in dilute 
a(‘ids and alkalies. It is soluble in concentrated sulfuric acid (1). 

(1) BaS04 + 11,804 Ba(HS04)2 

Chemical Properties.- Barium Sulfate is so insoluble that it enters 
into very few chemical reactions. It can be solubilized by concen- 
trated sulfuric acid (1) or by fusing it with alkali carbonates. An 
equal mixture of sodium and potassium carbonates is often used to 
convert the barium sulfate to the carbonate form (2). Once the 
barium has been converted to the carbonate form it is easily solu- 
bilized by the use of acids other than sulfuric, e. <7., acetic acid (3). 

(2) 2BaS04 + Na2C03 + K2CO3 2KNaS04 + 2BaC03 i 

(3) BaC03 + 2CH3COOH (CH3COO)2Ba + HoO + CO2 T 

^ See also, Cohn and Levine; Arch Int. Med., 36, 1 (1925). Goodman and Gil- 
man; Pharmacological Basis of Therapeutics, New York, Macmillan Pub. Co., p. 608 
(1941). 
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Official Tests for Identity.-l. Five-tenths Gm. of 
is mixed with 2 Gm. each of anhydrous sodium carbonate and 
potassium carbonate and the mixture fused (2) in a crucible, 
fused mixture is then lixiviated with distilled water and filter . 
The filtrate gives a test for Sulfate {q. v.). , , , 

2. The residue from the filtration is barium carbonate and vMieii 
it is dissolved in acetic acid, the solution gives the usual tests lor 

Bariwn {q. v.), x 

Commercial Manufacture.- 1. Barium sulfate, for Roeiitgen-rj^v 
purposes, is made by precipitating the barium ions from a cold, 
dilute solution of a soluble barium salt with dilute sulfuric acid (4). 
The salt is filtered off, thoroughly washed, dried, and screenec . 


(4) BaCb + H2SO4 -> BaS04 i + 2HC1 

2. Barium sulfate for industrial uses, e. g., making paint, filler 
for glazed cards, etc., is made by treating a soluble barium salt 
with sulfuric acid (5). It is also a by-product of several industries, 
e. g.y the manufacture of H2O2 from BaOo . 81120 and H2SO4. Ihe 
industrial grade of barium sulfate should never be administered 
internally. 

(5) BaS -f H2SO4 BaS04 i -1- II=S T 



Fig. 16 . — Roentgon-ray photograph of .stomach before taking barium sulfate. 


Pharmaceutical Preparations and Uses.- 1. Barium Sulfate (Barii 
Sulfas), U. S. P. XIIL— Barium Sulfate .should be free from soluble 
barium compounds. On account of the danger of confusing the 
poisonous sulfide and sulfite with the sulfate, the U. S. Pharma- 
copoeia cautions physicians who desire to prescribe the latter against 
abbreviating the word sulfate.” It has been observed that the 
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absorption coefficients of elements for Roentgen-rays are direclty 
proportional to the number of electrons in the respective atoms. 
Therefore, it may be correctly assumed that the atomic weight of 
an element is a criterion of its worth in absorbing Roentgen-rays. 
Because of the relatively high atomic weight of barium and because 
of the insolubility of barium sulfate in dilute acids and alkalies 
(thereby eliminating barium ion action), this compound is of great 
value in Roentgen-ray d iagnosis ( Figs. 16 and 17). It has a dis- 
tinct advantage over bismuth compounds because it does not delay 
the gastric movements and, furthermore, it is less expensive. One 
hundred to 150 (Im., when mixed with about 2 and a half times its 
weight of corn meal mush flavored with cocoa, may be given with 
impunity. A rather thin magma of barium sulfate may also be 
injected rectal ly. 



Fig. 17. — R(joiitgcii-ray photograph of stomach after taking barium sulfate. 

Commercial barium sulfate (“Blanc Fixe,” “permanent white”) 
is used for making lithopone paints, paper fillers, sizes, modi- 
fying colors of pigments, etc. The commercial grade should never 
be used for Roentgen-ray work as it usually contains poisonous 
soluble barium salts. 

Non-official Barium Compounds 

Barium Hydroxide [Ba(0H)2.8H20]. —Barium hydroxide (Caustic 
Baryta) occurs as white or colorless crystals which are more soluble 
in water (1 to 15) than the hydroxides of either calcium or strontium. 
It is an active base. Its aqueous solution is known as “ baryta water,'' 
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It is made by the action of barium oxide on water or by the action 
of superheated steam on barium carbonate (1). 

(1) BaCOa + HoO -> Ba(OH)o + CO. T 

The octahydrate, Ba (01 1)2. 81120, crystallizes from an aqueous solu- 
tion of Ba(0H)2. When carbon dioxide is passed through baryta 
water, insoluble barium carbonate is formed. Hence it is used in 
analytical chemistry as a “ COi-absorbeiit.” 1 )ricd Ba(OH)2 is used 
as a caustic. 

Barium Nitrate [Ba(N03)2].— This compound is formed by the 
action of nitric acid on the carbonate, hydroxide, or the sulfide of 
barium. It is found in Nature as nitrobaritc. It crystallizes in the 
regular system, melts at 500° C., and has a specific gravity of 3.244 
at One Gin. is soluble in 12 cc. of water at 15° C. and in 

3.2 cc. of boiling water. It is used as a reagent (standardizing soap 
solution) for H.O analysis, etc. It is used in the manufacture of 
“green fire’^ and Ba02. 

Barium Oxide (BaO), Molecular Weight, 153.30. Barium Dioxide 

(Ba02), Molecular Weight, 109.30.— l^ike the other members of the 
alkaline earth group, barium forms a regular oxide and dioxide. 
Barium oxide (Barium Protoxide, Calcined Baryta) is made by 
heating the nitrate (1), or by heating the carbonate with powdered 
(‘harcoal (2). The temperature at which barium carbonate may be 
calcined successfully is so high (above 1500° C.) that the special 
method just indicated is employed. 

(1) 2Ba(N03)2 2BaO + 4NO2 T + O. T 

(2) BaCOa + C BaO + 2CO t 

When barium monoxide is heated to redness in a current of air or 
oxygen, the dioxide is formed (3). 

(3) 2BaO + 02^ 2Ba02 

Barium dioxide (Barium Peroxide, Barium Superoxide) is only 
slightly soluble in water but combines with it to form the hydrate, 
BaO^-SHoO. The hydrate is made by adding a solution of hydro- 
gen peroxide to a solution of barium hydroxide (4). It is used in the 
manufacture of hydrogen peroxide {q. v., p. 57), special glass, sugar, 
in oil refining, etc. 

(4) Ba(OH)2 + H2O2 + 6H2O Ba02.8H20 j 

Barium Sulfide (BaS).— Barium sulfide is made by reducing 
barium sulfate with carbon (1). This salt is used as a depilatory 
(in flour or starch paste) and in the manufacture of lithopoiie, a 
substance used in white or light colored paints. The latter is made 
by the double decomposition of barium sulfide and zinc sulfate (2) 
and, as a paint pigment, it has the distinct advantage over white 
lead by not being discolored by hydrogen sulfide (3). 

(1) BaS04 + 4C -> BaS + 4COt 

(2) BaS + ZnS04 BaS04 i + ZnS j 

(3) Pb(0H)2.2PbC03 + 3H2S 3PbS + 2C04 + 

(white) (black) 



BERYLLIUM AND MAGNESIUM AND THEIR 
COMPOUNDS 


Introduction.— Beryllium (synonym: Gluoinuvi), magnesium, zinc, 
cadmium and mercury form l)ivisi()n B of Group II in Mendeleeff’s 
Periodic Table. The elements of this family are bivalent. Mercury 
also acts univalently. The properties of these metals are not as 
similar as are those of the members of some other groups such as 
the alkaline earth metals, the alkali metals, etc. In a general way, 
beryllium chemically resembles aluminum and boron. It also re- 
sembles zinc but differs from magnesium in that its hydroxide is 
amphoteric, a property that might be anticipated because of its 
position between boron, a non-metal, and lithium, a metal. From 
a standpoint of chemical behavior and also of sulfate solubility, 
beryllium and magnesium more closely resemble zinc and cadmium 
than they do the alkali metals. On the other hand, beryllium and 
magnesium differ markedly from zinc and cadmium by not entering 
into complex ions and by not forming oxides reducible by carbon. 
Furthermore, beryllium and magnesium are light metals (density: 
lie-1.8; Mg-1.74) whereas zinc, cadmium and mercury are heavy 
metals (density: Zn-7.14; Gd-8.6; Hg-13.G). I nlike the alkali and 
alkaline earth hydroxides, the hydroxides of the metals of this group 
are nearly insoluble in water and are easily converted by heat 
into the metallic oxides and water. Mercury is the only member of 
this group that forms two series of compounds, viz., mercurous 
(iiniviilcnt mercury) and mercuric (bivalent mercury). In this 
respect, mercury resembles copper ((iroup I). The chemical activity 
of mercury places it between antimony and silver in the electro- 
motive series. 


CHAPTER XXI 

BERYLLIUM 

Symbol, Be. \'alencc, II. Atomic Weight, 9.02; Atomic Number, 4 

History and Occurrence.— Beryllium was discovered in 1797 by 
L. B. Vanquelin. It was isolated by Wohler and Bussy in 1828 and 
obtained in pure form by Humpidge in 1885. It was named after 
the mineral beryl, from which it was obtained. The element is also 
called glucinim in allusion to the sweet taste of its salts. Although 
a somewhat rare metal, small quantities of it are found in quite a 
number of minerals. The widely distributed mineral known as 
beryl, a metasilieate of beryllium and aluminum [Be 3 Al 2 (Si 03 ) 6 ], is 
the principal source of this element. Beryls, containing a little 
chromium silicate, are known as emeralds. The mineral, beryUoniie, 
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is a double phosphate of beryllium and sodium (BeNaP04) and is 
found in Maine. It also occurs in chrysoheryl (Be(A102)2), phenahie 
(Be2Si04), and in some other silicates. 

Physical and Chemical Properties.— Beryllium is a hard, white, 
ductile and malleable metal. It is often obtained as hexagonal 
crystals. It has a specific gravity of 2.1 at 15° C., and a specific 
heat of 0.4079. At ordinary temperatures the metal is quite per- 
manent in air or oxygen. When heated, it becomes coated with 
oxide (BeO). It is soluble in dilute acids and, when heated with 
caustic alkalies, it forms beryllates with the evolution of hydrogen 
(1); a behavior similar to that of aluminum. 

(1) Be + 2KOH KoBeO^ + H2 T 

Beryllium combines readily with fluorine, chlorine and bromine. 

Commercial Manufacture.— Beryl is crushed and fused with potas- 
sium carbonate. The cooled product is treated with sulfuric acid, 
diluted with water, and the silica filtered oft*. When this solution 
is concentrated, most of the aluminum separates as potassium alum. 
The mother liquor is treated with a hot, (‘oncentrated solution of 
ammonium carbonate which precipitates the iron and remaining 
aluminum, but keeps the beryllium in solution as a double carbo- 
nate. The precipitates of iron and aluminum are filtered oft* and, 
when the filtrate is boiled, beryllium hydroxide containing a little 
ferric oxide is thrown down. This hydroxide is then dissolved in 
ammonium carbonate and steam blown through the liquid to 
precipitate the oxide. This process is repeated several times and 
the final precipitate is dissolved in hydrochloric acid, concentrated 
and crystallized. The crystals of beryllium chloride are then fused 
and the metal separated by electrolysis. The metal may also be 
prepared by heating the chloride with sodium in an atmosphere of 
hydrogen. 

Compounds.— Beryllium salts are usually obtained by dissolving 
either the oxide (BeO) or the hydroxide (Be(OII)2) in the desired 
acids. These salts are hydrolyzed so readily that it is difficult to 
obtain a normal salt. Beryllium nitrate (Be(]ST3.'i)2) may be i)repared 
by dissolving beryllium hydroxide in nitric acid and crystallizing 
from the latter (not water). Beryllium sulfate (BeS04.7H20) is 
isomorphous with magnesium sulfate (MgS04.7H20) and may be 
obtained by dissolving the oxide in sulfuric acid and crystallizing 
from acid solution. Like the hydroxides of aluminum and zinc, 
beryllium hydroxide (also oxide) is soluble in an excess of caustic 
alkalies and forms beryllates. Upon boiling or diluting their solu- 
tions, the hydroxide is reprecipitated. 

Pharmacological Action of Beryllium Ion.— The action of beryllium 
sulfate was investigated by Seaman^ in 1912. He observed that 
when this salt was administered orally to dogs, there resulted 
nutritional disturbances with loss of nitrogen, sulfur and phos- 
phorus. In large doses, the salt was toxic. When injected intra- 
^ Biochem. Bull., 2, 184 (1912). 
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venously, this compound was especially toxic, disturbing the respi- 
ration, circulation and temperature. It was noted that it also 
inhibited the action of digestive ferments. 

Uses.— Beryllium is never employed in medicine. Beryllium 
affects copper very much as carbon does iron. Because of the reso- 
nance possessed by beryllium-copper alloys, they are used to make 
wires for pianos and other musical instruments, artificial precious 
stones, and special electrical and scientific instruments. 

MAGNESIUM 

Symbol, Mg. Valence, II. Atomic Weight, 24.32; 

Atomic Number, 12 

History and Occurrence. — In 1695, N. Grew, a London physician, 
obtained magnesium sulfate by evaporating the water of a mineral 
spring at Epsom. This salt soon became celebrated for its medicinal 
properties and was called Epsom Salt. Magnesium oxide was not 
distinguished from calcium oxide until 1755, when J. Black showed 
them to be entirely different. The impure metal was first isolated 
by Davy in 1808. It is said that the element was named after 
Magnesia, a town in Asia Minor. A. B. Bussy^ succeeded in pre- 
paring a quantity of fairly pure metal by treating the molten 
chloride with potassium. In 1852, Bunsen obtained magnesium 
metal by the electrolysis of the chloride and in 1857, H. Sainte Claire 
Deville devised a process for making it on a commercial scale. ^ 

Magnesium is closely associated with calcium and occurs widely 
and abundantly distributed. As the free metal, it never occurs in 
Nature, and its compounds are not as plentiful as those of calcium. 
It is found chiefly in the forms of the silicate, carbonate and chloride. 
The principal silicates are /a/c[[Mg3H2(Si03)4], asbestos [CaMg3(Si03)4] 
and vieerschaum [MgoSisOs. 2II2O]. As the carbonate, it occurs in 
the mineral magnesite [MgCOs] and in large quantities as dolomite 
[(^aCOs.MgCO;,] and dolomitic limestone. The Stassfurt deposits of 
carnallite [KCI . MgCb. 6II2O] have been referred to before (p. 222). 
Native magnesium sulfate [MgS04.H20] is known as kieserite. 
Magnesium salts are associated with calcium compounds in plants. 
Magnesium phosphate occurs in bones and is one of the inorganic 
physiological constituents of urine. 

Physical Properties.— Magnesium is a silver-wdiite metal having 
a density of 1.74. The malleable and ductile properties of the 
metal permit it to be drawn into wire and then rolled into rib- 
bons, in which form it comes into the trade. Magnesium alloys, 
e. g.y magnalinm (aluminum containing about 2 per cent of mag- 
nesium) are light in w^eight, have a high tensile strength and take a 
brilliant polish. Magnesium melts at about 651° C. and boils at 
about 1380° C. 

* J. d. pharm., 16, 30 (1829); 16, 142 (1830). 

2 Compt. rend. Soc. de biol. de Paris, 44 , 394 (1857). 

23 
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Chemical Properties.— Magnesium is permanent in dry air, but 
tarnishes in moist air. When heated in air, oxygen or even in 
carbon dioxide, it burns with a blinding white light that is rich in 
actinic rays of the violet and ultra-violet regions; hence its use in 
photography (1). “Flash-light’ ' powders are mixtures of powdered 
magnesium and potassium chlorate or barium peroxide. This mix- 
ture is also used in pyrotechnics. 

(1) 4Mg + air 4 MgO + Mg^N^ 

The metal will also burn in steam, carbon dioxide, sulfur vapors, 
sulfur dioxide, nitric oxide and nitrogen dioxide. 

When burning magnesium is introduced into a current of steam, 
it decomposes the latter into hydrogen with the formation of mag- 
nesium hydroxide (2). 

(2) Mg + 2E,0 Mg(OH)2 + T 

At high temperatures the metal acts as a reducing agent, reducing 
many metallic oxides to the metals, silica to silicon, and boron 
trioxide to boron.^ When heated in an atmosphere of nitrogen, it 
forms the nitride (Mg3N2) (see Nitrogen, p. 71). Magnesium occurs 
after calcium and before aluminum in the electromotive series of 
the metals (q. v.) and hence replaces many metals from solutions of 
their salts. The metal is readily soluble in acids with the evolution 
of hydrogen and the formation of salts. It is insoluble in alkalies. 
It never enters into complex ions. 

The chemical reactions of interest that involve the magnesium ion 
are as follows: 1. Magnesium ion is precipitated bv caustic alka- 
lies (3). 

(3) Mg++ + 20H- -> Mg(OH)2 j 

2. Ammonium hydroxide incompletely precipitates magnesium 
from solutions of magnesium salts. In the presence of an ammonium 
salt, ammonium hydroxide does not precipitate magnesium ion, 
because the concentration of the hydroxyl ion produced by the 
ammonium hydroxide is depressed by the excess of ammonium ions 
from the salt. Furthermore, when the concentration of magnesium 
ion is multiplied by the square of the concentration of the hydroxyl 
ion, there is obtained a product that is less than the ion-product 
constant of magnesium hydroxide and hence no precipitate will be 
formed. 

3. When a solution of a magnesium salt is mixed with a solution 
of sodium phosphate containing an equal volume of a solution of 
ammonium chloride ^id a little ammonia water, a white crystalline 
precipitate of magnesium ammoniuiH| phosphate is produced (4). 

(4) Mg++ -f NH4+ + PO4- + OH^O MgNH4P04.6H201 

1 Moissau; Conipt. rend. Soc. dc biol. de Paris, 114, 392 (1892). 
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The presence of ammonium chloride prevents the precipitation of 
magnesium hydroxide (3) and the ammonium hydroxide lessens the 
hydrolysis (5) and decreases the solubility of the salt. 

(5) MgNH4P04 + H^O Mg++ + HP04== + NH4OII 

By ignition, magnesium ammonium phosphate is converted into 
the pyrophosphate (G). 

(6) 2MgNH4P04 Mg,P207 + 2Nn3 T + H 2 O T 

4. The dyes, para-nitrobenzene-azo-resorcinoV N02C6ll4.N= 
N — Cfill3(OII)2 and para-nitrobenzene-azo-a-naphthol, N02.(%Il4 - 
in a concentration of 0.5 per cent in a 1 per cent 
solution of sodium hydroxide will detect nig. of magnesium. 
The solution to be tested is made slightly acid with dilute hydro- 
chloric acid and then 1 drop of the reagent is added. When the 
solution is made alkaline with dilute sodium hydroxide, a charac- 
teristic sky-blue insoluble magnesium lake is formed. When the 
amount of magnesium is very small, the dilution of the stock solu- 
tion with four or five times its volume of water seems to increase 
the sensitivity of the test. Shaking for two or three minutes serves 
to coagulate the slowly forming lake. 

Traces of calcium and barium likely to be present in the course 
of the regular analysis should be removed by the addition of ammo- 
nium sulfate and oxalate. It has been found that an excess of 
ammonium salts cuts down the sensitivity of the reagent, so they 
should be volatilized l)y ignition in a casserole before the test is 
made. 

Somewhat similar blue lakes are formed with both nickel and 
cobalt, so care should be taken to completely eliminate these 
elements. 

Commercial Manufacture.— Magnesium metal is obtained by the 
electrolysis of fused magnesium chloride. The source of magnesium 
chloride is from (1) underground brines and (2) sea water. 

1 . t'nderground brines contain among other salts about 3 per 
cent of magnesium chloride. This is obtained by evaporation and 
fractional crystallization as the double salt, 2MgCl2.CaCl2. 12H2O. 
The double salt is then treated to yield MgCli.GHoO. Anhydrous 
magnesium chloride suitable for electrolysis is obtained by heating. 

2. Sea water has become an important source of magnesium 
since about 1940. It contains about 0.5 per cent INIgClo. The mag- 
nesium is precipitated as the hydroxide by alkali. Hydrochloric* 
acid is then added to form the magnesium chloride which is removed 
by crystallization and made anhydrous by heating. 

The electrolysis is carried out in quite a normal manner at the 
fusion point of magnesium chloride (about 750° C.). The chlorine 
is removed at the anode and molten magnesium rises to the to]) 
and is skimmed off. 

* Ruigh: J. Am, Chem, Soc,, 51, 145fi (1929), 
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Pharmacological Action of Magnesium Ion.— The magnesium ion 
is essential to life in the human body. It is present in blood plasma 
to the extent of about 3 mg. per 100 cc. It is apparently indis- 
pensable to the smooth functioning of the neuromuscular system. 

Meltzer^-2 pointed out that magnesium salts when injected intra- 
muscularly or intravenously have a powerful anesthetic action 
which resembles that produced by chloroform. 

Magnesium ion is not readily absorbed from the gastro-intestinal 
tract as its absorption is retarded by alkaline media and increased 
by acid media. Most of the absorption takes place in the acid 
media of the duodenum. 

Investigations by A. I). Hirschfelder and V. G. Haury^ have 
shown that normal men excrete via the urine, 40 to 44 per cent 
of the magnesium taken in a single purgative dose of Epsom salt 
within twenty-four hours. However, the concentration of mag- 
nesium in the blood plasma (normal average, 3 mg. per 100 cc.) 
was raised only slightly, the average increase being 0.24 mg. per 
100 cc. In the presence of kidney deficiency in both animals and 
men, it was found that a single purgative dose of Epsom salt was 
able to increase the magnesium level to two-thirds of the coma 
level, which is 17 mg. per 100 cc. of plasma. 

Uses.— Magnesium alloys are fast becoming structural metals 
because of their rigidity and lightness. Magnesium is used in pyro- 
technics and photography and is a constituent of alloys and is 
employed in making magnesium salts. 


Official Magnesium Compounds 
MAGNESIUM CARBONATE 

Magnesium Carbonate, U. S. P. XIII 

Approximate Formula, (MgC 03 ) 4 .Mg( 0 H) 2 . 5 H 20 
Molecular Weight, 485.74 

Physical Properties. - Magnesium carbonate is a white, bulky, 
odorless powder having a slightly '‘earthy'’ taste. It often occurs 
in light, white, friable masses. It is stable in air. 

The salt is nearly insoluble in water, to which it imparts a slightly 
alkaline reaction which is due, no doubt, to a slight dissociation of 
Mg(OH) 2 . It is insoluble in alcohol but dissolves with effervescence 
in dilute acids. 

Chemical Properties.— Magnesium carbonate is insoluble in most 
solvents and thus is quite inert chemically. Dilute acids dissolve 
it with effervescence. An acid solution gives the tests for the 
magnesium ion (q. r.). 


» Ara. .1. Physiol., vols. 14, 366 (1905); 23, 141, (1908-9). 
* J. Pharmacol., 1, 1 (1909). 

» J. Am. Med. Assn,, 102, 1138 (1936). 
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Official Tests for Identity. — 1. When magnesium carbonate is 
treated with dilute hydrochloric acid, it dissolves with the evolution 
of carbon dioxide (1). 

2. The solution obtained in (1) responds to the tests for mag- 
nesium ion. 

(1) (MgC03)4.Mg(0H)2.5H20 + lOHCl SMgCb + 4 CO 2 T 

-f- IIH 2 O 

(a) If to the solution is added ammonium chloride and then 
ammonium carbonate T.S., no precipitate forms. 

{h) A white precipitate is produced when ammonium chloride 
and sodium phosphate T.S. are added to a solution containing mag- 
nesium ions (2). 

(2) MgCl2 + NH4CI + Na2llP04 + rJloO ~ > MgNIl4P()4 - 

6H20i + HCl + 2NaCi 

Commercial Manufacture.— When solutions of sodium carbonate 
and magnesium sulfate are mixed, a precipitate of basic magnesium 
carbonate is formed. The composition of this basic salt varies 
according to the concent fations and temperatures of the solutions 
of the reacting substances and also according to the temperatures 
at which the precipitate is dried. Thus, when cold dilute solutions 
of sodium carbonate and magnesium sulfate are mixed, no carbon 
dioxide is evolved, a very bulky, white precipitate of basic carbonate 
is thrown down and an appreciable amount of magnesium bicarbo- 
nate [Mg(IIC 03 ) 2 , soluble] remains in solution. This can be pre- 
cipitated as basic carbonate by boiling. When hot, concentrated 
solutions of the reacting substances are mixed, carbon dioxide is 
given off and a salt containing a greater proportion of magnesium 
hydroxide is obtained. Consistent with the ease of manufacture, 
bulkiness of product, etc., a process has been devised whereby an 
aqueous solution of magnesium sulfate (125 Gm. per liter) is mixed 
with an aqueous solution of sodium carbonate (150 Gin. per liter), 
the temperature of the solutions not exceeding 55° C. The resulting 
precipitate is washed to remove sodium sulfate and dried without 
heat. The following equation approximately represents the met- 
athesis (3). 

(3) 5MgS04.7H20 + 5Na2CO3.10H2O 

(0H)2.5H20 i + 5Na2S04 + CO> T + 79 II 2 O 

Pharmaceutioal Preparations and Uses. — 1. Magnesium Carbonafe 
(Magnesii Carbonas, Magnesia Alba), U. S. P. XIII.— Magnesium 
Carbonate is a basic hydrated magnesium carbonate or a normal 
hydrated magnesium carbonate. It contains the equivalent of not 
less than 40 per cent and not more than 43.5 per cent of MgO. 

Official magnesium carbonate is used as an antacid and laxative. 
It is contraindicated only when the stomach must not be burdened 
with carbon dioxide. In the alimentary tract, this basic salt is 
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converted into soluble inagiiesiuin bicarbonate and, therefore, acts 
as a laxative. Soluble salts of magnesium act as cathartics because 
(salt action) they are reduced in the intestines to isotonic conditions 
by the absorption of liquid. This liquid, together with the salts, 
is retained in the intestines, increases the quantity and fluidit\' of 
the intestinal contents and mechanically stimulates peristalsis. In 
preparations that are alkaline, magnesium carbonate rna}' be used 
as a clarifying or filtering agent. It is also used as an abrasive in 
some tooth powders, as a cosmetic, and as an ingredient in silv(‘r 
polishes. Average dose — Antacoid, 0.()Gm. (approximatt'ly 10 grains) 
— Laxative, 8 Gm. (approximately 2 drachms). 

2. Magnesium Citrate Solution (Liquor Magnesii Citratis), L. S. P. 
XlII. -Magnesium Citrate Solution contains, in each 100 cc., 
an amount of magnesium citrate corres])onding to not less than 
l.() Gm. and not more than 1.9 Gm. of IVJgO. A suspension ol' 
magnesium carbonate in distilled water is added to a hot aqutM)Us 
solution of citric acid and the mixture stirred until solution is 
effected (4). Syrup is added and the solution heated to the boiling- 
point. Purified talc, with which oil of lemon has been triturated, 
is added and the mixture filtered while hot into a strong bottle 
that has been rinsed with boiling water. Suflicient boiled distilled 
water is then added to bring the volume up to 350 cc. The bottle is 
stoppered with a pledget of purified cotton and after the contents 
have cooled, the potassium bicarbonate is introduced and the bottle 
immediately stoppered. The bottle is shaken occasionally' to facili- 
tate solution of the bicarbonate (5). It is recommended that the 
bottle be kept on its side in a cool place, preferably in a refrigera- 
tor. The excess of citric acid reacts with the potassium bicarbonate 
to form potassium citrate and carbon dioxide. The latter (‘harges 
the solution and makes it more palatable. An equivalent amount 
of sodium bicarbonate, pr<‘ferably in tablet form, may be used in 
place of the potassium })icarbonate. Tlie stability of this solution 
is improved by adjusting the quantity of magnesium carbonate 
for each 350 cc. of solution so that it corresponds to 0 Gm. of 
MgO and by sterilizing the solution after it has been bottled. 
This [)reparation is employed as a laxative and cathartic. 

(4) 5C,lU{OU){COOH), + (MgCO:04.Mg(OH),.5H,O->5C:Jl4- 

(OH)(C()OII)(COO),IVIg + 4C0-4+ llHoO 

(5) C3H4(0II)(C00H)3 + 3KHC03 -> C3ll4(OII)(COOK)3 + 

3 CO 2 T + 311,0 

Recently^ there has been developed a very stable form of neutral 
magnesium carbonate, AlgCOs.ILO. This has been used in pre- 
paring a dry powder mixture of the U. S. P. formula for citrate of 
magnesia. The official solution can be made by simple solution. 
Average dose— 200 cc. (approximately 7 fluidounces). 

3. Tolu lialsam Syrup (Syrupus Balsami Tolutani, Syrup of 
Tolu), U. S. P. XI IL— Magnesium carbonate acts as an excellent 
clarifying agent and, because of its slight alkalinity, it also assists 

• .1. Am. Pharm. As.sn., Pr. Ed., 2, 213 (1941). 
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in effecting the solution of the resinous constituents of the tolu. 
This syrup is a very mild expectorant, although it is more often 
used as a pleasant vehicle. Average dose—2 cc. (approximately 
30 minims). 

4. Carminative Mixture (Mistura Carminativa, Dalby's Carmina- 
tive), N. F. VIII.— It contains, in addition to the other ingredients, 
65 Gm. of Magnesium Carbonate in each 1000 cc. of the mixture. 

The magnesium carbonate contributes to the antacid properties. 
Average dose— For infants, 0.5 cc. (approximately 8 minims). 

5. Aromatic Eriodictyon Syrup (Syrupus Eriodictyi Aromaticus, 
Aromatic Yerba Santa Syrup, Syrupus Corrigens), N. F. VIII.— 
Magnesium carbonate is used primarily as a clarifying agent but 
its slight alkalinity assists in the solution of the resins. The prepa- 
ration is used as a masking vehicle for bitter medicines. (See Potas- 
sium Hydroxide, p. 246.) Average dose— 8 cc. (approximately 
2 fluidrachms). 

6. Ginger Syrup (Syrupus Zingiberis), N. F. VIIL— Magnesium 
carbonate acts as a dispersing and clarifying agent besides impart- 
ing a slight alkalinity to the syrup. 

7. Thyme Syrup (Syrupus Thymi), N. F. VIII.--The slight 
alkalinity imparted to the syrup by the magnesium carbonate 
assists in kee})ing the resins of the thyme in solution. 

MAGNESIUM HYDROXIDE 

Magnesium, Hydroxide, N. F. VIII 
Formula, i\Ig(OH) 2 . Molecular Weight, 58.34 

Physical Properties.- Magnesium liydroxide occurs as a bulky 
white powder. It is practically insoluble in water and in alcohol 
but soluble in dilute acids. 

Chemical Properties.— A solution of magnesium hydroxide is 
faintly alkaline. Sodium h,\'droxkle or potassium hydroxide reduce 
the solubility of magnesium hydroxide, whereas the addition of 
ammonia or ammonium chloride increases it. IMagnesiiun hydrox- 
ide in aqueous solution ionizes into inagnesiiun ions and hydroxyl 
ions (1). 

(1) Mg(OII)2 ^ Mg++ + 2011- 

The addition of ammonium chloride provides a supply of ammo- 
nium ions (2). 

(2) NH4CI ^ NII4+ + Cl- 

The ammonium ions combine with the hydroxyl ions (equation 1) 
to form practically non-ionized ammonium hydroxide. This causes 
the reaction represented in (1) to proceed to the right and results 
in more magnesium hydroxide going into solution. This process 
goes on until the solubility product of magnesium hydroxide is 
reached. (See Magnesia Mixture T.S., U. S. P. XIII, p, 839). 
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Like many hydroxides, that of magnesium will readily absorh 
carbon dioxide. A novel use of magnesium hydroxide is its incor- 
poration into cheese before canning as a carbon dioxide absorbent.' 

Magnesium hydroxide when dissolved in an acidic solution will 
respond to the reactions of the magnesium ion (see p. 354). 

Official Tests for Identity.— 1. A solution of magnesium hydroxide 
(1 in 20) in diluted hydrochloric iicid responds to the tests for mag- 
nesium. (See Magnesium Carbonate, p. 357.) 

Commercial Manufacture.— Most of the magnesium hydroxide i.s 
prepared by the hydration of magnesium oxide (3). 

(3) MgO + ILO Mg(OH) 

Tlie hydroxide is collected and wa.shcd on a filter and dried. 

It is also prepared by mixing a solution of magnesium sulfate 
and sodium hydroxide (4). 

(4) MgSOi + 2NaOH -> Mg(On )2 i -f Na,S 04 

This method has the disadvantage of having a long and tedious 
washing process to remove the sodium sulfate. 

Pharmaceutical Preparations and Uses. — 1. Magnesium Hydroxide 
(Magnesii Ilydroxidum), N. F. VIII.— MagTicsium Hydroxide con- 
tains not less than 95 per cent of Mg(OH) 2 . Due to its basic 
character it is an efficient antacid aiul the magnesium chloride 
formed in the stomach exerts a “salt action” in the intestinal tract 
(see Magnesium Carbonate, p. 358), causing a mild laxative action. 
Average dose— 0.3 Gm. (approximately 5 grains). 

2. Magnesium Hydroxide Tablets (Tabelhe Magnesii Hydroxidi, 
“Milk of Magnesia Tablets”), N. F. VIII.— Magnesium Hydroxide 
Tablets contain not less than 93 per cent and not more than 107 per 
cent of the labeled amount of Mg(OH) 2 , the amount being expressed 
by weight. Average dose— 0.3 Gm. (approximately 5 grains). 

3. Magnesia Magma (Magma Magnesia;, Milk of Magnesia), 
U. S. P. XIH. — Magnesia Magma is a suspension of magnesium 
hydroxide containing not loss than 7 per cent and not more than 
8.5 per cent of Mg(OH) 2 . For purposes of minimizing the action 
of the glass container on Magnesia Magma, 0.1 per cent of citric- 
acid may be added. Most Milk of Magnesia is prepared by the 
hydration of magnesium oxide (3). It was prepared by the old 
method of double-decomposition by slowly adding a solution of 
s^ium hydroxide to a boiling solution of magnesium sulfate (4). 
The mixture was boiled for thirty minutes and then mixed with 
hot distilled water in a cylindrical vessel. When the precipitate had 
settled, the supernatant liquid was decanted and the magma again 
washed with hot distilled water. The washing was repeated until 
the liquid failed to give a test for sulfate ion. The mixture was 
concentrated by evaporation until it contained the required amount 
of Mg(OH) 2 . One-half cc. of a volatile oil or a blend of volatile 

* Aminco Lab. News (March 1947 ). 
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oils, suitable for flavoring purposes, were usually added to each 
1000 cc. of Magnesia Magma. It should be stored at temperatures 
not exceeding 35° C., and should not be permitted to freeze. Average 
dose— Antacid, 4cc. (approximately 1 fluidrachm); Laxative, 15 cc. 
(approximately 4 fluidrachms.) 

MAGNESIUM OXIDE 

Magnedum Oxide, U. S. P. XIII 
Heavy Magnesium Oxide, U. S. P. XIII 

Formula, MgO. Molecular Weight, 40.32 

Physical Properties.— Magnesium Oxide usually occurs as a very 
bulky, white powder but it may be moulded into cubes. The heavy 
magnesium oxide occurs as a relatively dense, white powder. Both 
are odorless, insoluble in water and alcohol but soluble in dilute 
acids. The two oxides differ from one another in density; the bulk 
of a definite weight of light magnesium oxide being about three and 
a half times that of the same weight of heavy magnesium oxide. 

Chemical Properties. — Upon exposure to air, they absorb carbon 
dioxide and moisture. Light magnesium oxide hydrolyzes to 
Mg(OH)2 more easily than the heavy oxide and will dissolve readily 
in water containing carbon dioxide (1, 2). 

(1) CO2 + 2H2O ^ II,C03 + II2O ^ HCOr + H.,0+ 

(2) MgO + 2IK 0.r + 2H3O+ -V Mg(IICO.02 + 3H2O 

When the light oxide is finely ground and mixed with a solution 
of magnesium chloride the mass sets to a hard, strong and durable 
cement. The composition is thought to be SMgO.MgCb. 10H>O, 
although some Mg(OIl)2 could also be present. A mixture of this 
type is known as magnesia cement, oxychloride cement, Sorel’s 
cement, or zylolith. 

Magnesium oxide fuses at about 2800° C. and at such high tem- 
peratures is reduced by carbon, forming magnesium carbide. 

A solution of magnesium oxide in dilute acid responds to the re- 
actions of the magnesium ion (see p. 354). 

Official Test for Identity.— When the oxides are converted into 
magnesium chloride by treatment with hydrochloric acid, the 
resulting solution responds to all tests for Magnesium ion {q, i\). 

Commercial Manufacture.— Magnesium Oxide.— Thh form of 
magnesium oxide is made by firmly pressing official magnesium 
carbonate into a crucible and heating to dull redness (3) until a 
small test-sample no longer effervesces with hydrochloric acid. 

(3) (MgC03)4.Mg(0n)2.5H20^ 5MgO + 4CO> T + 6H2O T 

Heavy Magnesium Oxide.— k heavy oxide may be obtained by 
heating to white heat official magnesium carbonate that has been 
firmly packed in a crucible. Magnesium oxide of greatest com- 
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pactness is obtained by heating to redness the washed and dried 
magnesium carbonate (heavy) that is obtained by mixing boiling 
aqueous solutions of magnesium sulfate and sodium carbonate. 

Pharmaceutical Preparations and Uses. — 1. Magnesium Oxide 
(Magnesii Oxidum, Magnesia, Light Magnesia), U. S. P. XIII.— 
Magnesium Oxide contains, after ignition, not less than 96 per cent 
of MgO. It is used as an antacid and laxative. Average dose— 
Antacid, 0.25 Gm. (approximately 4 grains); Laxative, 4 Gm. (ap- 
proximately 60 grains). 

2. Heavy Magnesium Oxide (Magnesii Oxidum Ponderosum, 
Heavy Magnesia), U. S. P. XIIL— Heavy magnesium has the 
same purity rubric, use and dose as magnesium oxide. 

Ih Aromatic Cascara Sagrada Vluidextract (Pluidextractum Gas- 
cara3 Sagradai Aromaticum), U. S. P. XIIL— As has been previously 
pointed out, magnesium oxide unites slowly with water to form 
the sparingly soluble magnesium hydroxide, which gives the solution 
a faintly alkaline reaction. Magnesium oxide (with some magnesium 
hydroxide) is allowed to react for forty-eight hours with the bitter 
principles of the cascara bark. This mitigates the bitterness of the 
finished preparation. It is used as a laxative. Average dose— 2 cc. 
(approximately 30 minims). 

4. Hydrastis Extract (Extractum Hydrastis, Goldenseal Extract, 
Powdered Hydrastis Extract), N. F. VIIL— Because magnesium 
oxide can absorb moisture and thus maintain a dry condition around 
it, the oxide, together with starch, is used in this preparation as a 
diluent. Average dose— 0.5 Gm. (approximately 7^ grains). 

5. Compound Rhubarb Powder (Pulvis Rhei Compositus, Gregory’s 
Powder), N. F. ^TIL— This powder contains 65 per cent of magne- 
sium oxide, together with powdered rhubarb and powdered ginger. 
Magnesium oxide heutralizes the tannic acid in the rhubarb and 
thus reduces the astringent property. 44ie powder is used as an 
antacid and laxative. Average dose— 2 Gm. (approximately 
30 grains). 

6. Sodium Bicarbonate and Magnesium Oxide Powder (Pulvis 
Sodii Bicarbonatis et Magnesii Oxidi, Sippy Powder No. 2), N. F. 
VIIL— This powder ^'contains not less than 92.5 per cent and not 
more than 107.5 per cent of the labeled amount of NallCOj, and 
not less than 90 per cent and not more than 110 per cent of the 
labeled amount of MgO.” The powder contains 50 per cent of 
each ingredient. It is used as an antacid, particularly in the treat- 
ment of stomach ulcers. Average dose— 1.3 Gm. (approximately 
20 grains). 

7. Sodium Bicarbonate and Magnesium Oxide Tablets (Tabellse 
Sodii Bicarbonatis et Magnesii Oxidi, Sippy Powder Tablets No. 2), 
N. F. VIIL— These tablets have the same purity rubric, use and 
dose as the powder. 
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TRIBASIC MAGNESIUM PHOSPHATE 

TribaMc Magnesium Phosphate, N. F. VIII 
Formula, Mg:j(P04)2-5H20. Molecular Weight, 353.00 

Physical Properties. —Tribaslc Magnesium Phosphate is a white, 
odorless, and tasteless powder. It is almost insoluble in water but 
is readily soluble in diluted mineral acids. 

Chemical Properties.— Tribasic magnesium phosphate is readily 
precipitated from solutions of magnesium salts with trisodium 
phosphate (1). 

(1) 2Na,(P04)2 + 3MgS04 Mg.(P04)2 i + 3Na2S04 

Ordinary sodium phosphate, Na2lIP04, slowly precipitates mag- 
nesium hydrogen phosphate, MgIIP04.7H20, soluble in 322 parts 
of cold water. When the salt is dissolved in diluted nitric or 
hydrochloric acid it responds to the tests for the magnesium ion 
(see p. 354). A dilute nitric acid solution of the salt will give a 
yellow precipitate of ammonium phosphomolybdate with ammo- 
nium molybdate T.S. (see p. 128). 

The phosphate ion may be removed by dissolving tribasic mag- 
nesium phosphate in diluted acetic acid and adding a solution of 
ferric chloride T.S. (2, 3). 

(2) Mg3(F()4)2 + r)HC2H302 -> 3Mg(C2n302)2 + 2II,P04 

(3) H,P 04 + FeCb FeP 04 i + 3IIC1 

The solution thus obtained by filtering out the white ferric phos- 
phate will r(\sp()nd to all the tests for the magnesium ion. 

Official Tests for Identity. — 1. Ammonium molybdate T.S. added 
to a solution of Tribasic Alagnesium Phosphate in diluted nitric 
acid produces a precipitate of yellow ammonium phosphomolybdate 
which is soluble in ammonia T.S. 

2. Dissolve 0.1 Gm. of tribasic magnesium phosphate in 0.7 cc. 
of diluted acetic acid and 20 ec. of distilled water. Add 1 cc. of 
ferric chloride T.S., let stand five minutes and filter. Five cc. of 
the filtrate responds to the test for magnesium {q. v.). 

Commercial Manufacture.— When a solution of trisodium ortho- 
phosphate is added to a solution of magnesium sulfate, magnesium 
triphosphate is precipitated (1). The precipitate is washed with 
water until free from sodium sulfate and dried. 

Pharmaceutical Preparations and Uses.— 1 . Tribasic Magnesium 
Phosphate (Magnesii Phosphas Tribasicus), N. F. VUL— Tribasic 
Magnesium Phosphate, when ignited to constant weight, contains 
not less than 98 per cent of Mg3(P04)2. This insoluble compound 
is used quite extensively as an antacid. When so used, an amount 
sufficient only to neutralize excess acid in the stomach is rendered 
soluble and, therefore, it does not produce systemic alkalization 
as do inagnesiuin hydroxide, sodium bicarbonate, etc. The antacid 
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action is accounted for by the fact that the phosphate ion (P04~) 
will not exist as such in a medium containing hydronium ions 
(HaO”^). The IhO'^ combines with. P04=^ to form relatively non- 
ionized HPO4”, thus reducing the H30'^ concentration in the stomach. 
A mild laxative action has been attributed to tribasic magnesium 
phosphate. Average dose— 1 Gm. (approximately 15 grains). 

2. Tribasic Magnesmm, Phosj)hate Tablets (Tabelhe Magnesii 
Phosphatis Tribasici), N. F. VIII.— These tablets contain not less 
than 93 per cent and not more than 107 per cent of the labeled 
amount of Mg3(P04)2 . 5H2O. Average dose— 1 Gm. (approximately 
15 grains). 

MAGNESIUM SULFATE 

Magnesimn Sulfate, U. S. P. XI II 
Formula, MgS04.7Pl20. Molecular Weight, 246.49 

Physical Properties. - -This form of magnesium sulfate occurs in 
small, colorless, prismatic needles or rhombic prisms that are odor- 
less and have a bitter, cooling, saline taste. 

One Gm. of Magnesium Sulfate dissolves in 1 cc. of water and 
slowly in about 1 cc. of glycerin, at 25"^ G. One Gm. dissolves in 
0.2 cc. of boiling water. It is sparingly soluble in alcohol at 25"^ C. 

The salt is efflorescent. When gently heated, it readily loses some 
of its water of hydration and is converted into the monohydrate 
(a white powder) which quickly becomes anhydrous at 200° C. 

Magnesium sulfate crystallizes from cold water in the form of 
rhombic prisms or in needles of the heptahydrate (MgS04 . 7H2O) . 
It is known as Epsom salt. With many other sulfates, magnesium 
sulfate forms double salts that are isomorphous with one another 
and also with analogous salts of zinc. They have a general formula 
M2SO4.MgSO4.6H2O, where M represents potassium, sodium, am- 
monium, etc. 

Chemical Properties.— An aqueous solution of magnesium sulfate 
is neutral to litmus^ paper. Aqueous solutions of the salt respond 
to the chemical reactions of the magnesium ion {q. v.) and the 
sulfate ion (see p. 212). 

Official Tests for Identity.— Aqueous solutions of the salt respond 
to all tests for the Magnesium ion (q, v.) and for the Sulfate ion. 
(See Sodium Sulfate, p. 212.) 

Commercial Manufacture.— 1. Magnesium sulfate is made by 
treating native magnesium carbonate (magnesite) with sulfuric acid 
(1). The evolved carbon dioxide is usually used for “carbonating’' 
waters. The residue is dissolved in hot water, the excess of sulfuric 
acid neutralized with magnesite, and barium sulfide added to pre- 
cipitate any iron that may be present as soluble sulfate. The clear 
supernatant liquid is drawn off, concentrated and allowed to 
crystallize. 

(1) MgCOa + H2SO4 MgS04 + CO2 T + H2O 
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2. Large quantities of magnesium sulfate are obtained from 
kieserite (MgS04.H20), a native form of the salt. This mineral is 
only sparingly soluble in cold water and therefore must be heated 
to change it to the soluble anhydrous salt. When the solution is* 
concentrated and allowed to cool, crystals of the heptahydrate 
(MgS04. 7H2O) separate out. The product may be purified by 
recrystallization from water. 

Pharmaceutical Preparations and Uses.— 1. Magnesium Sulfate 
(Magnesii Sulfas, Epsom Salt), TJ. S. P. XIII.— Magnesium Sulfate, 
when rendered anhydrous by ignition, contains not less than 99.5 per 
cent of MgS04. It contains not less than 40 per cent and not more 
than 52 per cent of water. 

This salt is very widely used as a saline cathartic. Since both the 
sulfate and magnesium ions are not readily absorbed, the cathartic 
action is perhaps due to the irritant action of these ions on the 
bowel and to an increase in flow of the intestinal juices. The “salt 
action” resulting in an osmotic retention of fluid in the intestine 
is also a means of explaining the cathartic property. (See Magne- 
sium Carbonate, p. 358.) Average dose— 15 Grn. (approximately 
4 drachms). 

2. Magnesium Sulfate Am/puh (Ampullae Magnesii Sulfatis, Mag- 
nesium Sulfate Injection), N. F. VIII.— These ampuls contain a 
sterile solution of magnesium sulfate in water for injection and yield 
anhydrous magnesium sulfate, MgS04, equal to not less than 46 per 
cent and not more than 53 per cent of the labeled amount of mag- 
nesium sulfate, MgS04.7Il20. Average dose— 1 Gm. 

MAGNESIUM TRISILICATE 

Magnesium Trisilicatey U. S. P. XIII 
Formula, 2MgO . 3Si02 . nH20 

Physical Properties.— Magnesium Trisilicate is a fine, white, odor- 
less, tasteless powder, free from grittiness. It is almost insoluble 
in water and in alcohol. 

Chemical Properties.— Magnesium trisilicate when treated with 
diluted sulfuric acid decomposes to form magnesium sulfate and a 
residue of silicon dioxide (1). 

(1) 2Mg0.3Si0>.nII,>0 + 2ILS04-^2MgS04 + 3Si02 + nll.O 

-f- 2II2O 

In the stomach a similar reaction takes place with hydrochloric acid 
and a gelatinous mass is formed with the gastric contents. 

Official Tests for Identity.— 1. Mix about 0.5 Gm. of Magnesium 
Trisilicate with 10 cc. of diluted hydrochloric acid, filter, and neu- 
tralize the filtrate to litmus,paper with ammonia T.S.; the neutra- 
lized filtrate responds to the tests for Magnesium ion (p. 357). 

2. Prepare a bead by fusing a few crystals of sodium ammonium 
phosphate on a platinum loop in the flame of a Bunsen burner. 
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Place the hot, transparent bead in contact with Magnesium Prisili- 
cate, and again fuse. Silica floats about in the bead, producing, 
upon cooling, an opaque bead with a web-like structure. 

Methods of Manufacture. — In general. Magnesium irisilicate is 
prepared by slowly running a solution of magnesium sulfate into a 
solution of sodium silicate. The precipitate is washed, dried, and 
powdered. It may also be prepared by adding an amount of hydro- 
chloric acid to the sodium silicate solution and then adding cream 
of magnesia or precipitated magnesium hydroxide. Instant granu- 
lation takes place throughout the whole mass. No silica will be 
precipitated immediately upon the addition of hydrochloric acid to 
the sodium silicate solution provided the solutions are well diluted. 
The granular material is washed, dried, and powdered.^ 

Pharmaceutical Preparations and Uses. — 1. Magnesium Trisilicate 
(Magnesii Trisilicas), U. S. P. XIII.— This is a compound of mag- 
nesium oxide and silicon dioxide with varying proportions of water. 
It contains not less than 20 per cent of magnesium oxide (MgO) 
and not less than 45 per cent of silicon dioxide (SiO^). This magne- 
sium salt of meso-(deutro-) trisilicic acid is used to relieve gastric 
hyperacidity and pain in gastric and duodenal ulcer. Its action is 
chemical but it does not interfere with })eptic digestion nor docs it 
induce systemic alkalization. In normal amounts it is non-toxic 
and it possesses adsorptive properties. In large doses it sometimes 
induces diarrhea because of the magnesium chloride formed with 
the hydrochloric acid in the stomach. 'Phe silicon dioxide which 
is formed and hydrated in the stomach passes into the intestine and 
there functions as an absorbent. This absorbent property makes 
magnesium trisilicate more than just a good antacid. In the 
stomach a gelatinous mass is formed that is protective to ulcers 
and prolongs the antacid properties for several hours. One Gm. 
of magnesium trisilicate can neutralize about 155 cc. of 0.1 N hydro- 
chloric acid. Since it is insoluble in neutral and basic solutions, the 
antacid action stops in the stomach when all the hydrochloric acid 
is neutralized and thus prevents the development of an alkaline 
condition. 

Magnesium trisilicate powder is an emulsifying agent for mineral, 
vegetable and animal oils when used in the proper proportions. 
An oil-in-water emulsion is produced which is probably brought 
about by mechanical action.^ Average dose— 1 Gm. (approximately 
15 grains). 

2. Magnesium Trisilicate Tablets (Tabellfe Magnesii Trisilicatis), 
U. S. P. XIII.— Average dose— 1 Gm. (approximately 15 grains). 

ASBESTOS 

The name asbestos has been given to certain minerals that are 
fibrous in character and are poor conductors of heat. The best 

» Glass, Norman: Quart. J. Pharm. and Pharmacol., 9, 445 
* J. Am. Pharm. Assn,, Pr. Ed., 7, 123 (1946), 
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known minerals that have asbestiform varieties are: Serpentine 
[H4Mg3Si-209], amphibole [Ca(Mg. Fe) 3 Si 40 i 2 ], anthophyllite [(Mg. Fe)- 
Si 03 ], and tremolite [CaMg 3 Si 40 i 2 ]. The best quality, long-fiber 
asbestos is found in veinlets in serpentine. It is thought to have 
been formed by the alteration of peridotite and other rocks by 
water. 

The most important deposits of asbestos are found in a belt of 
igneous rock, that extends about 250 miles northeastward from 
northern Vermont into Canada, in Russia, Cape of Good Hope, 
and in Wyoming and Arizona. 

The asbestos is usually mined along with the waste rock. I'he 
material is crushed and separated by means of an air blast which 
blows the ligher asbestos from the heavier rock. 

Asbestos is purified by boiling it for one hour with dilute hydro- 
chloric acid and then washing it free from acid. Because it is not 
affected by fire, it is used as a filtering medium for those substances 
that are to be subjected to high temperatures. The lower grades of 
asbestos are mixed with cement and made into fire-proof shingles 
and boards. Fire-proof plaster is made by incorporating asbestos 
in ordinary wall plaster. 

TALC 

Talc, U. S. P. XIII 

Physical Properties. - Talc is a very fine white or grayish-white, 
crystalline powder. It is unctuous, adhering readily to the skin, 
and is free from grittiness. 

Chemical Properties. Talc is formed by the breaking down of 
tremolite, instatite and other magnesian minerals. According to 
Clark, ^ the reactions may be represented as follows; 

(1) CaMg 3 Si 40,2 + IIoO + CO 2 -> Mg 3 ll 2 (Si 03)4 + CaCO;, 

(2) Mg 4 Si 40 i 2 + H 2 O + CO 2 -> Mg 3 ll 2 (Si 03)4 + MgC 03 

Soapstone is a dense and impure form of talc. Talc is an inert 
substance showing little activity to acids or bases. Upon fusion 
with sodium and potassium carbonate, the magnesium is removed 
in a soluble form while the silicon remains as an insoluble oxide. 

Official Tests for Identity.- Mix 500 mg. of Talc with 200 mg. of 
anhydrous sodium carbonate and 2 Gm. of anhydrous potassium 
carbonate, and heat the mixture in a platinum crucible until fusion 
is complete (3). 

(3) Mg3H2(Si03)4 -j- Na2C03 -f- 2l\2C03 — > SMgCOa -I- Na2Si03 
+ 2X28163 + bUSiOs 

Cool, and transfer the fused mixture to a dish or beaker with the 
aid of about 50 cc. cf hot water. x\dd hydrochloric acid to the 

1 Clark, F. W.: Tlie Data of Ceocheniiatry, .‘Fl ed., U. S, Geol. Survey Bull , 616, 
415 ( 1916 ). 
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liquid until it ceases to cause efferv'escence, then add 10 (c. more 
of the acid (4, 5, 6), 

(4) MgCO, + 2HCI MgC:h + H 2 O + W 

(5) NasSiQ, -h 2HCI 2NaCl + (SiO^ + TW) 

Soluble 

( 6 ) K^SiOs + 2Iia 2Ka + (SiOo + IW) 

Soluble 

and evaporate the mixture to dryness on a water-bath. The silicic 
acid formed by the reactions expressed in equations 5 and 6, H2Si0.3 
(Si02 + HiO), when heated to 100^ C. loses all but 13 per cent of 
its water and the silica becomes insoluble. Cool, add 20 ec. of 
water, boil, and filter the mixture. An insoluble residue of silica 
remains. The filtrate contains soluble magnesium chloride and 
responds to the tests for magnesium ion (q. v.). 

Commercial Manufacture.— Purified talc is made by boiling very 
finely powdered talc with water containing about 2 per cent of 
hydrochloric acid, allowing the insoluble matter to subside, decant- 
ing the supernatant liquid and repeating the process with a weaker 
hydrochloric acid. The talc that has been freed of iron and other 
soluble impurities is thoroughly washed with water and dried at 
110" C. 

Pharmaceutical Preparations and Uses.— 7a/c (Talcum, Purified 
Talc, U. S. P. XII), U. S. P. XIII.- -‘‘Talc is a native, hydrous mag- 
nesium silicate, sometimes containing a small })roportion of alumi- 
num silicate.'’ 

Because of its insolubility, it is employed as a filtering medium. 
For such use it should not be finer than the powder which passes 
through a No. 80 sieve but is retained by a No. 100 sieve. A powder 
finer than No. 100 is not retained by the average filter paper and 
causes murky filtrates. As a filtering agent, it is used in the prepa- 
ration of numerous pharmaceutical solutions, e. g., the aromatic 
waters, ]\Iagnesium Citrate Solution, Aromatic* Elixir, N. F., Anti- 
septic Solution, Orange Syrup, etc. 


Non-official Magnesium Ojmfounds 

Magnesium Chloride, MgCh, Molecular Weight, 95.23. -Magne- 
sium chloride is found in Nature in salt deposits, in sea water 
and as the mineral carnallite (MgCb.KCl.filEO). It crystallizes 
from water as the hexahydrate (MgCl 2 . 6 H 20 ; molecular weight, 
203.34), in which form it was recognized by the P^ifth Edition of 
the National Formulary as Magnesii Chloridum. 

Magnesium chloride o(;curs in colorless, transparent monoclinic 
crystals, or as white translucent pieces. It is highly deliquescent 
and resembles calcium chloride in its chemical behavior by not being 
dehydrated by heat without being partially hydrolyzed ( 1 ). 

(1) MgCkMW -> MgO + 2HC1 -h 5 H 2 O 



TALC 


369 


Because of the hydrochloric acid produced upon the hydrolysis of 
magnesium chloride, water that contains any appreciable amount 
of this salt should not be used in steam boilers. 

One Gm. of the salt dissolves in about 0.6 cc. of water. It is 
soluble in alcohol. Magnesium chloride decomposes at red heat. 

1 . An aqueous solution of magnesium chloride is neutral to litmus 
paper. 

2. An aqueous solution of the salt responds to all tests for mag- 
nesium ion (q. V,) and for chloride ion {q. v.). 

Magnesium chloride may be obtained by the action of hydro- 
chloric acid upon magnesite (native magnesium carbonate). Nearly 
all magnesium chloride is obtained as a by-product in the prepara- 
tion of potassium chloride from carnallite. The mother liquors are 
evaporated in open iron pans to a density of 1.4077, when the less 
soluble salts precipitate and are raked out. When the concen- 
trated solution is allowed to cool, a radiating crystalline mass of 
MgCl2.6H20 quickly forms. 

Anhydrous magnesium chloride may be obtained by heating the 
hexahydratc in a current of hydrogen chloride or by carefully volatil- 
izing ammonium chloride and water from the double salt, MgCli.- 
NH4CI.6H2O. 

Magnesium chloride is used industrially for many purposes, e. g., 
dressing cotton and woolen fabrics, fire-proofing wood, making 
magnesium salts, etc. Magnesia cement (sorel cement, lignolite, 
xylotite, etc.) is made by adding about 700 parts of a 32 per cent 
solution of magnesium chloride to a mixture composed of 100 parts 
of freshly heated magnesium oxide and 300 parts of infusorial earth 
or sawdust and stirring constantly until there is formed a jelly-like 
mass which sets to a hard solid consisting of a hydrated basic 
magnesium chloride of indefinite composition. 
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CHAPTER XXII 
ZINC AND ZINC COMPOUNDS 

ZINC 

Symbol, Zn. Valence, II. Atomic Weight, 65.38; 

Atomic Number, 30 

History. — In the writings of Aristotle, references are found to an 
“earth” which when fused with copper, gave a bright, light colored 
metal that was called the “metal of the Masynoeci” (brass). Pliny 
also wrote about a mineral that he called cadviia (zinc ores). When 
this mineral was heated with copper, the latter was converted into 
aurichalcum (brass). lie called especial attention to the fact that 
the deposit (zinc oxide) formed in brass furnaces could be used in 
place of this mineral. In 1677, Kunckel advanced the theory that 
“ cadmia ” was a “ metallic calx ” that dyed copper yellow by “ giving 
its metal up to it.” The word zinc was first used by Paracelsus in 
the sixteenth century. lie regarded the substance as a “semi- 
metal” and the word was indiscriminately used both for the metal 
and its ores. In 1720, Henckel prepared metallic zin(! in a fair 
state of purity. In England, the art of zinc smelting came into 
being about 1 730. 

Occurrence.— Zinc does not occur free in Nature. In combination, 
it is widely distributed. The most important zinc ores are .sphalerite 
or zinc blende [ZnS], the anhydrous silicate, tviUemiie [Zn-iSiOi], 
calainine [Zn2Si04.H20J, and smithsonite [ZnCOJ. Other zinc- 
bearing minerals are wnrtziie [ZnS], zincite [ZnO], goslarite [ZnS04.- 
frarMinite [(Fc, Zn, Mn)0.(Fe, Mn)./)]^ and hydrozincitv 
[ZnC03.2Zn(0H)2]. Belgium, Silesia, Saxony, Poland, Spain, and 
England are the most noteworthy of the zinc producing European 
countries. In the United States, Missouri (Joplin region) produ(‘es 
about 50 per cent of all the ziiK*. Other important zinc producing 
states are New Jersey, Montana, Kansas, Oklahoma, Wisconsin, 
Idaho, and Colorado. 

Physical Properties.— Zinc is a bluish- white, moderately hard 
metal that crystallizes in hexagonal prisms and pyramids. When 
cold, zinc is brittle. From lOO"" to 150° C., it becomes both malle- 
able and ductile, but when heated at 210° to 300° C., it again 
becomes brittle and may be powdered in a mortar. Zinc that has 
been rolled into sheets remains flexible when cooled. The metal 
fuses at 419.4° C., and boils at 907° C. Its specific gravity is 7.14 
at 20° C. The vapor density shows that it is monatomic. 

Chemical Properties.— Zinc is bivalent in all of its compounds. 
The metal is not attacked to any appreciable extent by the oxygen 
in the air, because it soon becomes covered with a thin coating of a 
( 370 ) 
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non-porous protective basic carbonate. Zinc vapor burns with a 
bluish-white flame, the oxide of the metal being formed. It dis- 
solves in acids (1) and alkali hydroxides (2) {not ammonium hydrox- 
ide) with the evolution of hydrogen. Zinc is readily attacked by 
dilute nitric acid to form zinc nitrate, ammonium nitrate, and 
oxides of nitrogen (3). Ordinary strength nitric acid gives zinc 
nitrate and nitric oxide (4). The element enters into complex ions. 

(1) Zn + 2H3O+ ^ Zn++ + II2 T + 2H2O 

(2) Zn + 20H- ZnO>== + H2 T 

(3) 4Zn + IOHNO3 -> 4Zn++ + 8NO3- + NH4NO3 + 3H2O 

(4) 3Zn + 8IINO3 3Zn++ + 6NO3- + 2NO T + 4H2O 

The zinc ion enters into several characteristic reactions as follows : 

1. Ammonium sulfide [(Nn4)2S] precipitates white zinc sulfide 
from neutral, alkaline or faintly acid solutions of a zinc salt (5). 
The precipitate is insoluble in acetic acid but is dissolved by diluted 
hydrochloric acid. 

(5) Zn++ + -> ZnS j 

On the other hand, zinc ion is incompletely precipitated by pass- 
ing hydrogen sulfide into a solution of zinc sulfate ((>). 

(6) Zn++ + HoS + 2II2O ^ ZnS j + 2H3O+ 

The hydronium ion from the sulfuric acid formed n the reaction 
reduces the concentration of the sulfide ion (S ) more and more 
as the reaction proceeds, and tends to reverse the reaction. There- 
fore, when the product of the zinc- and sulfidc-ion concentrations 
no longer exceeds the ion-product constant for zinc sulfide, precipi- 
tation ceases. In the presence of sufficient alkali acetate to take 
care of the hydronium ions, precipitation is complete. 

2. Fixed alkalies precipitate zinc ion as white flocculent zinc 
hydroxide (7), \vhich exhibits amphoteric properties by dissolving 
both in acids (8) to form salts and in alkalies (9) to form zincates. 
It is soluble^in ammonium hydroxide because of the formation of 
soluble tetrammino-zinc hydroxide [Zn(NH3)4(OII)2]. 

(7) Zn-^ + 20H- Zn(OH)2 

(8) Zn(OH)2 + 2H3O+ Zn++ -f 4H2O 

(9) Zn(OH)2 + OH- HZn02~ + H2O 

3. With a solution of a zinc .salt, soluble carbonates and phos- 
phates produce white precipitates of basic zinc carbonate or phos- 
phate, respectively (10). 

(10) 3Zn++ -f 4HP04= 2H2PO4- + Zn3(P04)2 i 

4. Alkali ferrocyanides precipitate white zinc ferrocyanides (11) 
which are converted into the less soluble zinc-potassium ferro- 
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cyanides by an excess of the potassium ferrocyanide (12). Alkali 
ferricyanides precipitate brownish-yellow zinc ferricyanide (13). 

(11) [Fe(CN)6]^ + 2Zn++ Zn 2 [Fe(CN)o] i 

(12) 3Zn2[Fe(CN)e] + IvV^e(CN)« 2K2Zn3[Fe(CN)d2 

(13) 2[Fe(CN)«j^ + 3Zn++ -> Zn 3 [Fe(CN)fi ]2 i 

5. When a zinc salt is heated in a Biinseii flame with any cobalt 
salt, cobalt zincate is formed (Rinmann’s green). Potassium co- 
balticyanide is a good salt to use in this test. If test paper is to be 
used, it mav be prepared with a solution containing 1 Gm. K 3 C 0 - 
(CN)e, 0.2r/Gm. KC :103 in 25 cc. of H 2 O. 

6. When metallic zinc is placed in a solution of a tin salt that has 
been acidified with hydrochloric acid, the tin is precipitated in 
metallic form. 

Commercial Manufacture.— It is usually necessary to concentrate 
zinc ores before they can be smelted profitably. This is accom- 
plished by means of the flotation and gravity processes (p. 280). 
it might be mentioned that the ores mined in the Joplin districts 
do not average over 1 0 ])er cent of zinc. These ores are remarkable 
in that they are especially adapted to mechanical concentration, 
whereby the percentage of zinc is raised from 10 per cent to between 
45 and 60 per cent. The concentrated oxide and carbonate ores 
are usually mixed with about one-half their weight of coal and 
heated in large furnaces, e. g., Belgian furnace. As the temperature 
of the charge is raised, the carbon monoxide begins to burn with a 
characteristic blue flame at the mouths of the receivers and, as the 
temperature approaches that of reduction (about 1200° C.), it 
becomes dazzling white showing that zinc vapor is coming over 

(14). The first distillate collected in the specially constructed 
fire-clay receivers consists of about 10 per cent of zinc oxide and 
90 per cent of zme metal powder. The quantity of this material 
often approximates between 5 and 10 per cent of the total produc- 
tion and is either returned to the furnace where it assists in reducing 
the ore or it is sold as ^'zinc dust.'' The molten zinc that collects 
in the lower part of the receivers is withdrawn inti) large iron 
ladles and cast in suitable moulds into slabs, called shelter. 

(14) ZnO + C Zn + COT 

Sulfide ores cannot be reduced directly by heating with coal. 
Therefore, they are pulverized and roasted in suitable furnaces (15) 
which permit the evolved sulfur dioxide to be converted into 
sulfuric acid {q, r.). In roasting a ton of zinc ore (containing 60 per 
cent of zinc), a sufficient amount of sulfur dioxide is liberated to 
produce 1 ton of strong sulfuric acid. 

(15) 2ZnS + 3 O 2 -> 2ZnO + 2 SO 2 T 

Crude zinc (spelter) contains various impurities, e. g., lead, iron, 
cadmium, antimony, arsenic, silver, copper, and sulfur. For many 
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years the spelter was melted in iron pans. When it was allowed to 
cool slowly, impurities of iron and lead collected at the bottom 
and zinc oxide rose to the top of the molten mass. 

A very high grade zinc (99.9+ per cent) that needs no purifica- 
tion is now obtained by reducing high grade ores. Zinc obtained 
from mixed ores is always impure and large quantities are purified 
by electrolysis. Other eleclro-positive metals are precipitated from 
the zinc by means of ziiu^ dust, thus reducing them to negligible 
amounts in the electrolyte. 

Pharmacological Action of Zinc Ion.— The zinc ion is not used 
internally in therapeutics. When zinc salts are ingested there is 
strong local astringent action due to the precipitation of the proto- 
plasm of the mucosa and they rarely produce any systemic effect. 
Excess zinc salts in the diet of animals affect reproduction and 
produce anemia. The parenteral administration of a soluble zinc 
salt produces serious symptoms such as vomiting, diarrhea, and 
hemorrhagic enteritis. 

Zinc ion is employed in therapeutics primarily for its local actions. 
It exhibits astringent, corrosive and mild antiseptic properties. 
These effects are due to the precipitation of protein by the zinc ion. 

Uses.— Sheet zinc is used for making roofing, gutters, etc. It is 
largely used for galmnizing iron. Sheets of iron are thoroughly 
cleaned with sulfuric acid or by a sand blast and immersed in a bath 
of molten zinc. When cold, the thin coating of zinc protects the 
iron from atmospheric corrosion. Other methods have been devised 
for applying this protective coating, e. g., electroplating; covering 
the metal with zinc dust and baking at 800° C. (sherardizing) ; 
spraying molten zinc upon iron (Shoop process), etc. Zinc is used 
in batteries and in many alloys, brass (containing copper, GO to 
82 per cent and zinc 18 to 40 per cent) being the most important. 
Zinc metal is employed in the metallurgical processes for obtaining 
gold and silver {q, v.). Zinc dust is a fine gray powder c()m})osed of 
at least 90 per cent of Zn, the remainder being oxide, sulfide, etc. 
It is used extensively as a reducing agent in technological chemistry. 
Granulated zinc is made by pouring a thin stream of the molten 
metal into water. With acids, it is used for generating hydrogen. 

Offk lAL Zinc Compounds 

ZINC ACETATE 

Zinc Acetate, N. F. VIII 

Formula, Zn(C 2 H 302 ) 2 . 2 H 20 . Molecular Weight, 219.50 

Physical Properties.— Zinc Acetate occurs as white, six-sided, 
monoclinic plates having a pearly luster. It has a faint odor of 
acetic acid and, in dilute solutions, an astringent, metallic taste. 
The salt has a density of 1.735 and melts at about 237° C. It 
gradually effloresces when exposed to the air and loses some of its 
acetic acid. 
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One Gm. of Zinc Acetate dissolves in 2.5 cc. of water and in 
30 cc. of alcohol, at 25° C. One Gm. dissolves in 1.6 cc. of boiling 
water and in about 1 cc. of boiling alcohol. 

When the salt is heated, it first loses water and acetic acid and, 
upon rjiising tlie temperature, decomposes into inflammable vapors, 
and a residue that is chiefly zinc oxide (1). 

(1) Zn(C2H,A)2.2Il20 ^ ZnO + 5H2O + 4CO2T 

Chemical Properties.— An aqueous solution of zinc acetate is 
neutral or slightly acid to litmus paper. When zinc acetate is dis- 
solved in water it exhibits all the chemical properties of the zinc 
ion (q. V,) and the acetate ion (see Sodium Acetate, p. 149). 

Official Tests for Identity.- 1. In the presence of sodium acetate, 
zinc ion yields a white precipitate with hydrogen sulfide (2). 

(2) Zn(C2H:A)2 + 1128 -> ZnS i + 2HCoIhO, 

The zinc sulfide is insoluble in acetic acid but is dissolved by diluted 
hydrochloric acid. Ammonium sulfide produces a similar precipi- 
tate in neutral or alkaline solutions. 

2. Zinc salts in solution yield with potassium ferrocyanide T.S. 
a white precipitate which is insoluble in diluted hydrochloric acid 
(r/. V.). 

3. An aqueous solution of the salt responds to all tests for Acetaie 
ion (see Sodium Acetate, p. 149). 

Commercial Manufacture.— Two parts of technical zinc oxide (or 
carbonate) are digested for some time with 10 parts of 18 per cent 
acetic acid (3). The mixture is heated to boiling, filtered while hot 
and the salt allowed to crystallize. A second crop of crystals may 
be obtained by making the mother liquor distinctly acid with acetic 
acid, concentrating at a temperature below its boiling-point, and 
allowing the salt to crystallize. Zinc acetate is purified by recrystal- 
ization from water; the product being dried without the aid of heat. 

(3) ZnO + 2HC2ri302 Zn(C2ll302)2 + H2O 

Pharmaceutical Preparations and Uses.— 1. Zinc Acetate (Zinci Ace- 
tas), N. F. VIII.— Zinc Acetate contains not less than 82.74 per cent 
and not more than 87.32 per cent of (CH3 . COO)2Zn, corresponding 
to not less than 99 per cent of the hydrated salt, (CH3 . COO)2Zn . 
2H2O. Zinc acetate is used locally as an astringent and mild anti- 
septic, particularly in cases of conjunctivitis (0.1 to 1 per cent solu- 
tion) and in chronic gonorrheal urethritis, vaginitis, etc. (0.5 to 
4 per cent solution). 

2. Zinc Compounds and Eugenol Cement (Csementum Zinci Com- 
positionum et Eugenolis, Zinc-Eugenol Cement), N. F. VIII.— 
This is used in dental practice along with gold, silver, etc., to fill 
cavities in teeth. Usually the zinc-eugenol cement is put in the 
cavity first and then the harder metal which provides a biting surface. 
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ZINC CHLORIDE 

Zinc Chloride, N. F. VIII 
Formula, ZnCU. Molecular Weight, 136.29 

Physical Properties.— Zinc (Chloride occurs as a white, or nearly 
white, odorless, crystalline powder, or in porcelain-like masses, or 
fused sticks or pencils. It is very deliquescent, has a specific gravity 
of about 2.907 at 25° C., and melts at about 290° C. 

One dm. of Zinc Chloride dissolves in 0.5 cc. of water and in 
about 1.5 cc. of alcohol, at 25° C. These solutions are usually 
slightly turbid. The turbidity disappears upon the addition of a 
small (quantity of hydrochloric acid. It is soluble in glycerin 
(2 parts) and also in ether. 

At about 290° C., zinc chloride fuses to a (;lear liquid. When 
heated to about 730° C., a part of the salt is volatilized as dense 
white fumes whereas the remainder is decomposed and leaves a 
residue of zinc oxide. 

Chemical Properties. — An aqueous solution of zinc chloride is acid 
to litmus paper. The chemical properties of zinc chloride are 
expressed in the reac^tions of the zinc ion (see p. 371) and of the 
chloride ion (see p. 173). 

Official Tests for Idenity.— 1. In the presence of sodium acetat(‘, 
solutions of zinc chloride yield a white precipitate with hydrogen 
sulfide ((j. V.), 

2. Ammonium sulfide and potassium ferrocyanide give charac- 
teristic reactions (q, v.). 

Commercial Manufacture.- Zinc chloride may be produced by 
several methods. 

1. Zinc is heated and drv hvdrogen chloride gas is passed through 
it(l). 

(1) Zn + 2nCl ZnCb + H. T 

2. Zinc chloride may be made by distilling a mixture of zinc and 
mercuric chloride (2). The mercury distills oft‘ and zinc chloride 
remains as a residue. 

(2) IlgCk, + Zn ^ Ilg T + Z>iiCl., 

3. Hydrochloric acid will act upon zinc, zinc oxide or the carbo- 
nate to form the chloride (3). 

(3) ZnO + 2IIC1 -> Zn(3, -f H 2 O 

The technical grade of zinc chloride is usually made by treating 
zinc with an excess of hydrochloric acid and evaporating to dryness. 
The residue is fused and poured into iron drums in which it solidifies. 

The official salt may be made by dissolving the technical grade 
of zinc chloride in water acidulated with hydrochloric acid and 
evaporating the solution to crystallization. Official zinc chloride is 
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also prepared by a process similar to the one given in the U. S. 
Pharmacopoeia IX for the manufacture of the official Solution of 
Zinc Chloride, mz., 240 Gm. of granulated zinc are digested with a 
mixture of 840 Gm. of hydrochloric acid and 250 cc. of distilled 
water until the reaction ceases (4). The liquid is decanted from 
the excess of zinc, mixed with 12 Gm. of nitric acid to oxidize the 
ferrous to ferric iron (5), and heated on a sand-bath at 115° C. to 
expel the excess of nitric acid and until a small portion of the 
liquid solidifies on cooling. The cooled, solidified mass is dissolved 
in about 1000 cc. of distilled water, 12 Gm. of precipitated zinc 
carbonate added and the mixture shaken occasionally during 
twenty-four hours (6). The supernatant liquid is decanted, ren- 
dered distinctly acid with hydrochloric acid to prevent hydrolysis 
to basic chloride (7), and concentrated until a portion solidifies upon 
cooling. The liquid is then poured into suitable pencil-shaped 
moulds and, when the salt has solidified but is still warm, it is 
packed in glass bottles. 

(4) Zn + 2HC1 ZnCL, + Ho t 

(5) 6FeCl2 + 2IINOa + 6HC1 GFeCla + 2NO t + 4H2O 

(6) lOFeCla + 3([ZnCOa]2.[Zn(OH)2ja) + 6H2O 15ZnClo + 

10Fe(OII)ai +0CO.2t 

(7) a. ZnCb + H2O Zn(OH)Cl + IlCl 
b. 2Zn(OH)Cl -> ZnoOCh + H2O 

Pharmaceutical Preparations and Uses. -ZiVic Chloride (Zinci 
Chloridum), N. F. VIII.— Zinc Chloride contains not less than 
95 per cent of ZnCh. It is used medicinally the same as zinc ace- 
tate and zinc sulfate. Zinc chloride is used when a more powerful 
escharotic action is needed such as in the treatment of malignant 
growths and gangrenous sores. The salt is also used in mouth 
washes to impart antiseptic and astringent properties to them. 

ZINC IODIDE 

Zinc Iodide, N. F. VIII 
Formula, Znl2. Molecular Weight, 319.22 

Physical Properties.— Zinc Iodide is a white, or nearly white, 
granular powder. It is odorless, or nearly so, with a sharp, sweetish, 
metallic taste, and is very deliquescent. On exposure to air and 
light it becomes brown, due to liberation of iodine. It melts at 
about 446° C. 

The salt is very soluble in water, freely soluble in alcohol and 
soluble in ether. 

Chemical Properties.— An aqueous solution of zinc iodide is acid 
to litmus paper. Zinc iodide is oxidized by the oxygen in air with 
the liberation of iodine and the development of a brown color (1). 

( 0 ) 

( 1 ) Znl2 ^ ZnO + I2 

The presence of light and moisture speeds up the reaction. 
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The salt in solution gives all the reactions for the zinc ion (see 
p. 371) and the iodide ion (see p. 197) 

Official Tests for Identity.— Zinc iodide responds to characteristic 
reactions with hydrogen sulfide, ammonium sulfide and potassium 
ferrocyanide {q, v.). 

Commercial Manufacture. — (1) White, acicular crystals may be 
made by first gently heating a mixture of powdered zinc and iodine 
and then subliming the resulting mass or (2) granulated zinc and 
iodine are placed in water and digested on a water-bath. The 
resulting solution may then be concentrated under reduced pressure 
when octahedral crystals result. 

Pharmaceutical Preparations and Uses.— 1. Zinc Iodide (Zinci 
lodidum), N. F. VIII.— This salt, when dried over sulfuric acid 
for twenty-four hours, contains not less than 98 per cent of Znl 2 . It 
is used as a caustic and, in solution, as an antiseptic. 

2. Iodine and Zinc Iodide Glycerite ((llyceritum lodi et Zinci 
lodidi. Diluted Talbot’s Solution), N. F. VIII.— The iodine is 
dissolved in an aqueous solution of zinc iodide (see p. 248) and then 
the glycerin is added. This glycerite is used in dental practice as 
an astringent antiseptic*. 

ZINC OXIDE 

Zinc Oxide, U. S. P. XIII 
Formula, ZnO. IMolecnilar Weight, 81.38 

Physical Properties. — Zinc Oxide is a very fine, odorless, white or 
\’ellowish-white, amorphous powder free from gritty particles. It 
has a specific gravity of about 5.47 at 20° C. When the oxide is 
heated to 400° or 500° (’. a yellow color develops that disappears 
on cooling. Zinc oxide is insoluble in water and in alcohol but is 
soluble in dilute acids, ammonia water and ammonium carbonate 
T.S. 

Chemical Properties,— Upon exposure to air it gradually absorbs 
carbon dioxide and is converted into a basic carbonate. It readily 
dissolves in dilute acids (1), in ammonia water (2) and in ammo- 
nium carbonate test solution (3). 

(1) ZnO + 2HC1 -> ZnCl., + lUO 

(2) ZnO + 4 NH 4 OII Zn(Nn 3 ) 4 (OH )2 + 3H.>0 

(3) ZnO + 3(NH4)2COa -> Zn(NH3)4(OH)2 + 2CO, T + HoO 

Acid solutions exhibit the reactions for the zinc ion (see, p. 371). 

Official Tests for Identity. — 1. When zinc oxide is strongly heated, 
it acquires a yellow color which disfippears on cooling. 

2. A solution of zinc oxide in dilute hydrochloric acid responds 
to all tests for Zinc ion (p. 374). 

Commercial Manufacture.— ?’ec/mica/ Umde.— Metallic zinc is 
strongly heated in earthenware retorts and j vapors, upon coming 
in contact with air, ignite to form the oxide ^ .,ych settles out in large 
chambers. It is shipped in wooden kegs. 
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Medicinal GVorfe.- Precipitated zinc carbonate is heated to low 
redness (4) until a sample taken from the center of the material 
does not effervesce when treated with an acid. It is claimed that a 
whiter, softer proclii(;t is obtained when the calcination is conducted 
over a long period of time at a low temperature (2/)()° to dOO 
Excessive heating results in a yellowish-white zinc oxide that is 
not free from gritty particles. Some manufacturers sieve their 
product before packaging. 

(4) [ZnC 03 ] 2 .[Zn( 0 H ).>]3 + heat 5ZnO + 2CO> T + 31^0 j 

Pharmaceutical Preparations and Uses. — 1. Ztnc Oxide (Zinci 
Oxidum), U. S. P. XIII.— Zinc Oxide, when freshly ignited, con- 
tains not less than 99 per cent of ZnO. Zinc oxide is a npld antiseptic 
and astringent. In the form of an ointment or dusting powder, it is 
employed in the treatment of eczema, impetigo, ringworm, varicose 
ulcers, pruritus and psoriasis. It is also used extensively in the 
manufacture of adhesive tape. 

2. Zinc Oxide Ointment (IJnguentum Zinci Oxidi, Zinc Ointment), 
U. S. P. XIII.— Zinc Oxide Ointment contains not less than 18.5 per- 
cent and not more than 21.5 per cent of zinc oxide. 

3. Coal Tar Ointment (Unguentum Picis Carbonis), U. S. P. 
XIII.— This ointment contains 25 per cent of zinc oxide. 

4. Calamine (Calamina), U. S. P. XIII.— Calamine is zinc oxide 
with a small amount of ferric oxide, and contains, after ignition, 
not less than 98 per cent of ZnO. This very fine, jiink, almost 
tasteless and odorless powder is made by calcining native zinc 
carbonate. In the form of p owde r, ointment, or lotion, it is used 
instead of zinc salts in various skin diseases. 

5. Calamine Lotion (Lotio Calamina^), U. S, P. XIII.— Calamine 
Lotion is a suspension of zinc oxide and calamine in Bentonite 
Magma which has been diluted with an equal volume of Calcium 
Hydroxide Solution. This slightly astringent, mildly alkaline prepa- 
ration is used in the treatment of various skin diseases. 

6. Calamine Liniment (Linimentum Calamime), N. F. VIII.— 
The liniment is a suspension of zinc oxide and calamine in an 
emulsion of olive oil. Calcium oleate, formed by the saponification 
of the olive oil with calcium hydroxide, acts as the emulsifying 
agent. 

7. Phenolated Calamine Lotion (Lotio Calaminse Phenolata, Com- 
pound Calamine Lotion), N. F. VIIL— It is a mixture of 99 per 
cent of calamine lotion and 1 per cent of liquefied phenol. 

8. Prepared Neocalamine (Neocalamina Prseparata), N. F. VIIL 
—Prepared neocalamine is zinc oxide admixed with ferric oxide, 
and contains, after ignition, not less than 92 per cent of ZnO. It 
is prepared by thoroughly mixing red ferric oxide (3 Gm.), yellow 
ferric oxide (4 Gm.) and zinc oxide (93 Gm.). 

9. Neocalamine IJniment (Linimentum Neocalaminee), N. F. 
VIIL— The preparet^jneocalamine is mixed with olive oil, and 
calcium hydroxide sb, tion gradually added with constant agita- 
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tion. The calcium oleate assists in keeping the neocalamine in 
suspension. 

10. Neocalamine Lotion (Lotio Neocalaminee), N. F. VIII. —The 
neocalamine is carefully mixed with diluted Bentonite Magma. 
The preparation should be shaken thoroughly before dispensing. 

11. Plie7iolated Neocalamine Lotion (Lotio Neocalaminse Pheno- 
lata, Compound Neocalamine Lotion), N. F. VIIL— One per cent 
of liquefied phenol is mixed with neocalamine lotion. 

12. Neocalamine Ointment (Unguentum Neocalaminae), N. F. 
VIIL— This ointment contains 15 per cent of Prepared Neocalamine. 

13. Compound Resorcinol Ointment (Unguentum Resorcinolis 
Compositurn), N. F. VIIL— This contains (3 per cent of zinc oxide. 

14. Mild Resorcinol Paste (Pasta Resorcinolis Mitis, Lassar’s 
Mild Resorcinol Paste), N. F. VIIL— This paste contains, in each 
100 Gm., not less than 9.5 Gm. and not more than 10.5 Gm. of 
C6H4(0H)2, and not less than 24 Gm. and not more than 26 Gm. 
of ZnO. 

15. Strong Resorcinol Paste (Pasta Resorcinolis Fortis, Lassar’s 
Stronger Resorcinol Paste), N. F. VIIL— This paste contains, in 
each 100 Gm., not less than 19 Gm. and not more than 21 Gm. of 
C6H4(0H)2 and not less than 19 Gm. and not more than 21 Gm. of 
ZnO. It is used as a mild astringent and antiseptic. 

16. N, F. Sun Cream (Cremor Solis N. F., Sun Tan Ointment), 
N. F. VIIL— This contains 10 per cent of neocalamine. 

17. Compound Tar Ointment (Unguentum Picis Compositurn), 
N. F. VIIL— This ointment contains 3 per cent of zinc oxide. 

18. Zinc Compounds and Kugenol Cement (Ca^mentum Zinci 
Compositionum et Eugeiiolis, Zinc-Eugenol Cement), N. F. MIL — 
Zinc oxide (constitutes 70 per cent of the powder (see p. 374). 

19. Zinc Oxide Paste (Pasta Zinci Oxidi, Lassar’s Plain Zinc 
Paste), N. F. VIIL— This paste contains 25 per cent zinc oxide. 

20. Zinc Oxide Hard Paste (Pasta Zinci Oxidi Dura, Lima’s 
Hard Zinc Paste), N. F. VIIL— A smooth paste is obtained by 
thoroughly triturating a mixture of zinc oxide (25 Gm.) and puri- 
fied siliceous earth (5 Gm.) with benzoinated lard (70 Gm.). 

21. Zmc Oxide Soft Paste (Pasta Zinci Oxidi Mollis, Unna’s Soft 
Zinc Paste), N. F. VIII. — A mixture of very finely powdered zinc 
oxide and precipitated calcium carbonate is triturated to a smooth 
paste with a soap (calcium oleate) that has been made previously 
by adding a solution of calcium hydroxide to linseed oil that has 
been heated to between 60° and 65°. 

22. Zinc Oxide Paste with Salicylic Acid (Pasta Zinci Oxidi cum 
Acido Salicylico, Lassar’s Zinc Paste with Salicylic Acid), N. F. 
VIIL— This paste contains 2 per cent of salicylic acid incorporated 
in Zinc Oxide Paste. 

23. Glycerogelatins (Glycerogelatina), N. F. VIIL— The Glycero- 
gelatins are soft masses, melting at body temperature, composed of 
gelatin, glycerin, water, and a medicament suitable for application in 
dermatological practice. The National Forn? lary makes it optional 
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whether the medicaments, e, g., salicylic acid, iodoform, resorcinol, 
chrysarobin, etc., be used by themselves or with the addition of 
zinc oxide. 

Other Uses.— The technical grade of zinc oxide (zinc white, 
Chinese white) is used as a pigment in paints. It has the advantage 
over white lead by not being darkened by hydrogen sulfide. It is 
also used as a filler in rubber goods, e. g., automobile tires, erasers, 
etc. It is the source of nearly all zinc salts. 

ZINC PEROXIDE 

Medicinal Zinc Peroxide, U. S. W XI II 
Formula, Zn02 

Physical Properties.— Medicinal Zinc Peroxide is a white, or faintly- 
yellow, fine, odorless powder. It is almost insoluble in water and 
in organic solvents. Dilute acids dissolve it with decomposition. 
The dry powder may be heated to 140° C. without decomposition 
but it is unstable at higher temperatures. 

Chemical Properties.— Diluted mineral acids react to form hydro- 
gen peroxide and a soluble zinc salt (1). 

(1) Zn02 + 2IIC1 ZnCb + Il-iO. 

Although it appears to be insoluble in water there is a slow decom 
position with the liberation of hydrogen peroxide. 

After boiling to remove the hydrogen peroxide, an acid solution 
will give the reactions for the zinc ion (see p. 370). 

A fresh acid solution of the peroxide is a good oxidizing agent 
and will give those reactions characteristic of hydrogen peroxide 
(see Hydrogen Peroxide, p. 56). 

Official Tests for Identity. — 1. A solution of Medicinal Zinc Per- 
oxide in a slight excess of diluted hydrochloric acid, and boiled to 
remove the hydrogen peroxide formed, (1) responds to the tests 
for zinc (see p. 370). 

2. When a small quantity of the peroxide is shaken with a few ec. 
of water and 1 drop of diluted sulfuric acid, and a few cc. of ether 
and a few drops of potassium dichromate T.S. added, the water 
layer becomes blue; on shaking the mixture the blue color passes into 
the ether. This blue ether solution contains a higher oxygen com- 
pound of chromium (see p. 56). On standing over dilute acid, the 
solution in ether slowly loses its color and the dilute acid becomes 
green, due to the formation of a chromic salt. 

Commercial Manufacture. — Medicinal Zinc Peroxide is a special 
grade both in purity and particle size. It was developed by the 
research laboratories of DuPont in collaboration with Dr. Frank 
L. Meleney from 1934 to 1938. It is prepared from very pure zinc 
oxide and hydrogen peroxide (2). 

(2) ZnO + H 2 (?r Zn02 + H 2 O 
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Pharmaceutical Preparations and Uses.—l. Medicinal Zinc Per^ 
oxide (Zinci Peroxidum Medicinale), U. S. P. XIII.— Medicinal 
Zinc Peroxide consists of a mixture of zinc peroxide, zinc carbonate 
and zinc hydroxide. It contains not less than 45 per cent of Zn02. 
The material is supplied as a dry powder and should be sterilized 
before using. It can be kept for about a month following steriliza- 
tion, but deteriorates at that time because the heat used in steriliza- 
tion also activates the evolution of oxygen. 

The compound is of value in controlling surgical infections 
resulting from micro-aerophilic and anaerobic bacteria. In general, 
one can state that the more strict an organism is in its oxygen re- 
(piirements, the more susceptible it is to the action of zinc peroxide. 
Many types of wounds are suspected of harboring anaerobic bac- 
teria. Gunshot wounds, human bites, most puncture and deep 
surgical wounds are among them. 

Zinc peroxide is used by mixing it with water to form a heavy 
creamy suspension which is distributed over the surface of the 
wound, wrapped with gauze and then coated with petrolatum or 
zinc ointment to make the dressing air-tight. 

Formulas for making ointments and suspensions have been 
published.^ 

No doubt the activity of zinc peroxide is due to the release of 
oxygen by the following mechanism (3). 

(3) ZnO.. + HoO ZnO + H,0> 

HoOo ^ IL>0 + O2 T 

ZINC STEARATE 

Zinc StearatCy U. S. P. XIII 

Physical Properties.— Zinc Stearate is a fine, white, bulky powder, 
free from grittiness, having a faint, characteristic odor. It is 
unctuous to the touch and readily adheres to the skin. 

It is insoluble in water, in alcohol, and in ether. 

Chemical Properties.— The salt fuses when heated to about 
120 ° C. It decomposes at higher temperatures into inflammable 
vapors having the odor of burning fat, and zinc oxide containing 
some free carbon. When the compound is placed on moist litmus 
paper no change of color is observed. 

When Zinc Stearate is heated with about 5 per cent hydrochloric 
acid, stearic acid is liberated and floats as an oily layer on the 
surface of the liquid (1). 

(1) (Ci7H35COO)2Zn + 2HC1 -> 2C17H35COOH + ZnCl. (in 
solution) 

The aqueous solution obtained in (1) should respond to all tests 
for zinc ion (see p. 370). 

The stearic acid may be separated and tested. 

^ J. Am. Pharm. Assn., Pr. Ed., 3, 7 va^42). 
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Official Tests for Identity.— 1. Zinc stearate is hydrolyzed with 
hydrochloric acid to stearic acid and a solution of zinc chloride (1). 
This acid solution responds to all the tests for Zinc (see p. 370). 

2. Stearic acid may be isolated by treatment with water, sulfuric 
acid and heat. The solidification temperature of the fatty acid is 
not below 54° C. (see U. S. P. XIII, p. 612). 

Commercial Manufacture.— Zinc stearate is usually made by de- 
composing a boiling solution of sodium stearate (animal or curd 
soap) with a hot solution of either zinc acetate or sulfate (2). The 
precipitate is washed with hot water, dried, powdered, and sieved. 
A much superior product may be obtained by decomposing a sodium 
stearate that has been prepared by adding stearic acid to a hot 
solution of sodium carbonate (3). 

(2) 2CnIl35COONa + ZnS04 -> (CniUCOOhZn j + Na^SO, 

(3) Na2C03-H,0 + 2CnH35COOH -^2Ci7ll35( OONa + CO. T 

-f- 2II2O 

Pharmaceutical Preparations and Uses. — 1. Zinc Stearate (Zinci 
Stearas), U. S. P. XIII.*— Zinc Stearate is a compound of zinc with 
variable proportions of stearic acid and palmitic^ acid containing 
the equivalent of not less than 13 per cent and not more thaii 

15.5 per cent of ZnO. 

Zinc stearate is mildly i^intiseptic and astringent. It is used as a 
dusting pow der for treating inflammatory skin disea^ies. It is also 
employ eJln the form of an ointment. 

2. Zinc Compounds and Evgenol Cement (Csementum Zinci Corn- 
positionum et Eugenolis, Zinc-Eugenol Cement), N. E. VIII.— 
One Gm. of Zinc Stearate is used in making up the powder (sec 
p. 374). . 

ZINC SULFATE 

Zinc Sulfate, U. S. P. XIII 
Formula, ZnS04.7H20. Molecular Weight, 287.55 

Physical Properties.— Zinc Sulfate occurs in the form of colorless 
transparent, rhombic prisms or needles, or as a granular, crystalline 
powder, odorless, and having an astringent, metallic taste. It 
effloresces in dry air. It has a specific gravity of about 1.967 at 
16.5° C. 

One Gm. of Zinc Sulfate dissolves in 0.6 cc. of water and in about 

2.5 cc. of glycerin, at 25° C. It is insoluble in alcohol. 

The salt melts at about 50° C. When strongly ignited, it de- 
composes, losing both water and sulfuric acid. 

Chemical Properties.— Zinc sulfate (like cupric sulfate) combines 
with potassium and ammonium sulfates to form double salts, e. g., 
ZnSO4.K2SO4.6H2O. These compounds exist as such only in the 
solid state. When they are dissolved in water, they separate into the 
respective components, which in turn dissociate into their respec- 
tive ions. The salt produces a solution that is acid to litmus paper 
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and exhibits all the reactions of the zinc ion (see p. 370) and the 
sulfate ion (see p. 131). 

Official Test for Identity.— Its aqueous solutions respond to all 
tests for Zinc ion (see p. 370) and for Sulfate ion (see p. 134). 

Commercial Manufacture. — 1. Commercial zinc sulfate is made by 
roasting zinc sulfide ore (blende) in the presence of air under very 
specific conditions of temperature and amount of air used. The 
zinc sulfate formed by the oxidation of the sulfide is dissolved in hot 
water and the solution concentrated to crystallization. 

2. The U. S. Pharmacopoeia grade of zinc sulfate is usually made 
by digesting an excess of granulated zinc in diluted sulfuric acid. 
The resulting solution is filtered and treated with chlorine water, 
which oxidizes any ferrous sulfate to ferric sulfate. The ferric ion 
is precipitated as hydroxide by agitating the solution with either 
zinc oxide or precipitated zinc carbonate. The mixture is filtered, 
the filtrate concentrated, and the salt allowed to crystallize. The 
f)roduct should be free from heavy metals (arsenic, copper, lead, 
iron, etc.), alkali metals, alkaline earth metals, and free acid. 

Pharmaceutical Preparations and Uses.— 1. Zinc Sulfate (Zinci 
Sulfas), IJ. S. P. XIII.— Zinc Sulfate contains not less than 55. () 
per cent and not more than 61 per cent of ZnS04, corresponding 
to not less than 99 per cent of the hydrated salt (ZnS04.7II‘z0). 

Zinc sulfate is used as an emetic and astringent. It acts so 
(liiickly upon the vomiting reflex that emesis is produced before 
there is time for any other lo(‘al irritant effect. It is an excellent 
emetic to use for emptying the stomach of undigested foods and 
non-corrosive poisons. It is employed also in 0.1 to 1 per cent 
solution as collyria. 

The technical grade of zinc sulfate is used as a mordant in dye- 
ing and as a preservative for woods and skins. When zinc sulfate 
and barium sulfide are allowed to react in a special way, a mixture 
of barium sulfate and zinc sulfide results (1). When this material 
is washed, ignited, suddenly cooled, ground, washed and dried, it is 
known as lithopone. When this is made into a paint, it has greater 
spreading power than white lead and also has the advantage of not 
being darkened by hydrogen sulfide. Lithopone paints are dulled 
by direct sunlight. 

(1) BaS + ZnS04 BaS04 j + ZnS j 

2. White Lotion (Lotio Alba, Lotio Sulfurata), N. F. VIII.— A 
filtered solution of sulfurated potash is added slowly and with con- 
stant stirring to a filtered solution of zinc sulfate (2). 

(2) K2S + ZnS04 -> ZnS i + K2SO4 

In the alkaline solution, the precipitation of the zinc as sulfide 
is practically complete, potassium sulfate remaining in solution. 
This preparation should be freshly prepared and shaken thoroughly 
before dispensing. 



384 ZINC AND ZINC COMPOUNDS 

It is used in skin diseases for the suISde effect. The zinc ion 
provides an astringent action. . . , . 

3. Compound Zinc Sidfate Powder (Pulvis Zinci SuJfatis Com- 
positus), N. F. VIII. — Boric acid is the main ingredient. It con- 
tains 12.5 per cent of zinc sulfate. The preparation is soluble in 
water and is used as an antiseptic and astringent. 

Non-official Zinc Compounds 

Zinc Carbonate, ZnCOa, Molecular Weight, 125.39.“ Normal zinc 
carbonate is found as smiilwontfe and hydrozincite in rhombohedric 
crystals that are isomorphous with calcite. Its formation in Nature 
is attributed to zinc sulfate-bearing waters attacking limestone (1). 

(1) ZnS04 + CaCO, + 2IL,0 CaS04.2H,0 + ZnCOa 

Impure native zinc carbonate is often contaminated with small 
quantities of iron that give the powdered material a light brown 
color. This is known in commerce as calamine, Lapis Calarninaris, 
Zinkspatli, etc. This jirodiict should not be confused with the 
official Calamine which is principally zinc oxide. 

Normal zinc carbonate is marketed only in a technical grade. 

It is a white, odorless and tasteless, crystalline powder, having a 
density of about 4.43. It is insoluble in water and alcohol, but dis- 
solves in acids, in alkalies, and in solutions of ammonium salts. 
When heated to about 300° C., it loses carbon dioxide and leaves 
a residue of zinc oxide. 

It is obtained by grinding the mineral smithsonite or by the 
action of sodium bicarbonate upon solutions of zinc salts (2). The 
product contains zinc oxide and hydroxide as impurities. It can 
be, but seldom is, purified by crystallization. It is packed in wooden 
barrels or tins and is used as a pigment. 

(2) ZnS04 + NallCOa ZnCOa i + NanS04 

Precipitated Zinc Carbonate.— Precipitated zinc carbonate is a 
basic carbonate having a somewhat variable chemical composition. 
It is a white, odorless and tasteless, impalpable powder which is 
insoluble in water and in alcohol but dissolves in dilute acids, in 
ammonia water, and in solutions of ammonium carbonate. 

The salt is prepared by dissolving 10 parts of crystallized zinc 
sulfate (ZnS04.7H20) in 50 parts of water and slowly adding the 
solution to a boiling, filtered solution of 11 parts of sodium carbo- 
nate (Na2C03. IOH2O) in 60 parts of water. The solution is stirred 
constantly during the addition. After boiling for about fifteen min- 
utes, the precipitate becomes granular and readily subsides. The 
precipitate is washed with hot water until it is free from sulfates 
and dried at about 50° C. The reaction may be represented by 
the following equation (3). 

(3) 5ZnS04.7H20 + 5Na2C03 . 1 OH2O (ZnC03)2.3(Zn- 

(011)2) i + 5 Na 2 S 04 + 3CO2 T + 82H2O 
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Basic zinc carbonate was recognized by the U. S. Pharmacopoeia 
IX under the title Zinci Carbonas Prsecipitatusy and was required 
to contain basic zinc carbonate corresponding to not less than 68 per 
cent of zinc oxide. 

Basic zinc carbonate is used for its protective and mild antiseptic 
and astringent properties. It is applied in the form of an ointment 
or dusting powder. 

Zinc Permanganate.— This salt consists of dark brown crystals 
which are freely soluble in water. It releases oxygen just as potas- 
sium permanganate but it mmt be handled with greater care. The 
chemical properties in solution are characteristic of the perman- 
ganate ion (see Pot. salt, p. 252) and the zinc ion (see p. 370). 
Like potassium permanganate, it is used in medicine as an oxidizing 
antiseptic. 
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CADMIUM AND CADMIUM COMPOUNDS 

CADMIUM 

Symbol, Cd. Valence, II. Atomic Weight, 112.41; 

Atomic Number, 48 

History and Occurrence. —This metallic element was discovered in 
1817 by F. Stromeyer. He showed that the yellow color of a par- 
ticular sample of iron-free zinc oxide was due to the presence of the 
oxide of a new metal. He named the element cadwia fornacuvi 
(‘'furnace zinc”) because he found the substance also in the zinc 
dust or first runnings obtained in the distillation of zinc. At about 
the same time, Hermann, a manufacturing chemist of Schonebeck, 
showed that a specimen of zinc oxide that was thought to contain 
arsenic, really contained the oxide of a new element. 

Cadmium does not occur as such in Nature. In combination as 
the carbonate or sulfide, it occurs in small amounts (about 0.5 per 
cent) in the corresponding zinc ores (zinc blende, calamine, etc.). 
The rare mineral greenockitey found in Scotland, Bohemia, Penn- 
sylvania and Missouri, consists largely of cadmium sulfide. 

Physical Properties.— Cadmium is a white metal, having a slight 
bluish tinge. It is quite stable in dry air, but in moist air it becomes 
covered with a film of the oxide. It readily takes a high polish. 
It is a little harder than tin, but is softer than zinc. The metal 
is ductile and malleable. It has a specific* gravity of 8.05 (20°); 
melts at about 320.9° C.; and boils at 7(37° C., forming a deep 
yellow vapor. It is insoluble in water. The vapor density shows it 
to be monatomic. 

Chemical Properties.— Cadmium is always bivalent and enters into 
complex ions, c?. (/,, Cd(NIl3)4++. Its oxide and hydroxide are basic, 
and its salts are not hydrolyzed. Like the halides of zinc and mer- 
cury, these salts of cadmium are only slightly ionized in concen- 
trated solution. This is due to the fact that they form autocom- 
plexes and also because their crystal structure shows them not to 
be true ionic compounds. It immediately precedes iron in the 
electromotive series and hence displaces hydrogen from dilute acids. 
Cadmium^ unites with a number of the heavy metals to form alloys. 
The melting-point of an alloy is usually lowered by cadmium and 
hence it finds a useful application in the so-called fmible alloys. 
The amalgams which it forms with mercury are employed as fillings 
in dentistry. 

Some of the characteristic reactions of the cadmium ion are as 
follows: 1. Hydrogen sulfide precipitates a bright yellow cadmium 
sulfide from neutral or alkaline solutions of cadmium salts (1). Cad- 
( 386 ) 



CADMIUM 


387 


mium sulfide is insoluble in alkali hydroxides, in alkali sulfides, e, g., 
NaHS (distinction from arsenic) and in cold diluted acids. It is 
soluble in cold, moderately diluted nitric acid, in hot diluted 
hydrochloric acid, or in hot, moderately diluted sulfuric acid. 
The formation of a yellow sulfide in alkaline solution is a distinctive 
test for cadmium ion as arsenic and tin sulfides are relatively 
soluble under the conditions. 

(1) Cd++ + S= CdS i 

In moderately strong acid solutions (2 to 9 per cent H2SO4 or 0.5 
to 1.8 per cent HCl) a yellow changing quickly to orange colored 
p)recipitate is thrown down. The precipitate is not pure CdS but 
contains more or less Cd2(S04)S or Cd2Cl2S. 

2. Alkali hydroxides precipitate a white cadmium hydroxide 
[Cd(OH)2] from solutions of cadmium salts (2). It is insoluble in 
excess of reagent. 

(2) Cd++ + 2011- Cd(OII)2 i 

3. Ammonium hydroxide forms the same precipitate [Cd(OH)2] 
as in (2). The cadmium hydroxide dissolves in an excess of the 
precipitant (difference from lead) (3). 

(3) Cd(OH)2 + 4 NH 3 -> [Cd(NH3)4]++ + 2(011)- 

Commercial Manufacture.— Cadmium is usually obtained from 
the first flue-dust caught in the sheet iron adapters of zinc retorts. 
On account of the relatively low boiling-point of cadmium (767° C.) 
as compared to zinc (907° C.), cadmium distils over first. This 
“zinc dust” is mixed with coal and distilled at the lowest possible 
temperature, thus obtaining a distillate that is rich in cadmium 
and cadmium oxide. The (Tude product is dissolved in sulfuric acid 
and the cadmium precipitated with hydrogen sulfide (zinc is not 
precipitated by H2S in acid solution). The cadmium sulfide is then 
dissolved in concentrated hydrochloric acid, precipitated as the car- 
bonate (CdCOs-white, insoluble in excess) with ammonium carbo- 
nate (Cu and As remaining in solution) and the product calcined. 
The cadmium oxide is mixed with charcoal and distilled and the 
metallic distillate is collected in suitable receivers. The metal is 
purified by dissolving it in hydrochloric acid and digestiiig the solu- 
tion with metallic zinc, which replaces cadmium from solutions of 
its salts. 

Pharmacological Action of Cadmium Ion.— Cadmium ion closely 
resembles zinc ion in its action, but is more toxic. The chloride 
is a powerful emetic. Systemically it is said to behave like mer- 
cury and after absorption, produces death by arresting respiration. 
In cases of poisoning it is found chiefly in the liver and kidney. 

Uses of Cadmium.— Cadmium is used to electroplate those metals 
in which no high polish or luster is desired. It apparently forms 
an alloy with the surface metal, does not peel or flake off, and 
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hence is superior to the other metals for rust-proofing. ^ It is a 

constituent of easily fusible alloys, e. g., Wood s Metal, Hose s Metal, 

etc. 

Non-official Cadmium Compounds 

Cadmium Oxide (CdO).— Cadmium oxide is a yellowish-red to 
brownish-black, amorplious powder having a specific gravity of 
8.15 at 20° C. It is prepared by heating the metal in air or oxygen, 
or by calcining the carbonate or nitrate. It possesses basic proper- 
ties and readily dissolves in acids to form colorless solutions from 
which the salts may be obtained. 

Cadmium Hydroxide [Cd(OH)2].— Cadmium hydroxide is a white 
powder obtained by adding a fixed alkali hydroxide to a solution 
of a cadmium salt and drying the precipitate. It is insoluble in an 
excess of the precipitant, but dissolves in ammonium hydroxide to 
form a complex hydroxide, Cd(NH3)4(OH)2. The powder has a 
specific gravity of 4,79 at 15° C., and decomposes when heated to 
300° C. It is an excellent absorbent for carbon dioxide. 

Cadmium Carbonate (CdC()3).- x\ white, water-insoluble powder 
obtained when a solution of an alkaline carbonate is added to a 
solution of a cadmium salt. 

Cadmium Chloride (CdCli. 2^1120), Cadmium Bromide (CdBr2.- 
4H2O), Cadmium Iodide (Cdl2).— The cadmium salts of the hydro- 
halogen acids are colorless, stable compounds that are readily 
soluble in alcohol and in water. The chloride is usually made by 
dissolving the oxide in hydrochloric acid. It is thought by some 
that the chloride and also the bromide and iodide when dissolved in 
water behave as follows: 

CdCl2 Cd++ + 2C1- 
2CdCl2 Cd++ + [CdCl4]= 

Cadmium chloride occurs as small, colorless crystals that effloresce 
in dry air. The bromide and iodide are prepared by digesting the 
metal with either bromine or iodine in the presence of water. These 
compounds form double salts with the salts of the alkalies. Cad- 
mium potassium iodide, CdI2.2KI.2H2O, is a useful reagent in 
testing for alkaloids and for peroxides in ether. On account of 
its solubility in alcohol, cadmium iodide is used to some extent in 
photography. 

Cadmium Nitrate [Cd(NO;02.4Il2O].— Cadmium nitrate is made 
by dissolving the metal in nitric acid. It occurs as fibrous, very 
deliquescent needles which are very soluble both in alcohol and 
in water. It is used as a reagent (Browning-Palmer test for ferri- 
cyaiiides) and to give a reddish-yellow luster to glass. 

Cadmium Sulfate [(CdS04)3.8H20].— Cadmium sulfate occurs in 
the form of large crystals, which are deposited when a concentrated 
aqueous solution of the salt is allowed to evaporate spontaneously. 
The salt is used as an astringent in ophthalmic practice. It has 
been used for making standard electric cells such as the Weston cell. 
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Cadmium Sulfide (CdS).— Cadmium sulfide occurs in Nature as 
the mineral greenockite. It is deposited as a bright yellow precipi- 
tate when hydrogen sulfide is passed into a solution of a cadmium 
salt. Because it is not affected by hydrogen sulfide, it is employed 
alone as a yellow pigment (“cadmium yellow,” “Jaune Brilliant,” 
etc.) or in admixture with ultramarine as a green pigment. It is 
also used as a yellow or orange color for soaps, ink, glass, paper, 
textiles, rubber, fireworks, etc. 



CHAPTER XXIV 

MERCURY AND MERCURY COMPOUNDS 

MERCURY 

Memiry, U. S. P. XIII 

Symbol, Ilg. Valence, I, II. Atomic Weight, 200. (il ; 

Atomic Number, 80 

History.— Apparently this element was unknown to the ancient 
Jews and no mention was made of it by the early (ireek writers. 
Theophrastus (about 300 n.c.) described it as liquid silver or quick- 
silver, and stated that it could be obtained from cinnabar (HgS) by 
treatment with copper and vinegar. In the first century, Dioscorides 
obtained it from the same mineral by sublimation with charcoal. 
Pliny named the liquid metal hydrargyrum from the (rrjeco-Latin 
u6o)p, water, and dpyvpos, silver. The metal has always been asso- 
ciated with the planet Menniry, from which it takes its present 
name. Geber held that the predominant element in this liquid sub- 
stance entered into the composition of all metals, and in fact was 
the cause of metallicity. His theory was accepted quite generally 
and led to many attempts to convert the baser metals into silver 
and gold. 

Occurrence.— Mercury occurs in Nature chiefly as the red crystal- 
line sulfide called cinnabar. It is found also in small globules dis- 
seminated through rocks, and as an amalgam of silver and gold. 
The principal deposits of cinnabar are found in Spain (Almaden), 
Illyria (Idria), United States (California, Nevada and Texas), 
Japan, China and Mexico. Mexico has been producing a sizeable 
quantity per month. 

Physical Properties.— At ordinary temperatures, mercury is a 
bright, shining, silvery-white metal, licjuid at ordinary tempera- 
tures, and easily divisible into spherical globules. At —38.89° C., 
it forms a white malleable and ductile solid, which exhibits cubical 
crystals. It boils at 356.9° C. It has a specific gravity of 13.546 at 
20° C. and has a noticeable vapor tension at ordinary temperatures 
(0.0002 mm. at 0° C. to 0.0013 mm. at 20° C.). Mercury expands 
rapidly and uniformly when heated and because of its wide range 
of fluidity, it is used in making thermometers. Mercury vapor is 
colorless and its density indicates that the molecules are monatomic. 
Superheated mercury vapor is a conductor of electricity and, when 
acting as such, radiates light that is rich in ultra-violet rays. The 
mercury lamp, used in the sterilization of water, consists of a 
quartz tube about 50 or 60 cm. long in which there is a very high 
vacuum. The two poles are united by a thin thread of mercury. 
When the current is turned on, the mercury is rapidly heated and 
( 390 ) 
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the vapors readily conduct the current and become incandescent 
by doing so. As soon as a sufficient amount of the mercury has 
been vaporized to carry the current, the tube should be inclined 
in order to collect all of the mercury at one end. Mercury amalga- 
mates with most of the familiar metals, excepting iron and platinum. 

Chemical Properties. —The consideration of the chemistry of mer- 
cury is best taken up under the following headings: (1) metallic 
mercury, (2) mercurous compounds, and (3) mercuric compounds. 

1. At ordinary temperatures, mercury is permanent in air, am- 
monia, carbon dioxide, nitrous oxide and in some other gases. 
When heated near its boiling-point in air, the metal slowly com- 
bines with oxygen to form red mercuric oxide (HgO), which decom- 
poses at higher temperatures into the free metal and oxygen (1). 
Sulfur and the halogens combine directly with it. This may be 
demonstrated by triturating mercury and iodine together to form 
mercuric iodide. 

(1) 2HgO 2irg + O2 T 

The position of mercury in the electromotive series makes it 
insoluble in many of the common acids. However, it is soluble 
in the oxidizing acids, such as hot concentrated sulfuric acid (2) 
and cold nitric acid (3). In the latter case, the NO which is evolved 
is readily oxidized by atmospheric oxygen to nitrogen dioxide 
(brown). If to the mercuric nitrate which is obtained in reaction 
(3) is added an excess of metallic mercury, the mercurous salt is 
formed (4). 

(2) Hg + 2II2SO4 IIgS04 + SO2 T + 2H0O 

(3) 3IIg + 8HNO, 3lIg(NO,). + 2NO T + 411,0 

(4) IIg(NO,).> + Hg -> Hg2(NO.02 

It is interesting to note that although mercury is below hydrogen 
in the electromotive series it is acted upon by one of the hydro- 
halide acids, namely, hydriodic acid. Hydriodic acid dissolves 
mercury readily with the evolution of hydrogen (5), although 
hydrochloric and hydrobromic acids are without appreciable effect. 
The reason for its solution in hydriodic acid follows from the fact 

(5) Hg + 4HI H^HgH + H2 T 

that even metals below hydrogen in the electromotive series and 
in sufficiently dilute solution can be oxidized by hydronium ion 
(hydrogen ion). This fact, together with the knowledge that the 
Hgl4 ionizes only slightly into Hg"^*^ and I (ionization constant 
of HgH^ = 5 X shows why the hydronium ion can act 

in this case as an oxidizing agent and in that manner dissolve 
mercury. Mercury resembles copper by forming two series of 
compounds, m., mercurous (bivalent Hg2)^ and mercuric (bivalent 

^ The bivalent mercurous ion, is used here since it has been shown more 

or less conclusively that mercurous mercury exists in this form both in solutions 
and in compounds. The older method of writing mercurous ion (still retained by 
the U. S. P. XIII) is Hg+. 
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Hg). Also, the mercurous halides, like the cuprous halides, are 
nearly insoluble in water and are decomposed by light. Both 
mercurous and mercuric hydroxides lose water spontaneously and 
are changed into the corresponding oxides (Hg20 and HgO) . These 
oxides are very feebly basic and hence their salts are easily hydro- 
lyzed to basic salts. Mercury enters into a number of complex 
ions, e. g,, HgCb"^, HgBr4^, Hg(CN)4^, etc. 

2. Mercurous salts, in general, are prone to split off an atom of 
mercury to form the more stable mercuric series. Soluble mer- 
curous salts, e. g., the nitrate (6), tend to hydrolyze in aqueous 
solution to form basic salts. 


( 6 ) Hg2(N03)2 + H2O -> Hg2(0H)N03 i + IINO3 

Hydrogen sulfide or soluble sulfides precipitate black mercuric 
sulfide and mercury (gray) from solutions of mercurous salts (7). 
Mercurous sulfide (IIg2S) does not exist at ordinary temperatures. 

(7) Hg2++ + HoS + 2H2O -> HgS j + 2H3O+ + Hg j 

Soluble iodides precipitate mercurous ion as the yellow mercurous 
iodide (8) which is insoluble in water and in alcohol. The precipi- 
tate may become green upon standing. The precipitate is partly 
soluble in an excess of precipitant (9). 

(8) Hg2++ + 2I-^Hg2l2i 

(9) Hg2l2 + 21- (Hgl4)^ + Hg 

Fixed alkali hydroxides precipitate menairous ion as black-brown 
mercurous oxide (10) which is insoluble in alkali but is readliy 
transposed by acids. It is very unstable toward heat and light (11). 

(10) Hg2(N03)2 + 20H- -> Hg2(OH)2 i + 2NO3- 

Hg2(OH)2 — > H 2 O + Hg20 I 

( 11 ) Hg 20 HgO + Hg 


From solutions of mercurous salts, ammonium hydroxide precipi- 
tates mixtures of mercury and mercuric ammonium compounds (12). 


(12) 2Hg2(N03)2 + 4 NH 3 + H 2 O 
+ 3NH4NO3 


/Hg 

0:^ ;NH,.NO, + 2 Hg 


1 


Hydrochloric acid and soluble chlorides precipitate white mercur- 
ous chloride from solutions of mercurous salts (13). The precipi- 
tate is insoluble in water but slowly soluble in hot concentrated 
hydrochloric acid. It is blackened by ammonia T.S. {i.e. 12) 

(13) Hg2(N03)2 -I- 2CI- 2Hg3Cb i -I- 2 NO 3 - 

When a piece of bright copper is immersed in a solution of a 
mercury salt that is free from excess of nitric acid, it becomes 
coated with a dark film of metallic mercury (14), which may be 
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given a bright and silvery polish by rubbing. The deposit is readily 
volatilized by heat. Copper, like all of the elements above mercury 
in the electromotive series, has a greater tendency toward the ionic 
than mercury and hence will displace the latter from solutions of 
its salts. 

(14) Cu + ITg2+'^ Cu++ + 2Hg I 

3. Mercuric salts are similar to mercurous in that they are also 
readily hydrolyzed to form insoluble basic salts. This is especially 
true of the sulfate (15) and nitrate (16). The presence of an excess 
of acid prevents the formation of these basic salts. 

(15) :mgS04 + 2H,0 Hg:AS04 i + 2H,S04 

(10) Hg(N();0. + Il.o Ilg(0II)X04 + UNO, 

Hydrogen sulfide or soluble sulfides precipitate black mercuric 
sulfide from solutions of mercuric salts (17). The precipitate is 
first white (Hg(d2.2HgS, a union of the original mercuric salt with 
mercuric sulfide) (IS), then yellow (unions having greater propor- 
tions of IlgS), then brown, and finally bla(‘k. 

(17) 3Hg(:i2 + 2II2S IIgCl2.2IIgS + 4H(d 

(18) IIgCl2.2ITgS + IIoS 3HgS i + 2HC1 

Soluble iodides pre(‘ipitate mercuric ion as scarlet, microcrystal- 
line mercuric iodide (19). The precipitate is yellow at first but 
(juickly changes to a scarlet color. It is very insoluble in water, 
but readily dissolves in ether, in alcohol, and in an excess of potas- 
sium iodide. With the latter, it forms the complex compound 
potassium mercuri-iodide (K2llgl4) which dissociates into potas- 
sium ion and the complex anion, IlgH”. A solution of this salt is 
known as Mayer’s Reagent, 

(19) Hg++ + 2I-->IIgl2i 

Fixed alkali hydroxides precipitate yellow mercuric oxide from 
solutions of mercuric salts (20). The hydroxide that is first formed, 
spontaneously decomposes into the oxide and water. 

(20) Hg++ + 2011- Hg(OH)2 i 
Hg(OII)2 -> HgO + H>0 

Ammonium hydroxide precipitates white mercuric amido chloride 
from a solution of mercuric chloride (21). 

NIR 

/ 

(21) HgCl2 + 2NHa Hg i + NH4+ + CI- 

\ 

Cl 

Stannous chloride precipitates white, insoluble mercurous chlo- 
ride (22) from solutions of mercuric salts. By heating the precipi- 
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tate in an excess of the precipitant, it turns gray, due to the reduc- 
tion of the mercurous chloride to metallic mercury (23). 

(22) 2HgCl2 -I- Sn++ -> Hg^Ch i + Sn++++ 4- 2C1- 

(23) HgjCls + Sn++ -> 2Hg -f- Sn++++ + 2C1- 

Mercuric salts, like mercurous salts, deposit mercury on the sur- 
face of copper foil (24). 

(24) Cu + Hg-^ Cu++ + Ilg i 

Official Tests for Identity. — 1. Solutions of mercury salts which 
are free from an excess of nitric acid will deposit mercury upon a 
bright copper foil (14, 24), the deposit becoming bright and silvery 
upon rubbing. 

2. Solutions of mercury compounds yield a black precipitate 
(7, 17, 18) which is insoluble in ammonium sulfide T.S., or in boiling 
diluted nitric acid. 

Mercuric Sato. — (a) Mercuric salts yield a yellow precipitate of 
yellow mercuric oxide when treated with sodium hydroxide T.S. (20). 

(b) In neutral solutions, mercuric salts yield a scarlet precipitate 
of mercuric iodide with potassium iodide T.S. (19). This precipi- 
tate is soluble in an excess of the reagent (25). 

(25) Hgl 2 + 2KI — > K 2 ngl 4 (water-soluble) 

Mercurous Salts. — (a) Sodium hydroxide T.S. decomposes mer- 
curous comj)ounds forming a black color due to mercurous oxide 

(b) Hydrochloric acid added to solutions of mercurous salts 
produces a white precipitate which is blackened by ammonia T.S. 

(c) Potassium iodide T.S. produces a yellow precipitate of mer- 
curous iodide (8) which may turn green on standing. 

Commercial Manufactme.— Mercury is readily obtained by roasting 
its principal ore (cinnabar, IlgS) in huge shaft furnaces (capacity 
about 50 tons of ore) at a temperature above 300° C. with access 
of air. Any mercuric oxide formed during the roasting is instantly 
decomposed into mercury and oxygen at the temperature of the 
process. The vapors are condensed in a series of stone towers in 
which the ascending gases are cooled by a descending spray of water 
and the mercury is collected under water. Formerly, lime and 
iron were used to destroy the combination between the mercury 
and sulfur, but at present, this is accomplished with the oxygen 
of the air. 

The mercury thus obtained is often separated from its impurities 
by mechanically stirring it in an iron bowl having a perforated 
bottom. The soot, containing some ash and traces of kerosene, is 
thrown out at the top of the bowl and the mercury runs through 
the holes in the bottom. The metallic impurities, e. g., tin, lead, 
copper, zinc, silver, etc., may be eliminated by allowing the finely 
divided metal to drop through a column of nitric acid and mercury 
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nitrate. The mercury is then dried, pressed through chamois and 
distilled in vacuum from a glass retort. 

Pharmacological Action of Mercury.— Mercury and its salts have 
several important uses- in therapeutics. Practically all of the thera- 
peutic applications Tnay be looked upon as modifications of the prin- 
cipal action of the mercuric ion, i, e., a protoplasmic poison. It is 
probably of more advantage to discuss them from this standpoint than 
from the action of specific chemical types such as metallic, mercuric 
and mercurous mercury. The most important therapeutic uses of 
mercury and its salts are (1) diuretic, (2) antiseptic, (3) antisyphil- 
itic, ^ (4) cathartic, (5) parasiticidal and fungicidal. 

Diuretic Action^—Yha diuretic action of mercury salts, inor- 
ganic and organic, is probably due to a direct renal effect by mer- 
curic ion. To obtain a diuretic eff'ect the organic mercurials are 
used almost exclusively, e. g.y salyrgan, mercurin, mercupurin, etc. 
They are much less highly ionized than the inorganic mercurials 
and for this reason are less apt to cause undesirable toxic reactions. 
The chief use of mercurial diuretics is to rid the body of excess 
fluid in the case of cardiac edema. It should be emphasized that 
the mercury compounds are used simply as potent diuretics in these 
conditions and have no curative action whatsoever except that 
incidental to the diuretic action. It is interesting to note the 
synergistic action of acid-forming diuretic salts with mercurials. 
If salts which produce an acidosis are administered for two days 
prior to the use of the mercurial, it has been found that the sum 
total of the diuresis is usually greater than that which might be 
expected on an additive basis. Likewise, it has been found that 
salts which produce an alkalosis, e, g., sodium bicarbonate, inhibit 
the action of the mercurial diuretics. 

2. Antiseptic Action. —Mercury salts, both mercurous and mer- 
curic, possess a pronounced antiseptic activity. The antiseptic 
action is due to the mercuric ion which is a protein precipitant, 
although it is difficult to explain on this basis the antiseptic activity 
of organic mercurials which are more effective than the more highly 
ionized inorganic compounds. In general, however, the protein pre- 
cipitating action of the mercuric ion is the basis of the antiseptic ac- 
tion. It does not distinguish between bacterial and human protein 
and, therefore, is quite irritating when applied to the tissues. Its 
action is lowered by the very fact that it precipitates protein indis- 
criminately instead of being specific for bacterial protein. One might 
assume from the foregoing discussion that solutions of mercury 
salts would be excellent antiseptics for non-protein substances such 
as surgical instruments, etc. Their chief drawback in this applica- 
tion is that they corrode metals badly and therefore their use is 
limited. 

Mercurous chloride, probably acting via slow liberation of mer- 
curic ion, is an excellent antiseptic and is used widely in about a 
30 per cent ointment. It is used almost exclusively in the prophyl- 
axis of syphilis in the well-known Army and Navy prophylactics. 
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It is said that almost 100 per cent protection from syphilis is 
obtained by applying the ointment to the affected parts within an 
hour after exposure. 

3. Antisyphilitic Action, — Mercury and its salts have been used 
since the end of the fifteenth century in the prophylaxis and treat- 
ment of syphilis. As previously indicated, calomel ointment is 
used as an efficient prophylactic. However, the use of mercurials 
in the treatment of syphilis has been largely superseded by more 
efficient medications, e, g., arsenicals and bismuth compounds. 
One of the most used mercury preparations in this connection is 
an ointment of metallic mercury which is applied by inunction 
(rubbing into the skin). It is vigorously rubbed into the skin in 
areas where it is most readily absorbed, e. ^., armpits, groins, etc. 
In this form of medication, the metallic mercury is gradually changed 
into more or less soluble compounds by the body. 

Although mercury compounds, intramuscularly and intraven- 
ously, have not been used extensively, constant research has gone on 
in an effort to minimize the difficulties accompanying this type of 
medication. Intramuscular usage is desirable from the standpoint 
of slowing down absorption so that less frequent injections are 
necessary. Some of the organic mercurials have be(X)me important 
in connection with intramuscular use. 

The oral route of administration is occasionally resorted to in 
which case yellow mercurous iodide is the preparation of choice. 

4. Cathartic —Although this action is seldom used in 

modern therapy, at one time it was regarded as standard practice 
(see Mild Mercurous Chloride, p. 401). The laxative effect is 
undoubtedly a function of the irritant properties of the mercuric 
ion which is slowly liberated from the insoluble mercurous chloride, 
the salt that is used almost exclusively. The principal therapeutic 
advantage of this cathartic over most other cathartics is that its 
action starts high in the small intestine giving a thorough cleansing. 

5. Parasiticidal and Fungicidal Action,— At one time, metallic 
mercury in the form of ‘'blue ointment'' (see p. 397) was used as 
an effective but untidy means of treating crab-louse infestation. 
It has been largely superseded by equally effective and more 
acceptable preparations. In the form of ammoniated mercury 
(see p. 399) ointment the effect of mercury is to act as an efficient 
antiseptic and fungicide, and is used largely, in the treatment of 
impetigo contagiosa, ringworm infections, et^ 

Pharmaceutical Preparations and J3^es,—l, Mercury (Hydrargy- 
rum, Quicksilver), U. S. P. XIIL— As previously pointed out, 
metallic mercury is used in the treatment of the secondary cuta- 
neous lesions of syphilis.- It is applied in the form of an ointment 
and rubbed into the skin. It is used in ointment form for the 
treatment of crab-louse infestation. 

Aside from its medicinal uses, it is employed in the metallurgy 
of gold and silver. It is also used in making mercury compounds, 



MERCURY 


397 


amalgams, thermometers, barometers, mirrors, vermilion and vari- 
ous physical and chemical apparatus. 

2. Mild Mercurial Ointment (Unguentum Hydrargyri Mite, 
Diluted Mercurial Ointment, Blue Ointment, Unguentum hydrar- 
gyri P. I.), U. S. P. XIII. —“Mild Mercurial Ointment contains 
not less than 9 per cent and not more than 11 per cent of Hg.” 
It is prepared by incorporating 200 Gm. of Strong Mercurial Oint- 
ment (q. V.) with 800 Gm. of White Ointment. It is used for 
inunction and principally as a parasiticide. 

3. Strong Mercurial Ointment (Unguentum Hydrargyri Forte, 
Unguentum Hydrargyri, Mercurial Ointment), TJ. S. P. XIIL— 
“Strong Mercurial Ointment contains not less than 47.5 and not 
more than 52.5 per cent of Hg.’’ This is prepared by extinguishing 
the mercury with Mercury Oleate and a portion of the fatty base 
consisting of wool fat, white wax, and white petrolatum. Another 
portion of the base is then added and triturated until the globules 
of mercury are no longer visible under a lens magnifying 10 diam- 
eters. The remainder of the wool-fat-petrolatum mixture is added 
and mixed thoroughly. It is the ointment of choice in the inunction 
treatment of syphilis, and the daily 4 Gm. dose is advantageously 
weighed for the patient on wax papers or in elastic capsules. It is 
also used in the preparation of Mild Mercurial Ointment (7. r.). 

4. Mercuric Nitrate Ointment (Unguentum Hydrargyri Nitratis, 
Citrine Ointment), N. F. VIII.— This ointment “contains an 
amount of mercuric nitrate corresponding to not less than 6.65 per 
cent and not more than 7.35 per cent of Hg.’’ It is prepared by 
heating lard (free from water and consisting chiefly of glyceryl 
oleate) to about 45*^ C. and then adding part of the nitric acid all 
at once. The mixture is gently heated, holding an inverted funnel 
over the dish during the reaction, until the olein is converted into a 
yellow substance called elaidin, as evidenced by the rise of froth 
which accompanies the end reaction. It is then cooled and stirred 
to a bright citrine color. The mercury is dissolved in the remainder 
of the nitric acid (26), warmed to prevent crystallization, and 
mixed with the previously prepared lard. All contact with metals 
^nust be avoided. 

(26) 3Hg + 8HNO, -> 3Hg(N03)2 + 2NO T + 4H,0 

Elaidin is a compound isomeric with the glyceryl ester of oleic 
acid [(Ci 7H33COO)3C3H6]. It is the product formed by oxidizing 
oleic acid or oleates. Although the empirical formulae for olein and 
elaidin are the same, the former melts at 14° C. and the latter at 
45° C. 

This ointment is used principally for the antiseptic action of 
mercuric nitrate (comparable to mercuric chloride). Its action 
is modified somewhat by being in the form of an ointment. 

5. Mercury Mass (Massa Hydrargyri, Blue Mass, Blue Pill), 
N. F. VIII.— “Mercury Mass contains not less than 31 per cent 
and not more than 35 per cent of Hg.” The metallic mercury in 
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this preparation is extinguished with the aid of Mercury Oleate and 
Honey until it cannot be seen under a lens magnifying 10 diameters. 
Finally, the other ingredients (glycyrrhiza, althea and glycerin) 
are incorporated to make a homogenous mass. The preparation 
is used as a cathartic which is said to cause less griping than calomel. 
Average dose— 0.2 Gm. (approximately 3 grains). 

6. Mercury with Chalk (Hydrargyrum cum Greta), N. F. VIII.— 
Mercury with Chalk contains not less than 36 per cent and not , 
more than 40 per cent of Hg.*’ The metallic mercury is extinguished *■ 
by agitation with honey and, after mixing with prepared chalk, 
dried to a powder. It is used as a laxative and also (rarely) to 
obtain the constitutional effect of mercury in infantile syphilis. 
Average dose— 0.25 Gm. (approximately 4 grains). 

Official Mercury Compounds 

AMMONIATED MERCURY 

Amvwniated Mercury y V. S. P. XII I 
NH. 

Formula, HgNH2Cl; Hg. Molecular Weight, 252.00 

c/ 


Physical Properties.— Ammoniated Mercury occurs in white, 
easily powdered pieces, or as a white, amorphous powder. It is 
odorless, and is stable in air, but is affected by light. It has a 
styptic, metallic taste. It is insoluble in water and in alcohol. 
By prolonged washing with water, the salt turns yellow due to the 
formation of a basic compound, NH2(Hg20)Cl. Warm hydro- 
chloric, nitric, and acetic acids readily dissolve it. Below red heat, 
ammoniated mercury is decomposed without fusion, and at red 
heat it is volatilized. 

Chemical Properties.— As pointed out above, this compound 
decomposes without fusion (1) and when heated is sometimes 
known as non-fusible white precipitate” to distinguish it from a 
related compound, Hg(NH3)2Cl2 (fusible white precipitate). The. 
infusible form is converted to the fusible form by treating it with 
a hot ammonium chloride solution (2). 

(1) 6HgNH2Cl 3Hg2Cl2 T + 4 NH 3 T + N. T 

(2) HgNH2Cl + NH4CI Hg(NH3)2Cl2 

Prolonged washing of the compound with water results in the 
formation of a basic compound (3). 

(3) 2HgNH2Cl + H2O NH4CI + (HgNH2Cl).HgO 

When the salt is heated with a solution of a fixed alkali hydroxide, 
yellow oxide of mercury is formed and ammonia is liberated (4). 

(4) HgNHsCl + NaOH HgO + NH3 1 + NaCl 
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When ammoniated mercury is dissolved in nitric acid (5) and 
the liquid treated with a solution of potassium iodide, a red pre- 
cipitate of mercuric iodide (soluble in an excess of the precipitant) 
is formed (6). 

(5) HgNH2Cl + 2HNO3 Hg(N03)2 + NH4CI 

(6) Hg(N03)2 + 2KI Hgl2 1 + 2KNO3 

A cold solution of ammonium carbonate, or a cold 50 per cent 
“ solution of sodium thiosulfate readily dissolves the salt (7) with 
the evolution of ammonia. When this solution is heated for a 
short time, red mercuric sulfide is precipitated and turns black on 
long boiling (8). 

(7) HgNIl2Cl + Na,S203 + II2O NH3 T + NaOII + Na- 

HgClS203 

(8) NaHgClS203 + H2O HgS i + NaCl + H2SO4 

Official Tests for Identity.— 1. One Gm. of the compound is 
soluble in a cold solution of 5 Gm. of Na2S‘.03 in 5 cc. of water, 
evolving ammonia in the process (7). 

2. When heated with sodium hydroxide T.S. the material becomes 
yellow due to formation of mercuric oxide and evolves ammonia (4). 

3. A solution of ammoniated mercury in nitric acid (5) gives a 
red precipitate with potassium iodide T.S. (6). The precipitate is 
soluble in an excess of the reagent (9). 

(9) Hgl2 + 2KI — > K2Hgl4 

4. A solution of ammoniated mercury in nitric acid gives a pre- 
cipitate with silver nitrate T.S. (10). 

(10) HgCh + 2AgN03 2AgCl i + Hg(N03)2 

Commercial Manufacture.— A cold solution of mercuric chloride 
is poured slowly and with constant stirring into cold ammonia 
water (11). The solutions should be kept cold in order to minimize 
hydrolysis to basic compounds, as well as to prevent loss of ammonia. 
The precipitate is washed with very dilute ammonia water and 
finally dried in a dark place at a temperature not exceeding 30° C. 

(11) HgCb + 2NII4OH NIl2HgCl i + NH4CI + 2H2O 

laboratory Preparation.— Dissolve 12.5 Gm. of mercuric chloride 
in 200 cc. of w^arm distilled water. Filter and allow it to cool. Pour 
the filtrate gradually and with constant stirring into 20 cc. of am- 
monia water, taking care that the latter is in slight excess. Collect 
the precipitate upon a filter and wash it with two successive solu- 
tions of 5 cc. of ammonia water in 100 cc. of distilled water. Finally, 
dry the precipitate between sheets of bibulous paper in a dark 
place at a temperature not exceeding 30° C. 

Pharmaceutical Preparations and Uses. — 1. Ammoniated Mercury 
(Hydrargyrum Ammoniatum, White Precipitate), U. S. P. XIII. — 
^'Ammoniated Mercury contains not less than 78 per cent and not 
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more than 80 per cent of Hg, corresponding to not less than 98 per 
cent of HgNH'iCJ/’ This compound is occasionally used as a dust- 
ing powder against eczema and parasitic skin diseases. Usually it 
is applied in the form of an ointment {q. v.). It is considered to be 
a fairly efficient treatment for impetigo contagiosa. It might be 
mentioned here that the French Precipite Blanc (white precipitate) 
is calomel and not ammoniated mercury. Therefore, great care 
should be exercised in the interpretation of a French prescription 
so as not to confuse these compounds. 

2. Ammoniated Mercury Ointment (Unguentum Hydrargyri 
Ammoniati, White Precipitate Ointment), U. S. P. XIII.— This 
ointment “contains an amount of ammoniated mercury correspond- 
ing to not less than 3.5 per cent and not more than 4.5 per cent 
of Hg.” It is made b}^ incorporating 5 per cent of ammoniated 
mercury into an ointment base consisting of 5 per cent wool fat 
and the remainder white ointment. This ointment has a fairly 
satisfactory skin-penetrating action which probably accounts in 
part for its activity. It is important to note that as late as 
the U. S. P. XI this ointment had a concentration of 10 per cent 
of ammoniated mercury and it is still obtainable in this concentra- 
tion although the 5 per cent is the official form. 

\ MERCURIC CHLORIDE 

Mercury Bichloride, N. F. VIII 
Formula, IlgCLi. Molecular Weight, 271.52 

Physical Properties. Mercuric Chloride crystallizes in white, 
odorless, rhombic prisms. It occurs also in the form of large 
crystalline masses, or as a white powder having a specific gravity 
of 5.44 at 20° C. Water hydrolyzes it, yielding a slightly acid solu- 
tion which may be made neutral by the addition of sodium chloride 
It is only feebly ionized. (In a normal solution at 18° C. only 0.01 
per cent of HgClo is ionized.) (See p. 401.) 

One Gin. of mercury bichloride dissolves in 13.5 cc. of water, 
in 3.8 cc. of alcohol, in about 12 cc. of glycerin, and in 25 cc. of 
ether, at 25° C. One Gm. dissolves in 2.1 cc. of boiling water and 
in 1.6 cc. of boiling alcohol. 

At about 277° C. the salt fuses to a colorless liquid which boils 
at about 300° C. and gives off dense, white vapors of HgCLi. 

Chemical Properties.— The chemical properties of mercury bichlo- 
ride are those of the mercuric ion (r/. v.) and the chloride ion (q, v.). 

Official Tests for Identity. — 1. A 1 in 20 aqueous solution responds 
to the tests for Mercuric Salts {q. v,), 

2. An aqueous solution also responds to all tests for Chloride 
(q. V,). ^ 

Commercial Manufacture.--!. Mercuric sulfate, made by heating 
mercury (4 parts) with sulfuric acid (5 parts) and drying, is thor- 
oughly mixed with about one-half its weight of sodium chloride (1) 
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and a small amount of manganese dioxide (to prevent mercurous salt 
formation) and placed in clay or glass vessels. These are heated 
on a sand-bath until the bichloride sublimes as white, rhombic 
crystals into the upper part of the vessel. The container is broken 
and the salt purified, if necessary, by resublimation. 

(1) HgS 04 + 2NaCI HgCb t + Na 2 S 04 

2. Mercuric chloride is also obtained by direct union of the 
elements. About 50 pounds of mercury are heated nearly to boiling 
in a large glass retort and subjected to the action of gaseous chlorine 
for from eight to ten hours. The bichloride that is formed sublimes 
and condenses on the cold, enlarged portion of the retort. 

3. It is also made by dissolving mercuric oxide (HgO) in hydro- 
chloric acid and evaporating the solution. The product is usually 
purified by sublimation. 

Pharmaceutical Preparations and Uses.— 1. Mercury Bichloride 
(Hydrargyri Bichloridum, Corrosive Mercuric Chloride, Corrosive 
Sublimate, Mercuric Chloride), N. F. VUI.— Mercury Bichloride, 
when dried over sulfuric acid for eighteen hours, contains not less 
than 99.5 per cent of HgCb. The N. F. cautions: Mercury Bichlo- 
ride u exiremely ixmonous. In aqueous solution, mercuric chloride 
ionizes only slightly and it polymerizes to form compounds such as 
(HgClo)^ and (HgCl 2 ) 3 . However, the speed with which it replaces 
its ions makes its chemical behavior simulate a very highly ionized 
compound and therefore it is a very effective germicidal agent. It 
is used in concentrations of 1 to 1000 as a disinfectant hand wash. 
Proteins greatly lessen the activity of bichloride. Because of the 
irritant action of bichloride and also because of the toxic effects 
produced, its solutions are seldom used to irrigate wounds. It is 
used very little internally, if at all, although when so employed it 
will exert a diuretic effect. 

2. Mercury Bichloride Large Poison Tableh^ (Toxitabellee Hydrar- 
gyri Bichloridi Magnae, Large Corrosive Sublimate Tablets, Large 
Bichloride Tablets), N. F. VHL— These tablets ‘^contain an aver- 
age of not less than 0.42 Gm. and not more than 0.52 Gm. of HgCl 2 , 
with a sufficient quantity of a suitable excipient or diluent.'' 

In addition to approximately grains of Mercury Bichloride, 
they usually contain either sodium or ammonium chloride. These 
tablets must be of a distinctive color, not white; they must be of an 
angular or irregular shape, not discoid. When sold in small quan- 
tities suitable for household use, they must be dispensed in glass 
containers of a distinctive, angular shape, having irregular or 
roughened sides or edges. On the exterior of each container must 
be placed a red printed label bearing the word “POISON" and a 
statement indicating the amount of mercury bichloride in each 
tablet. One tablet dissolved in a pint of water makes approximately 
a 1 in 1000 solution. These tablets represent a convenient method 
for making a fairly accurate 1 to 1000 solution for disinfecting 
purposes. 

26 
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3. Mercury Bichlo ide Small Poison Tablets (Toxitabellae II>^rar-- 
gyri Bichloridi Parvse, Small Corrosive Sublimate 1 ablets, Small 
Bichloride Tablets), N. F. VUI. -These tablets contain an average 
of not less than 0.11 Gm. and not more than 0.14 Gm. of HgCb, 
with a sufficient quantity of a suitable excipient or diluent. These 
tablets contain approximately 2 grains of mercuric chloride and 
must conform to the specifications as to color, shape, containers 
used, labeling, etc., given for Mercur}^ Bichloride Large Poison 
Tablets. One tablet dissolved in a pint of water makes approxi- 
mately a 1 in 4000 solution. 

4. Yellow Lotion (Lotio Flava, Yellow Wash), N. F. VIII.— This 
lotion is prepared by dissolving 3 Gm. of mercury bichloride in 
35 cc. of boiling water. This solution is added with stirring to 
enough calcium hydroxide solution to make 1 000 cc. The reaction 
that takes place is to form yellow mercuric oxide (2). The forma- 
tion of a reddish-brown precipitate at the time of mixing the solu- 
tions may be due to a deficiency of calcium hydroxide in the lime 
water or to an excess of mercuric chloride. The precipitate is 
thought to be a mixture of basic compounds of mercury. This 
preparation should be freshly prepared because the fine precipitate 
has a tendency to coagulate into larger particles on standing for 
some time. 

(2) HgCIo + Ca(OH), ^ HgOi + H,0 + (^aCl, 

MERCURIC CYANIDE 

Mercuric Cyanide , N. F. VIII 
Formula, IIg(CN) 2 . Molecular Weight, 252.65 

Physical Properties.— This salt occurs as colorless or white, odor- 
less, prismatic crystals, or as a white, odorless powder. Its aqueous 
solutions are neutral to litmus paper and it is affected by light. 

One Gm. dissolves in about 13 cc. of water and about 13 cc. of 
alcohol at 25° C. One Gm. dissolves in about 3 cc. of boiling water 
and in about 6 cc. of boiling alcohol. It is sparingly soluble in 
ether. 

Chemical Properties.— Mercuric cyanide is decomposed readily by 
simple heating to give metallic mercury and cyanogen gas (1). 
This reaction is used as a preparative method for making cyanogen. 

(1) Hg(CN)2-^Hg + C2N2T 

In solution, mercuric cyanide is not dissocii?ted. This fact is 
borne out by its failure to conduct the electric current and by the 
fact that its molecular weight can be obtained by the freezing- 
point method. This is because it shows no abnormal depression of 
the freezing-point beyond that normally given by non-electrolytes 
(sugar, etc.) which is 1.86° C. in water. Because of the non-ionic 
character of its solutions it fails to give reactions characteristic of 
either the mercuric or cyanide ions. 
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Solutions of mercuric cyanide react with alkali cyanides to form 
new compounds. This is illustrated by the reaction of potassium 
cyanide with mercuric cyanide (2). 

(2) Hg(CN)o + 2KCN K2Hg(CN)4 

Acidification of solutions of mercuric cyanide results in the 
formation of hydrocyanic acid (3). 

(3) ng(CN)2 + 2IIC1 -> HgCh + 2HCN T 

Official Tests for Identity. — 1. When slowly heated in a test-tube, 
the salt decrepitates and decomposes into metallic mercury and 
inflammable cyanogen gas (1) which burns with a purple flame. 
On further heating the blackish residue of paracyanogen (C 2 N 2 )n 
is completely dissipated. 

2. Gently heating a mixture of equal parts of mercuric cyanide 
and iodine in a test-tube causes at first the formation of a yellow 
sublimate of mercuric iodide which later turns yellow. Above this 
is a sublimate of colorless, needle-shaped crystals. 

3. When a solution (1 in 20) is acidified with diluted hydrochloric 
acid, the characteristic odor of hydrocyanic acid (3) is evolved. 
Care should be exercised in breathing these vapors since they are 
extremely toxic. 

Commercial Manufacture.— IVIercuric Cyanide may be made by 
simply reacting yellow mercuric oxide with aqueous hydrocyanic 
acid (4). 

(4) HgO + 2IICN Hg(CN)2 + H 2 O 

It is also prepared by boiling Prussian blue (Fe4(Fe(CN)6):0 with 
water and yellow mercuric oxide. In this reaction mercuric cyan- 
ide goes into solution and ferric oxide precipitates. 

Pharmaceutical Preparations and Uses. — 1. Mercuric Cyanide (Hy- 
drargyri Cyanidum), N. F. VIII. — “IMercuric Cyanide, when dried 
to constant weight over sulfuric acid, contains not less than 99 per 
cent of Hg(CN) 2 .'’ The N. F. cautions: ''Because of the extremely 
poisonous nature of Mercuric Cyanide and of the gas evolved from 
it upon treatment with acids, all tesU must be made in a hood, with 
a strong draft, and special care must he taken to avoid inhalation 
of fumes. Bipettes must not be used in measuring solutions of Mer- 
citric Cyanide.'' Because mercuric cyanide does not precipitate 
protein it is mudi less irritating than mercuric chloricle. It can 
be used locally as an antiseptic and can be applied to mucous 
membranes. It has also been suggested as a mercurial diuretic in 
cardiac edemas, although it is recommended that it be used only 
as a last resort after all other drugs have failed. It is contraindi- 
cated, as are all mercurials, in the presence of renal damage, and 
for that reason should not be used as a diuretic for renal edemas. 

It has also been used as an antisyphilitic in the late stage of 
syphilis of the central nervous system, the heart, or liver where 
arsenicals are initially contraindicated. 
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In diphtheria and croup, mercuric cyanide is used in a 1 to 10,000 
solution as a gargle, and, in fibrinous rhinitis, it is used on a tampon 
in a 1 to 2500 solution. Solutions of 1 to 4000 to 1 to 2000 may 
be used for application to the eye and mucous membranes.^ 

MERCURIC IODIDE 

Red Mercuric Iodide, N. F. VIII 
h'ormula, Hglo. Molecular Weight, 454.45 

Physical Properties. —Mercuric Iodide occurs in two microcrystal- 
line modifications, red (tetragonal octahedra, stable below 127° C. 
at 760 mm.) and 3^ellow (rhombic prisms, stable above 127° C. at 
760 mm.). Its specific gravity is 6.283 at 20° C. 

Red mercuric iodide is practically^ insoluble in water. One Gm. 
of it dissolves in about 115 cc. of alcohol, in about 910 cc. of chloro- 
form, or in about 120 cc. of ether, at 25° C., or in about 20 cc. of 
boiling alcohol. The salt dissolves in solutions of the soluble iodides, 
mercuric chloride, sodium thiosulfate, and in hot solutions of the 
alkali chlorides. 

Chemical Properties.— Because of its insolubility, mercuric iodide 
enters into few chemical reactions. However, it is soluble in an 
excess of potassium iodide solution due to the formation of a com- 
plex salt (1). The same is also true of mercuric chloride solutions 
which dissolve mercuric iodide forming a soluble double salt (2). 

(1) HgL2 + 2KI KdIgU (soluble) 

(2) Hglo + 2HgCl, HgI,.2HgCl2 (soluble) 

Similar considerations are responsible for the solubility of the salt 
in solutions of sodium thiosulfate and alkali chlorides. 

It is interesting to note that the dissolving of mercuric iodide in 
potassium iodide solution produces a solution known as Mayer s 
reagent which is widely used as a testing agent for alkaloids because 
it readily^ precipitates most alkaloids from solution. If the Mayer’s 
reagent is alkalinized with potassium hydroxide, the resulting solu- 
tion is known as Nesslers reagent. This reagent is used for the 
detection of small amounts of ammonia in water because it forms 
a yellow to brown coloration (depending on the concentration of 
NHs) in the solution. 

Official Tests for Identity. — 1. If about 0.1 Gm. of the salt is 
boiled with 2 cc. of sodium hydroxide T.S., filtered, and the filtrate 
strongly acidified with nitric acid, the iodide is oxidized to free 
iodine. This may be detected by adding a few drops of starch 
solution which turns deep blue in the presence of iodine. 

2. When heated to about 150° C. the red form changes to the 
yellow, but goes back to red on cooling. If heated to about 250° C. 
it fuses to a dark red liquid, which on cooling forms a yellow, 
crystalline mass. At about 350° C. it is volatilized. It is important 

‘ J. Am. Pharm. Assn., Pr. Ed., p. 130 (March 1946). 
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to note that the red form is the more stable of the two forms of 
mercuric iodide. The less stable is the yellow iodide which forms 
first in most cases, and which is converted* rather quickly to the red 
form. Whenever the salt, either red or yellow, is volatilized it is 
always the yellow form which condenses out, and which is then 
converted to the red form. 

Ik If Red Mercuric Iodide is heated with potassium hydroxide 
1\S., and a little lactose added, metallic mercury is precipitated 
due to the reducing action of the lactose. 

Commercial Manufacture.- 1. Forty parts of mercuric chloride and 
50 parts of potassium iodide are dissolved separately in sufficient 
amounts of water. The two solutions are poured simultaneously 
in thin streams into a large quantity of water that is well agitated 
(li). The resulting precipitate is thoroughly washed and dried in 
the dark between bibulous paper at a temperature not above 
40° C. The product should be kept in amber colored bottles in 
a dark place. 

(3) HgCJo + 2KI -> Hgk i + 2KC1 

2. Red iodide of mercury may be prepared by triturating in a 
mortar, 20 parts of mercury moistened with a little alcohol and 
25.5 parts of iodine (4). 

(4) Hg + 1.2 “> Hgli 

Laboratory Preparation.- Dissolve 8 Gin. of mercuric cliloride and 
10 Gm. of potassium iodide each in 80 cc. of distilled water and 
filter the solutions separately. Pour both solutions simultaneously 
and in a thin stream into 400 cc. of distilled water that is being 
agitated constantly. When the precipitate has subsided, decant 
the supernatant liquid, collect the precipitate on a filter and wash 
it with cold distilled water until the washings do not give more 
than a slight opalescence with silver nitrate test solution. Finally, 
dry in a dark place between sheets of absorbent paper at a tempera- 
ture not exceeding 40° C. 

Particular care should be taken to avoid an excess of either mem- 
ber of the reaction mixture at any time during the operation, 
because an excess of mercuric chloride results in the formation of 
mercuric iodochloride (Hgl 2 . 2 HgCl 2 soluble) whereas an excess of 
potassium iodide forms potassium mercuric iodide (K 2 Hgl 4 soluble). 
If the two solutions are mixed in the cold, the salt is precipitated 
as a fine red powder. If, on the other hand, the solutions are mixed 
while hot and then allowed to cool slowly, beautiful crystals may 
be obtained. 

Pharmaceutical Preparations and Uses.— 1. Red Mercuric Iodide 
(Hydrargyri lodidum Rubrum, Mercuric Iodide), N. F. VIII.— 
Red Mercuric Iodide, when dried at 105° for three hours, 
contains not less than 99 per cent of Hgl 2 . This salt is a powerful 
irritant poison. Its action is similar to that of mercuric chloride 
and it is similarly used. It is used externally as a stimulant for 
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indolent ulcers, glandular swellings, etc. Average dose 4 mg. 
(approximately ^ grain). . 

2. Red Mercuric Iodide Tablets (Tabellee Hydrargyri lodidi 
Rubri), N. F. VIII.-These tablets contain not less than 91 per 
cent and not more than 109 per cent of the labeled amount ol 
HgR.” These tablets are usually available in 4, 8 and 15 mg. sizes 
for convenient administration orally whenever indicated. Average 
dose— 4 mg. (approximately re grain) of Red Mercuric Iodide. 

3. Arsenic and Mercuric Iodides Solution (Liquor Arseni et 
Hydrargyri lodidorum, Donovan’s Solution), N. F. \I11.— In the 
manufacture of this preparation 10 dm. each of arsenic triiodide 
and red mercuric iodide, 9 Gm. of sodium bicarbonate and enough 
distilled water to make 1000 cc. of finished preparation are used. 
Some confusion seems to exist as to the exact reactions which take 
place between the two iodides (5, 6) and subsequently upon the 
addition of the sodium bicarbonate (7, 8). However, the following 
reactions have been suggested as taking place. ^ 

(5) Asl, + 3H,0 ^ H;,As 03 + 3HI 

(6) HgL + 2HI ;=± H2(Hgl4) 

The sodium bicarbonate then neutralizes the acids to form the 
sodium salts (7, 8). 

(7) HI + NaHC 03 Nal + HoO + CO> j 

(8) H>(Hgl4) + 2NaHC()3 -> Na.2(Hgl4) + 2H,0 + 2 CO 2 T 

The principal reason for the use of sodium bicarbonate is that the 
stability of the solution is greatly increased when the pH is adjusted 
between 6.5 and 7.5.^ (See also p. 156.) 

This preparation is used for the therapeutic effects of arsenic 
and mercury. It is not employed extensively but finds application 
in the treatment of certain skin diseases, chronic rheumatism and 
the later stages of syphilis. It is administered orally. Average 
dose— 0.1 cc. (approximately 1^ minims). 

MERCURIC OXIDE 

^ Yellow Mercuric Oxide, U. S. P. XIII 
Red Mercuric Oxide, N. F. VIII 
Formula, HgO. Molecular Weight, 216.61 

Physical Properties. — 1. Yellow Mercuric Oxirfe.— This oxide is a 
yellow to orange-yellow, heavy, impalpable powder which is odor- 
less and stable in air. It is discolored on exposure to light. It is 
practically insoluble in water and in alcohol, but is readily soluble 
in diluted hydrochloric and nitric acids to form colorless solutions. 


* Husa et at,: J. Am. Pharm. Assn., 19, 328 (1930). 

* Husa; J. Am. Pharm. Assn., 21, 211, (1932). 
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2. Red Mercuric Oxide.— This oxide occurs as heavy, orange-red 
crystalline scales, or as a crystalline powder. It acquires a yellow 
color when finely divided. It is odorless and has a slight metallic 
taste. It is affected by light. Its solubilities are the same as those 
of the yellow form. 

Although the two forms given above have identical chemical 
formulae, they have different colors; the difference in colors being 
ascribed to a difference in particle size (the red is coarse and the 
yellow is fine). 

Chemical Properties. —Both of these oxides behave the same 
chemically. They are readily soluble in diluted acids, e. g., hydro- 
chloric acid (1). 

(1) HgO + 2H(;:i IlgCl, + H.0 

When either of the oxides is heated to red heat, it is decoin])osed 
into oxygen and vapors of metallic mercury (2). 

(2) 2HgO 2IIg + O 2 T 

Mercuric oxide will react with oleic acid to form mercury oleate, 
a salt of an organic acid (8). 

(3) 2CT1,(CH2)7CII---(1I(CH,)7C^^^ + IlgO -> (CH,(Cll2)7- 

CII---CH(CH2)7C()0)2lIg + II2O 

Official Tests for Identity . — 1 . Yellow Mercuric Oxide.— k solution 
of >'ellow mercuric oxide prepared by mixing 1 Grn. of the com- 
pound with 20 cc. of water and adding enough hydrochloric acid to 
just dissolve it (1) will give all tests for Mercuric Compoumb {q. v.). 

2. Red Mercuric Oxide.— A. When heated to approximately 
400° C., this oxide takes on a dusky red-purple color, but goes 
back to the original red color on cooling. 

B. A solution of the oxide in diluted nitric or hydrochloric acids 
responds to the tests for Mercuric Compounds (7. v.). 

Commercial Manufacture.— 1. Yellow Mercuric Oxide. — \n the 
manufacture of yellow mercuric oxide, all of the operations are 
carried on in the dark, thereby insuring a bright orange-yellow 
product. 

A concentrated solution of mercuric chloride is poured slowly 
and with constant agitation, into a dilute solution of sodium hydrox- 
ide free from carbonate (4). The mixture is allowed to stand at 
room temperature for approximately one hour in order to permit 
of complete decomposition and to allow the precipitate to settle. 
Then the supernatant liquid is poured off and the precipitate 
repeatedly washed with water until the washings are free from 
alkali. The yellow precipitate is drained and dried on absorbent 
paper, in a dark place, at a temperature of about 30° C. 

(4) HgCb + 2NaOH 2NaCl + Hg(OH)2 HgO j + H^O 

2. Red Mercuric Oxide?.— Despite the fact that this oxide of 
mercury is obtained by calcination and not by precipitation, it is 



408 


MERCURY AND MERCURY COMPOUNDS 


commonly called red precipitate.*^ It is usually prepared by 
triturating mercuric nitrate with metallic mercury until the latter 
completely disappears and then heating the mixture in a metallic 
capsule or in a small muffle furnace until fumes of nitrogen dioxide 
cease to be evolved (5). 

(5) 2Hg(N03)2 + 2Hg 4HgO + 4 NO 2 T 

The temperature at which the calcination is conducted must not 
be too great lest the mercuric oxide be decomposed into oxygen 
and vapors of metallic mercury. 

Laboratory Preparation. — 1 . Yellow Mercuric Dissolve 20 

Gm. of mercuric chloride in 250 cc. of warm distilled water and 
filter. Dissolve 10 Gm. of sodium hydroxide (free from carbonate) 
in 250 cc. of cold distilled water. Slowly pour the solution of mer- 
curic chloride into the solution of the alkali, stirring it constantly. 
Allow the mixture to stand for about 1 hour at a temperature of 
about 30° C., stirring it frequently. Then decant the supernatant 
liquid from the precipitate and wash the latter repeatedly by affu- 
sion and decantation with separate portions of 250 cc. of distilled 
water. Collect the precipitate on a strainer and continue the wash- 
ing with warm distilled water until a small portion of the washings 
do not give a yellow turbidity at the line of contact with a little 
mercuric chloride test solution. Allow the precipitate to drain and 
dry in a dark place between sheets of bibulous paper at a tempera- 
ture not exceeding 30° C. 

In the above, it is well to note that the solution of mercuric chlo- 
ride must be poured into the solution of the alkali in order to avoid 
the precipitation of brown mercuric oxychloride. 

2. Red Mercuric Dissolve 16 Gm. of mercury in 18 Gm. 

of nitric acid which previously has been diluted with 8 cc. of distilled 
water. Evaporate the solution to dryness. To the residue, add 
16 Gm. of mercury and triturate in a mortar until metallic globules 
are no longer visible and the mixture appears to be uniform. Then 
heat this mixture in a porcelain dish over a sand bath under a hood, 
stirring it frequently, until acid vapors are no longer evolved. If 
the nitric acid is contaminated with hydrochloric acid, a correspond- 
ing amount of mercuric chloride and finally oxychloride will be 
formed, the latter remaining with the mercuric oxide. The last 
traces of acid may be removed by boiling the product with dilute 
sodium hydroxide and washing free from alkali. 

Pharmaceutical Preparations and Uses.— 1. Yellow Mercuric Oxide 
(Hydrargyri Oxidum Flavum, Yellow Precipitate), U. S. P. XIII.— 
“Yellow Mercuric Oxide, when dried at 110° to constant weight, 
contains not less than 99.5 per cent of HgO.'’ Because of its mild 
antiseptic effect, yellow oxide of mercury is used (mostly as an 
ointment) in ophthalmology for treating a number of inflammatory 
eye conditions. 

2. Yellow Mercuric Oxide Ointment (Unguentum Hydrargyri 
Oxidi Flavi), U. S. P. XIII.— This ointment “contains not less than 
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0.9 per cent and not more than 1.1 per cent of HgO.’’ It is made 
by incorporating 1 per cent of yellow mercuric oxide in a base 
composed of liquid petrolatum (1 per cent) and the remainder 
white ointment. It is obvious that the oxide must be in a fine 
state of subdivision since its principal use is for the eye. Because 
it is intended for ophthalmic use it is usually marketed in 1 or 
2 dram ointment tubes having a smooth rounded tip to minimize 
traumatic danger. 

11. Mercury Oleaic (Olcatum Ilydrargyri), U. S. F. XIII. -This 
oleate “contains the equivalent of not less than 24 per cent and not 
more than 2() per cent of HgO.” This preparation is made by dis- 
solving 25 Gm. of yellow mercuric oxide in sufficient oleic acid to 
make 100 Gm. of finished preparation. It is used to prepare 
Strong Mercurial Ointment and Mercury Mass. 

4. Red Mercuric ()xij£ (Hydrargyri Oxidum llubrum, Red Pre- 
cipitate), N. F. VIII. —Red Mercuric Oxide, when dried at 
120° for three hours, contains not less than 99.5 per cent of 
IlgO. Because of its grittiness it cannot be used in the eye. 
However, its mild antiseptic action recommends it in the form of 
an ointment for treating skin diseases. 

5. R^d Mercuric Oxide OinMent (Unguentum Hydrargyri Oxidi 
Rubri), N. F. YIII.— This ointment “contains not less than 9.5 per 
cent and not more than 10.5 per cent of HgO.’' It is prepared by 
incorporating 10 per cent of red mercuric oxide (in very fine powder) 
into a base composed of liquid petrolatum (5 per cent), yellow wax 
(5 per cent), wool fat (30 per cent) and petrolatum (50 per cent). 

Note,— It is recommended by both the N. F. and U. S. P. that the 
respective ointments of mercuric oxide should not be allowed to 
come in contact with metallic utensils or containers other than 
those made of tin. 

MERCURIC SALICYLATE 

Mercuric Salicylate, N. F. VIII 

Formula, HgC 7 H 40 ,{; I 

Molecular Weight, 336.71 

Physical Properties.— Mercuric Salicylate occurs as a white, or 
slightly yellow or slightly pink, odorless powder. It is affected by 
light. Mercuric Salicylate is practically insoluble in water and in 
alcohol. It is dissolved by solutions of the fixed alkali hydroxides, 
by solutions of the alkali carbonates, and by solutions of alkali 
halides. 

Chemical Properties.— Although this salt is practically insoluble 
in water it can be solubilized by alkali hydroxides, alkali carbonates 
and alkali halides. The reaction expressing the solubility in alkali 
hydroxides (1) and carbonates is best represented by the following: 
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The salicylic acid is insoluble in a cool solution, but the neutralized 
(with ammonia) solution containing mercuric; chloride gives the 
reactions of the mercuric ion. 

Ofl&cial Tests for Identity.— 1. One (jin. of the salt is heated with 
25 cc. of hydrochloric acid (3) and the solution cooled. Salicylic 
acid separates out. The mixture is filtered, nearly neutralized 
with ammonia T.S. and copper foil immersed in it. A coating of 
metallic mercury forms on the foil. (See Tests for Mercuric Salts, 
p. 394.) 

2. When 0.5 Gm. of Mercuric Salicylate is mixed with 10 cc. of 
distilled water, and a few drops of ferric chloride T.S. added, the 
mixture acquires a reddish -purple color due probably to the forma- 
tion of ferric salicylate. 

Commercial Manufacture.— Precipitated mercuric oxide is pre- 
pared by adding a solution of mercuric chloride to a solution of 
sodium hydroxide (4). The w^ashed mercuric oxide is suspended 

(4) HgCb + 2NaOH HgO i + 2NaCl + IW 

in water, salicylic acid and a little acetic acid added and the mixture 
heated until it becomes white. The reactions that take place are 
probably the conversion of mercuric oxide to mercuric acetate (5). 

(5) HgO + 2CH3COOH (CH3COO)2lIg + H2O 

This then reacts as a mercurating agent upon the salicylic acid to 
form an intermediate which, upon alkalinization, followed by 
acidification and heating, yields the desired compound (6, 7). 
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Pharmaceutical Preparations and Uses.' 1. Mercuric Salicylate 
(Hydrar^yri Sali(‘ylas), JvF. F. V III. — “Mercuric Salicylate contains 
not less than 54 per cent and not more than 59.5 per cent of Hg.” 
This compound is very slightly ionized and, therefore, does not have 
the corrosive action of the more highly ionized comj)ounds. It is 
one of the most popular of the mercury salts when suspended in oil 
for intramuscular injection in the treatment of syphilis. Injections 
are given once a week and are said to be quite painful. Average 
dose— Intramuscular, in oil, 0.1 (jin. (approximately H grains). 

2. Mercuric Salicylate AmpuU (Ampulhe Hydrargyri Salicylatis, 
Menmric Salicylate Injection), N. F. VIIL— These ampuls “con- 
tain a sterile suspension of mercuric salicylate in a suitable fixed 
oil, and yield an amount of Ilg equivalent to not less than 52.5 per 
cent and not more than 61 per cent of the labeled amount of IlgC?- 
Il 4 Cb.’’ Average dose— Intramuscular, 0.1 (Im. (approximately 
I 2 grains) of Mercuric Salicylate. 


MERCURIC SUCCINIMIDE 

Mercuric Succmiviide, N. F. A 111 

H2C-CO oc CH, 

1 \ / I 

I'orinula, (^IIsN^OJIg; I ir^ N j 

IhC CO oc cil. 

INlolecular Weight, 396.77 

Physical Properties. — Mercuric Succinimide occurs as small, white 
crystals, or as a white powder. It is odorless and is stable in air, 
but darkens on exposure to light. One Gm. of Mercuric Succini- 
midc dissolves in 20 cc. of water at 25° C., and in about 5 cc. of 
boiling water. It is slightly soluble in alcohol and is insoluble in 
ether. 

Official Tests for Identity . — 1 . The addition of sodium hydroxide 
T.S. to an aqueous solution of Mercuric Succinimide (1 in 25) pro- 
duces a yellowish-wdiite precipitate which is reduced to metallic 
mercury when the mixture is heated. 

2. Add potassium iodide T.S., drop by drop, to a solution of 
Mercuric Succinimide (1 in 25). A yellow precipitate is produced 
which dissolves on the addition of an excess of the reagent. 

3. Heated with about five times its w^eight of zinc dust. Mercuric 
Succinimide evolves pyrrol, which imparts a red color to a pine shav- 
ing moistened with hydrochloric acid and held in the vapor. 

4. Disperse about 0.5 Gm, of finely powdered Mercuric Succini- 
mide in 50 cc. of cold ether in a flask, and pass hydrogen sulfide 
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through the mixture until it has a distinct odor of hydrogen sul- 
fide. A black precipitate of mercuric sulfide is produced, kilter 
the mixture, evaporate the clear filtrate to dryness, and dry for 
one hour at 100° C.; the residue of succinimide melts between 123 
and 125" C. 

Commercial Manufacture.— First, succinic anhydride is prepared 
by heating succinic acid with phosphorus oxychloride (or some 
other dehydrating agent) for some time and then distilling 
the anhydride (1). By heating the anhydride in a current of dry 
ammonia, the succinimide is produced (2). When freshly precipi- 
tated mercuric oxide and an aqueous solution of succinimide are 
heated together, mercuric succinimide is formed (3). The solution 
is filtered and evaporated to crystallization. 
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Pharmaceutical Preparations and Uses. — 1. Mercuric Succinimide 
(Hydrargyri Succinimidum), N. F. VIII.— Mercuric Succinimide, 
when dried over sulfuric acid for eighteen hours, contains not less 
than 49.5 per cent and not more than 51 per cent of Hg, correspond- 
ing to not less than 98 per cent of C 8 H 8 N 204 Hg. This salt is used 
in the treatment of syphilis. It is of particular value when it is 
desired to rapidly mercurialize a patient. Its value as an intra- 
muscular injection for maintenance of the mercury effect is hindered 
by the fact that it is water-soluble and injections must be made 
daily or every other day for satisfactory results. It may also be 
given orally in doses of from 10 to 15 mg., although it is usually 
administered intramuscularly in approximately the same dose. 
Average dose— Intramuscular, 15 mg. (approximately i grain). 
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2. Mercuric Succinimide Ampuls (Ampullse Hydrargyri Succini- 
midi, Mercuric Succinimide Injection), N. F. VIIL— These ampuls 
‘‘contain a sterile solution of mercuric succinimide in water for 
injection, and yield an amount of Hg, equal to not less than 48 per 
cent and not more than 52 per cent of the labeled amount of CsHs- 
N204Hg.” These ampuls are used for intramuscular injections of 
mercuric succinimide. Average dose— 15 mg. of Mercuric Succini- 
mide. 

I MERCUROUS CHLORIDE 

Mild Mercurous Chloride, U. S. P. XIII 
Formula, IlgCl. Molecular Weight, 236.07 

Physical Properties.- Mercurous Chloride is a heavy, white, im- 
palpable powder that is insoluble in water, in alcohol, in ether, and 
in cold dilute acids. The salt is odorless and tasteless. It is per- 
manent in air, but turns slightly gray when exposed to light, 
due to decomposition into mercury and mercuric chloride. When 
triturated with strong pressure, it becomes yellowish-white. It is 
insoluble in water, in alcohol, in ether, and in cold dilute acids. 

Chemical Properties.— When heated to about 383° C., mercurous 
chloride is converted into a vapor having a density that corresponds 
to the formula, HgCl. However, at this temperature, mercurous 
chloride is decomposed into mercuric chloride and mercury, which 
recombine in the cold and, therefore, the constitutional formula of 
calomel is thought to be HgoClj. 

Since mercurous chloride is insoluble in water it does not undergo 
very many chemical reactions. It does, however, rea(‘t with lime 
water (see p. 330) (1), solutions of alkali hydroxides and ammonia 
water (2) to give a black precipitate. 

(1) IIg2Clo + Ca(OII)2 IIg2(OH)2 j + CaCb 
Ilg.(OII),, IIg,>0 + ILO 

(2) HgoCb + 2NH4OH HgNH2Cl i + Hg i + NH4CI + 

211.20 

When a mixture of equal parts by weight of mercurous chloride 
and reagent anhydrous sodium carbonate (chloride-free) is heated 
ill a dry test-tube, metallic mercury sublimes and forms a gray 
mirror on the inner surface of the cold parts of the tube (3). 

(3) 2IIg.2(:i2 + 2Na.>CXX 4Na<:i + 2Hg..CO. 

2Hg2COa 2Hg20 + 2(^02 1 

2Hg.20 -> 4IIg T +0.4 

This decomposition is true of all compounds of mercury when 
heated with sodium carbonate. 

By heating under the proper conditions mercurous chloride is 
decomposed to metallic mercury and poisonous mercuric chloride (4) , 

(4) Hg^Cb HgCb + Hg 
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Light has a similar action to heat, decomposing the salt to mer- 
curic chloride and mercury. 

Mercurous chloride, in the solid form, is capable of absorbing 
ammonia gas to form a diammoniate (5). 

(5) HgoCb + 2NH, Hg2Cl2.2NIL 

Official Tests for Identity.— 1. Mild mercurous chloride is black- 
ened by contact with calcium hydroxide T.S. (1), with solutions of 
alkali hydroxides, or with ammonia T.S. (2). 

2. It decomposes to yield free mercury when heated in a test- 
tube, with an equal weight of anhydrous sodium carbonate (3). 
The mercury condenses on the wall of the tube. When the residue 
in the tube is treated with nitric acid, filtered, and silver nitrate 
added to the filtrate a white, curdy precipitate of silver chloride is 
formed showing the presence of the chloride ion. 

Commercial Manufacture. — 1. Mercurous chloride is usually pre- 
pared by heating a mixture of mercurous sulfate and sodium chloride 
and condensing the vapors of mercurous chloride that result. A 
mixture of sulfuric acid and mercury arc heated together until a 
dry salt is obtained (6). A quantity of mercury sufficient to con- 
vert the mercuric sulfate into mercurous sulfate is then extinguished 
in the dried salt (7) and the product intimately mixed with the 
necessary amount of sodium chloride. The mixture is then sub- 
limed and the vapors condensed in such a manner as to produce 
a fine, amorphous product (8). This is done by mixing the vapors 
of mercurous chloride with steam or cold air just as they enter the 
condensing chamber. 

The impure product thus obtained is thoroughly agitated and 
washed with water to remove any mercuric chloride. It is then 
washed repeatedly with dilute nitric acid to dissolve any unchanged 
mercury and, after removing all traces of nitric acid, the salt is 
finally resublimed. 

(6) Ilg + 2II2SO4 HgS04 + S()2 T 1 + 2H2O t 

(7) HgS04 + Ilg IIg2S04 

(8) Hg2S04 + 2NaCl Na2S04 + Hg2Cl2 T 

2. Mercurous chloride may also be made by adding a solution 
containing the chloride ion to any soluble mercurous salt (9). 
This method is used in making the Pr&ipite lilanc (white precipi- 
tate) of the French Codex. (See Arnmoniated Mercury, p. 400.) 
The product is more active than that made by sublimation and 
hence is usually given in doses about one-third of the pharma- 
copoeia! product. The greater activity is probably due to smaller 
particle size, which causes a greater surface to be exposed for a 
given weight of compound. 

(9) Hg2(N03)2 + 2NaCl -> Hg2Cl2 i + 2NaN03 
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3. A technical grade of mercurous chloride is made by subliming 
an intimate mixture of mercuric chloride and the equivalent amount 
of mercury, or by passing sulfur dioxide into a solution of mercuric 
chloride. 

Pharmaceutical Preparations and Uses.— 1. Mild Mercurous Ohio- 
ride (Hydrargyri Chloridum Mite, Mercurous Chloride, Calomel, 
Subchloride of Mercury), U. S. P. XIII.— Mild Mercurous Chlo- 
ride, when dried over sulfuric acid for five hours, contains not less 
than 99.6 per cent of HgCl. The principal use of calomel is as 
a cathartic. It is insoluble in the gastric juice atid is not absorbed 
froin the stomach or rectum. It is a’ttacked in the intestines by the 
alkaline pancreatic and intestinal juices and is slowly dissociated 
into mercury and yellow mercuric oxide; the latter dissolving slowly 
and incompletely in the intestihaTTluid. The cathartic action is 
generally attributed to the irritant aetion of very small quantities 
of mercuric ion. For maximum cathartic effect from a given dose, 
it is desirable to give the dose in several portions spaced at twenty 
to thirty minute intervals. This spreads the irritant effect over a 
longer portion of the intestine than would otherwise be affected 
by the same dose given at one time. Because of the possibility of 
mercury poisoning, it is always advisable to follow the administra- 
tion of calomel by a saline cathartic within six hours. Calomel 
enjoyed a widespread popularity at one time because it was thought 
to stimulate the flow of bile. This belief was based upon the fact 
that the stools were colored green and that this color was due to 
excessive bile secretion. The green coloration, however, has been 
shown to be due to the antiseptic effect of the mercury which 
prevents the normal conversion of biliverdin (green) to bilirubin 
by intestinal bacteria. There are very few instances in which the 
use of calomel is indicated as a cathartic. The very fact that a 
saline cathartic is required to remove it from the intestine, compli- 
cates its use. 

Much more rational and based on a firmer scientific basis is the 
use of calomel in an ointment as a prophylactic against syphilis 
(see p. 395). For maximum antiseptic effect it is desirable to have 
the calomel in as fine a state of subdivision as possible. Average 
dose- 0.12 Gm. (approximately 2 grains). 

2. Black Lotion (Lotio Nigra, Black Wash, Aqua Phagedeenica 
Nigra), N. F. VIII.— Mild mercurous chloride (9 Gm.) and acacia 
(1 Gm.) are triturated in a mortar. Water (100 cc.) is gradually 
added and the mixture is slowly added with constant stirring to 
enough calcium hydroxide solution to make 1000 cc. (See also 
p. 330.) The mixture should be freshly prepared because it has a 
tendency to form larger particles on standing. It is used as an 
antiseptic wash. 

3. Mild Mercurous Chloride and Sodium Bicarbonate Tablets 
(Tabellfie Hydrargyri Chloridi Mitis et Sodii Bicarbonatis, Calomel 
and Soda Tablets), N. F. VIII. —These tablets “contain not less 
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than 92.5 per cent and not more than 107.5 per cent of the labeled 
amount of HgCl for tablets containing more than 15 mg., and not 
less than 90 per cent and not more than 110 per cent for tablets 
containing 15 mg. or less of HgCl.’’ These tablets are used for 
the characteristic cathartic action of calomel. The use of sodium 
bicarbonate in these tablets has not been well-explained. Pos- 
sibly it may be rationalized by the fact that it produces a “spot^’ 
alkalinity which would tend toward a more rapid mercuric oxide- 
protein combination with resultant increased peristalsis. There is 
also the possibility that the sodium chloride formed by the action 
of the hydrochloric acid of the stomach upon the bicarbonate tends 
toward the formation of some soluble bichloride^ with resulting 
increased irritation. 

4. Mild Mercurous Chloride Ointment (Ihigiientum Hydrargyri 
Chloridi Mitis, Calomel Ointment), N. F. MIL— This ointment 
^‘contains not less than 28.5 per cent and not more than 81.5 per 
cent of HgCl.” It is prepared by incorporating 30 per cent of Mild 
Mercurous Chloride in an ointment base composed of equal parts 
of hydrous wool fat and white petrolatum. It is used for the anti- 
septic effect of calomel. 

5. Compound Mild Mermro^^s Chloride Pills (Piluke Hydrargyri 
Chloridi Mitis Composito, Compound Cathartic Pills), N. F. 
VIII.— Compound colocynth extract, jalap resin, and gamboge 
are intimately mixed with calomel and massed with diluted alcohol. 
The mass is divided and rolled into pills. One pill contains 60 mg. 
of calomel and varying quantities of the other cathartic ingredients. 
The pills are commonly known as ^ ‘C.C.^^ pills. Average dose— 
2 pills. 

6. Mild Mercurous Chloride Tablets (Tabelloe Hydrargyri Chloridi 
Mitis, Calomel Tablets), N. F. VIII.— These tablets ‘'contain not 
less than 92.5 per cent and not more than 107.5 per cent of the 
labeled amount of HgCl.’' They are used as a convenient form 
for administering calomel and are usually supplied in 6, 15, 30 and 
60 mg. sizes. Average dose— 00 mg. (approximately 1 grain) of 
Mild Mercurous Chloride, in tablets usually containing a fraction 
of the average dose. 

7. Santonin and, Mild Mercurous Chloride Tablets (Tabellie Santo- 
nini et Hydrargyri (’hloridi Mitis, Santonin and Calomel Tablets), 
N. F. VUL— These tablets “contain not less than 92.5 per cent 
and not more than 107.5 per cent of the labeled amount of CisIIisOa 
and of HgCl.” These tablets are used for the anthelmintic action 
of santonin combined with the cathartic action of calomel to 
remove the dead and stunned intestinal worms. The tablets are 
usually marketed in sizes containing the following amounts of 
santonin and mild mercurous chloride: of each, 15, 30 and 60 mg. 
Average dose— 60 mg. (approximately 1 grain) of Santonin; 0.12 
Gm. (approximately 2 grains) of Mild Mercurous Chloride. 


Principles of Pharmacy — Arny (1911). 
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MERCUROUS lODroE 

Yellow Mercurous Iodide, N. F. VIII 
Formula, Hgl. Molecular Weight, 327.53 

Physical Properties. — This salt occurs as a bright yellow, odorless 
and tasteless, amorphous powder. It decomposes upon exposure 
to light. It has a specific gravity of 7.70 at 20° C. 

It is practically insoluble in water, and is insoluble in alcohol and 
in ether. 

Chemical Properties. — It is decomposed by light into mercury and 
mercuric iodide (1) with the development of a greenish color which 
deepens as the amount of metallic mercury produced by the decom- 
position increases. Mercury in a finely divided state is blue in color, 
hence as the per cent of blue increases in the blue-yellow admixture 
the resultant green (*olor becomes darker. 

The salt is nearly insoluble in water. It is completely insoluble 
in alcohol or ether. 

When carefully heated, the salt gradually acquires a red color 
but becomes yellow on cooling. When exposed to high temperatures 
(290° (’. plus) it decomposes into mercury and mercuric iodide (1) 
which are finally volatilized. 

(1) IlgsLi -> IIgl2 + Hg 

The reason for the use of the formula (Hg 2 '^'^) showing the 
bivalent mercurous form is the same as for mercurous chloride 
(see p. 413). 

Mercurous iodide is decomposed by heating with sodium carbo- 
nate in exactly the same manner as mercurous chloride (see p. 413). 

Heating the salt with sulfuric acid and a little manganese dioxide 
results in the formation of iodine (2). 

(2) HgoH + 2Mn02 + 4 IFSO 4 2HgS04 + 2MnS04 + I 2 T + 

411^0 

Potassium iodide dissolves mercurous iodide and leaves a deposit 
of metallic mercury (3). 

(3) IIg2l2 + 2KI K^HgL + Hg i 

Official Tests for Identity . — 1 . Yellow Mercurous Iodide is black- 
ened by ammonia T.S. or by sodium hydroxide T.S. in the same 
manner as mercurous chloride. 

2. When the salt is heated with sulfuric acid and a little man- 
ganese dioxide, it evolves iodine vapors (2). 

3. The addition of 0.5 Gm. of the salt to 10 cc. of potassium iodide 
T.S. results in the solution of the mercurous iodide together with 
the deposition of metallic mercury (3). 

Commercial Manufacture.— The preparation of mercurous iodide 
is based upon a reaction between mercurous nitrate and potassium 
iodide. First, mercurous nitrate is made by treating a slight 
27 
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excess of mercury with diluted nitric acid in a dark place (4). The 
crystals (Hg2(N03)2. 24120) are drained and then dried on absorbent 
paper in the darL A weighed quantity of this salt is then dis- 
solved in distilled water acidulated with nitric acid and a solution 
of the calculated amount of potassium iodide is added slowly and 
with constant stirring (5). The yellow precipitate is washed repeat- 
edly until the washings do not give a test for nitrate ion and then 
dried at a temperature not exceeding 40° C. on bibulous paper, in 
the dark. 

(4) 6Hg + 8IINO3 + 2H2O ^ 3Hg2(N03)2.2Il20 + 2NO t 

(5) Hg2(N03)2.2H20 + 2KI Hg2l2 j + 2KNO3 + 2H2O 

In the process described above, it is important that the solution of 
potassium iodide be added to the soluti a of mercurous nitrate. 
This order of mixing prevents the possible formation of some metal- 
lic mercury and mercuric iodide by the action of excess alkali iodide 
upon the freshly precipitated mercurous iodide. The mercuric 
iodide so formed reacts with the excess potassium iodide (6) to form 
potassium mercuric iodide, which is washed out of the precipitate 
of yellow iodide and lost, thus occasioning a low yield of the latter. 

(6) Hgl2 + 2KI K2lIgT4 

Yellow iodide of mercury is easily decomposed by light, hence the 
drying processes are conducted in the dark. Because mercurous 
nitrate is hydrolyzed so readily by water (see p. 392) to form an 
insoluble basic nitrate, nitric acid is added to prevent hydrolysis 
and thus effect a clear solution. 

Laboratory Preparation.— Mix 4 cc. each of nitric acid and distilled 
water and, when the liquid is cool, pour it upon 10 Gm. of mercury 
contained in a small flask. Set the mixture aside in a cool, dark 
place (do not stopper the flask) and agitate it occasionally until the 
reaction ceases and a little mercury remains undissolved. Separate 
the crystals of mercurous nitrate which will have formed and allow 
them to drain in a funnel. Then dry them on bibulous paper in a 
dark place. 

When the salt is dry, weigh 8 Gm. of it and dissolve in 130 cc. 
of distilled water to which 1.2 cc. of nitric acid has been added. 
Having previously prepared a solution of 3.2 Gm. of potassium 
iodide in 6.3 cc. of water, slowly pour the same into the solution of 
mercurous nitrate, constantly stirring the latter. Stir for fifteen 
minutes, allow the precipitate to subside, decant the supernatant 
liquid and wash the precipitate by decantation with 10 successive 
portions of 100 cc. of distilled water. Finally, transfer the precipi- 
tate to a filter and dry it in a dark place at a temperature not 
exceeding 40° C. between sheets of bibulous paper. 

For explanation of process, see Commercial Manufacture (p. 417). 

Pharmaceutical Preparations and Uses. — 1. Yellow Mercurous 
Iodide (Hydrargyri lodidum Flavum, Mercurous Iodide), N. F. 
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VIIL — Yellow Mercurous Iodide, when dried over sulfuric acid 
for four hours, contains not less than 99 per cent of Hgl. This is 
possibly the best mercury salt for oral administration in the treat- 
ment of syphilis. However, it is used only to a very limited extent. 
It was introduced into medical pratice in the early nineteenth 
century by Ricord and used extensively at a later date by his 
celebrated pupil, Fournier. Average dose— lOmg. (approximately 
I grain). 

2. Yellow Mercurous Iodide Tablets (Tabellae Ilydrargyri lodidi 
Flavi, Mercurous Iodide Tablets), N. F. VIIL— These tablets 
“contain not less than 91 per cent and not more than 109 per cent 
of the labeled amount of Ilgl.’' They are usually marketed in 8, 
10, 15 and 30 mg. sizes. They are a convenient form for adminis- 
tering mercurous iodide orally. Average dose— 10 mg. (approxi- 
mately -J grain) of Yellow Mercurous Iodide. 

Non-officiai. Mercury Compounds 

Mercuric Benzoate (Ilydrargyri Benzoas, Hydrargyrum Benzoi- 
ciim), N. N. R. (1947).— Formula Hg(C6H5COO)2, ]\Iolecular 
Weight, 442.83. This salt of benzoic acid is a white, crystalline 
powder. It dissolves slightly in water to give a weakly acidic 
solution. It is more soluble in aqueous sodium chloride solution. 
It is insoluble in alcohol and in ether. 

At 20° C. a 10 per cent solution of sodium benzoate will dissolve 
1 per cent of its weight of mercuric benzoate. Alcohol decom- 
poses mercuric benzoate to form a yellow basic salt. 

Mercuric benzoate when dissolved with the aid of sodium chlo- 
ride gives a black precipitate of mercuric sulfide when treated with 
hydrogen sulfide. A solution of mercuric benzoate effected in the 
manner described gives a precipitate of ferric* benzoate with ferric 
chloride T.S. (1). 

(1) 3Hg((^Jl5COO)2 + 2FeCl3-^3HgCl2 + 2{C,U,COO),Ve i 

This salt is used for intramuscular injections in syphilis and 
locally in the treatment of gonorrhea. It has been largely replaced, 
however, by the organic mercurials. 

Mercuric Nitrate.— Formula (anhydrous) Hg(N03):i, ^Molecular 
Weight, 324.63. This salt occurs in the form of colorless crystals 
or as a white deliquescent powder. It is poisonous. It is soluble 
in water acidulated with nitric acid but is insoluble in alcohol. 
Its solutions are readily changed by hydrolysis into basic salts 
such as Hg(N03)2.0.5Il20. Solutions of it are acid to litmus 
paper. 

Ileing a readily ionizable compound, its solutions give reactions 
for the mercuric ion (r/. r.) and the nitrate ion {q. v,). 

It is })repared by treating mercury with an excess of boiling nitric 
acid. When reaction has ceased, the solution is allowed to cool, 
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whereupon crystals of the octahydrate (Hg(N 03 ) 2 . 8 H 20 ) settle out 
( 1 ), The product is purified by recrystallization. 

(1) 3Hg + 8HNO3 3Hg(N03)2 + 2NO T + 4II2O 

This salt is highly irritating because its solutions contain the 
free mercuric ion to such a large extent. Its uses are the same as 
those of mercuric chloride. It is present in Mercuric Nitrate 
Ointinenty N. F. VIII. (See p. 397.) 

Mercuric Oxycyanide (Ilydrargyri Oxycyaniduni, Hydrargyrum 
Oxycyanatum, Mercury Oxycyanide), N. N. IT (1947). —Formula 
IIg(CN) 2 HgO, Molecular Weight, 409.26. This basic mercuric salt 
of hydrocyanic acid occurs as a white or nearly white, microcrystal- 
line powder, soluble in about 80 parts of water, yielding a solution 
alkaline to litmus. 

A saturated solution of the salt yields ( 1 ) a white precipitate 
with ammonium chloride, the precipitate being soluble in an excess 
of the reagent; ( 2 ) hydrogen sulfide gives a black precipitate of mer- 
curic sulfide; and (3) potassium iodide solution precipitates red 
mercuric iodide, soluble in an excess of the reagent. 

This salt is claimed to be less irritating than mercuric chloride 
and to have superior antiseptic power. In addition it is said not 
to corrode steel instruments. 

It can be administered in the same doses as mercuric chloride 
and for topical application it can be used in 1 to 5000 solutions or 
even stronger. 

Mercuric Sulfate.- Formula HgS() 4 , Molecular Weight, 29().{>7. 
Mercuric sulfate (IIgS 04 ) exists as a heavy, white, crystalliiu^ 
(rhombic) anhydrous salt and as colorless, shining prisms or scales 
of the monohydrate (IIgS 04 . H 2 O). At red heat, it is decomposed 
into mercury, oxygen, sulfur dioxide, and some mercurous sulfate. 
Finally, it is completely volatilized. Both the anhydrous and crys- 
talline forms are readily hydrolyzed by water, yielding a yellow 
basic salt (IIgS 04 . 2 Hg 0 ) called turpeth or tiirpeth mineral. 

Mercuric sulfate can be made by heating in a flask on a sand- 
bath, 18 parts of mercury, 10 parts of concentrated sulfuric acid, 
3 parts of water and 4 parts of 25 per cent nitric acid, until the 
evolution of nitrogen tetroxide ceases. Then the liquid is poured 
into an evaporating dish and evaporated to dryness. 

Mercuric sulfate is used in the preparation of mercuric chloride, 
calomel and turpeth mineral {q. u.), for filling galvanic batteries, as 
a catalyst, and as a reagent. This salt was never used in medicine. 
Turpeth mineral (HgS 04 . 2 Hg 0 ), however, was formerly official 
(U. S. P. 1890) as Ilydrargyri Subsulphas flams and was used in 
small doses as an alterative and in large doses as an emetic. Poison- 
ous doses produced the same effects as corrosive sublimate. 

Mercuric Sulfide. -Formula HgS, Molecular Weight, 232.07. 
Mercuric sulfide (HgS), crystalline, is found in Nature as the red 
mineral cinnabar. It is formed as a black amorphous precipitate 
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when hydrogen sulfide is passed into a solution of a mercuric salt. 
The precipitate first formed is white (Hg 3 Cl 2 S 2 ) but rapidly changes 
to yellow, then brown and finally black. These intermediate com- 
pounds are thought to be unstable thiochloride forms of mercuric 
mercury. If the black sulfide is digested at about 45° C. with an 
alkali sulfide, there is formed a product which easily hydrolyzes to 
mercuric sulfide (Vermilion, Artificial Cinnabar, Chinese Red, etc.), 
sodium hydroxide and sodium hydrosulfide (1 and 2). 

(1) HgS + Na2S ^ Na2HgS2 

(2) Na 2 HgS 2 + H 2 O NaOH + NaHS + HgS 

Ventiilion is manufactured on a large scale by subliming a mix- 
ture of mercury and sulfur. The sublimate is levigated and then 
forms a bright scarlet red, odorless and tasteless powder. It is 
insoluble in water, alcohol, ether, and dilute acids. It dissolves 
slowly in hot concentrated hydrochloric acid. Hot concentrated 
nitric acid changes it into a white compound having a formula, 
Hg 3 S 2 (N 03 ) 2 . It is readily acted upon by even cold nitrohydro- 
chloric acid (3) with the separation of sulfur. 

(3) 3HgS + 2 HNO 3 + 6HC1 3HgCl2 + 2NO T + 3S j + 

4H2O 


In the form of lotions and ointments, mercuric sulfide has attained 
some measure of popularity as an antiseptic for treating various 
skin diseases. A colloidal mercury sulfide solution (N. N. R., 
1947) consisting of 2 per cent of mercuric sulfide in water, stabilized 
with a hydrolyzed protein substance and preserved with 0.2 per 
cent of tricresol has been advocated for intramuscular use in the 
treatment of syphilis. 

Mercurous Nitrate. —Formula (anhydrous) Hg 2 (N 03 ) 2 , (crystals) 
Hgo(N 03 ) 2 . 2 HoO, Molecular Weight, 561.26. Mercurous Nitrate is a 
colorless, white or slightly yellowish salt having a metallic taste. 
It forms monoclinic crystals of the dihydrate, which effloresce on 
exposure to air. It dissolves in 2 parts of warm water and gives an 
acid solution. The salt is hydrolyzed by water to form an insoluble 
basic nitrate (1), hence the use of nitric acid to effect a clear solution. 

(1) Hg 2 (N 03)2 + HOH ^ Hg 2 ( 0 H)N 03 i + HNO 3 

Mercurous nitrate is easily oxidized even by the atmosphere to 
mercuric nitrate, hence a little free mercury is kept in a solution in 
order to reduce to mercurous nitrate any mercuric nitrate that may 
be formed. 

Solutions of mercurous nitrate possess all reactions for mercurous 
ion (see p. 392) and for nitrate ion (see p. 120). 

To prepare it, an excess (ff mercury is covered with nitric acid 
(25 per cent) and allowed to stand in a cool place for several days 
(2). When crystals begin to form, the solution is warmed and sepa- 
rated from the excess of mercury by filtration through an asbestos 
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pad on a Gooch crucible. A fairly pure salt crystallizes from the 
filtrate. 

(2) 6Hg + 8HNO3 + 2H2O 3Hg2(N03)2.2H20 + 2NO T 

Mercurous nitrate is used in the manufacture of yellow mercurous 
iodide {q. v.). Mercurous nitrate is employed to some extent as a 
laboratory reagent. For microscopic analysis, an aqueous solution 
of the salt, known as Millon’s reagent, is prepared by dissolving 
3 cc. of mercury in 27 cc. of fuming nitric acid without heat. 1 his 
is diluted with an equal volume of water. It gives a pink color 
or brick red precipitate with protein substances, e. g., albumin, 
urea, etc., and hence is u.sed in their detection. 



BORON, ALUMINUM AND THE METALS OF 

GROUP III 

Introduction.— In the next five chapters, boron, aluminum, and 
the metals of the Earths will be considered. Of the elements that 
form Group III in Mendeleeff’s Periodic Table, boron and aluminum 
are of the greatest interest and importance to the pharmacist. 
Besides the two elements just mentioned, the group contains two 
subgroups of metallic elements which are neither well known nor 
abundant. The elements of Division A are gallium (Ga, atomic 
weight, 69.72), indium (In, atomic weight, 114.76) and thallium (Tl, 
atomic weight, 204.89). Division B contains the elements scandium 
(Sc, atomic weight, 45.1), yttrium (Y, atomic weight, 88.92), lanth- 
anum (La, atomic weight, 138.92) and a large number of elements 
having atomic numbers from 59 to 71, inclusive, known as the 
rare-earth elements. 

The general properties of the members of this group are as follows: 
As a rule, they are trivalent and form oxides of the general formula 
IloO^ and chlorides of the general formula RCl^. The elements of 
Division A resemble aluminum by forming alums that have a general 
formula U2SO4.T2 (804)3. 24H2O in which U is a univalent metal, 
e. g.y potassium, and T is a trivalent metal, e. g,y aluminum.^ Boron, 
scandium, yttrium, lanthanum, and the rare-earth elements do not 
form alums. The salts of the elements of both Divisions A and B 
possess the property of forming molecular compounds with organic 
substances. 

Boron is a non-metal which exhibits a chemical behavior analogous 
to silicon. Its compounds also resemble those of both silicon and 
carbon. Its normal valence is 3, although a possible valence of 5 
has been assigned to it. Boron trioxide is a feebly acidic oxide. 
However, it seems to react as a very weak base toward very strong 
acids. 

Aluminum hydroxide is amphoteric and possesses slightly more 
basic than acidic properties. The metallic hydroxides of the ele- 
ments in Division A are also amphoteric. The basic character, 
however, increases as the atomic weight increases. 


CHAPTER XXV 

BORON AND BORON COMPOUNDS 

BORON 

Symbol, B. Valence, 3. Atomic Weight, 10.82; Atomic Number 5 

History and Occurrence.— J. Gay-Lussac and L. Thenard isolated 
the impure element in 1808 by heating boron trioxide (q. v,) with 

' See also p. 442. 
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potassium carbonate in an iron retort. Sir Humphrey Diivy 
obtained it about the same time from boric acid. 

Boron does not occur free in Nature. In combinations containing 
oxygen, it is found as boric acid, borax, tincal, boracite, borocah 
cite, colemanite, etc. (See Boric Acid, Sodium Tetraborate, p. UHb) 

Physical Properties. — Pure boron is an amorphous, brown powcicr 
having a density of 2.45. It is stable in air. This non-mctallic 
element belongs to the aluminum family (Group HI). 

Chemical Properties. — With a few possible exceptions, boron is 
trivalent and its oxide and hydroxide are acidic. The chemical 
behavior of boron resembles that of silicon, and the chemical 
properties of its compouhds bear a close relationship to those of both 
silicon and carbon. The element sublimes in the electric ar(‘ and 
burns on very strong ignition, producing boron trioxide (BlO.O and 
boron nitride (BN). At ordinary temperatures, boron is a poor 
conductor of electricity but as the temperature rises its electrical 
conductivity rapidly increases. As previously stated, the chemical 
behavior of boron closely resembles that of silicon. ( \)n(‘ent rated 
nitric or sulfuric acids oxidize it to boric acid. It burns in oxygen 
at 700° C. Fluorine combines with it at ordinary temperatures. 
Chlorine, bromine and sulfur unite with it at 410° C., 700° C., 
and 600° C., respectively. It does not combine with iodine. When 
heated to redness with magnesium, it forms a boride. At higher 
temperatures, the borides of other metals are also formed. It 
unites with carbon at the temperature of the electric arc to form 
boron carbide. It does not react with the alkali metals, but forms 
alkali borates with fused fixed alkalies. It reduces many metallic 
oxides (PbO, CuO, etc.) and, at red heat, decomposes water, carbon 
dioxide, sulfur dioxide, and nitric oxide. 

Commercial Manufacture.- — In 1909, Weintraub ])repared the first 
absolutely pure boron bv reducing boron trichloride with h\xlrogen 
( 1 ). 

(1) 2BCb + ;3H,-> 6HC1 + 2B 

H. Moissan^ prepared the element by heating 3 parts of boron 
trioxide with 1 part of magnesium powder (2). The resulting dark 
brown powder was then washed with water, hydrochloric acid, 
hydrofluoric acid and finally calcined with boron trioxide or with 
borax, the mass being protected during the operation by a layer of 
powdered charcoal. 

( 2 ) B 2 O .3 + 3Mg -> 3Mg() + 2B 

Boron may be made by heating a mixture of potassium boro- 
fluoride (KBF 4 ) and metallic sodium in a magnesia-lined crucible, 
through which a stream of hydrogen is being passed. 

Boron trioxide may be readily reduced by heating with alumi- 
num (3). 

(3) B 2 O 3 + 2A1 2B -f AbOs 

1 Ann. C'hem. Phys., 6, 296 (1895). 
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Official Boron Compounds 

Boric Acid (H 3 B 03 ).“(See p. 100.) 

Sodium Tetraborate (Na 2 B 407 ).~(See p. 161.) 

Sodium Perborate (NaBOa).— (See p. 205.) 

Non-official Boron Compounds 

Boric Oxide (l^oron Trioxkle) (B 2 O 3 . — This oxide of boron is 
formed l)y burning amorphous boron in oxygen or by heating boric 
acid to redness ( 1 ). 

(1) 2II3BO3 IkA + MW 

It is a hard, glassy, white solid which only volatilizes at white heat. 
When boric oxide is heated with various salts, it will displace even 
the most active acids. When heated with many metallic oxides, 
it dissolves them and forms fusible, glass-like salts, a number of 
which are characteristically colored (2). 

( 2 ) B 2 O 3 + CuO — > Cu ( 1302)2 (green when hot, blue when cold) 

Boric oxide is used for making glass. 

When boric oxide is partially reduced, a so-called suboxide is 
formed. Because of its deoxidizing properties, it is used like the 
element to purify molten copper before casting. 

Halogen Compounds of Boron. —Boron Fluoride (BF3).— This 
colorless fuming gas may be made by the action of hydrofluoric 
acid on boron trioxide or by the direct union of fluorine with boron. 
It dissolves very readily in water to form orthoboric acid and fluo- 
boric acid (HBh\) (1). The latter is a very active monobasic acid 
which forms salts that are only sparingly soluble. Fluoboric acid 
is also formed bv the action of hvdrofluoric acid on boron fluoride 
( 2 ). 

(1) 4 BF 3 + 3 H 2 O B(0H)3 + 3 HBF 4 

( 2 ) BF 3 + HF HBF 4 

Boron Bromide (BBra).— Boron bromide is a colorless fuming liquid 
having a boiling-point of 90° C. It has a specific gravity of 2.69 
(15° C.) and is decomposed by both water and alcohol. It is 
made by a method analogous to that used for preparing the chloride 
(q. V.). 

Boron Chloride (BCI3).— This colorless fuming liquid may be ob- 
tained by heating boron in a current of chlorine or by passing chlo- 
rine over a red-hot mixture of carbon and boric oxide (1). 

(1) B 2 O 3 + 3 CI 2 + 3C -> 2 BCI 3 + 3CO T 

It boils at 12.5° C., has a specific gravity of 1.35 (15° C.), and is 
readily decomposed by water (2). 

(2) BCI 3 + 3 H 2 O -> H;B 03 + 3IIC1 
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Note.— B oron and iodine do not unite. 

Metabolic Acid (HBOj)-— (See p. 101.) 

Uses.— The element boron is never used in medicine or pharmacy. 
However, in combination as borax, boric acid, sodium perborate, 
etc., it is extensively employed. These compounds are considered 
in other chapters. By virtue of the element being a reducing iigent, 
it is used to deoxidize molten copper before it is cast. 



CHAPTER XXVI 


ALIIMINliM AND ALUMINUM COMPOUNDS 

ALUMINUM 

Symbol, Al. \alence, III. Atomic Weight, 26.97 
Atomic Number, 13 

History.— In 1754, Marggraf showed that alumina (aluminum 
oxide, AI 2 O 3 ) was not identical with lime. In 1825, Hans Christian 
Oersted obtained the metal by reducing aluminum chloride with 
sodium amalgam. In 1827, Wohler reduced the chloride with 
metallic potassium ( 1 ) and obtained the metal. 

( 1 ) AICI 3 + 3K Al + 3KC1 

Occurrence.— Aluminum per se is not found in Nature, although 
in combination, it constitutes about 7.3 per cent of the earth’s 
crust. In combination, it is found extensively as the oxides, silicates 
and hydrated oxides. As the oxide, it is native as corundum [AI 2 O 3 ] 
containing 52.9 per cent of aluminum and as emery [AI 2 O 3 , asso- 
ciated with black oxide of iron]. As the silicate, it is found in 
rocks, clays [/roo/m, Al 2 O 3 . 2 SiO 2 . 2 H 2 O, containing 20.9 per cent of 
aluminum] and shales. (See Talc.) As cryolite^ a double fluoride, 
NasAlFe, it occurs notably in Greenland. Bauxite [Al 20 ( 0 H) 4 ] is a 
hydrated oxide mixed with ferric oxide. It contains 39.1 per cent 
of aluminum. It is found in the United States, chiefly in Georgia, 
Alabama, Tennessee and Arkansas. It is found also in France (see 
Serpek Process for Nitrogen k'ixation) and in British Guiana. Two 
other hydrated oxides of aluminum, diaspore [AI 2 O 3 .H 2 O, contain- 
ing 45 per cent of aluminum] and gibbsite [AI 2 O 3 . 3 H 2 O, containing 
34.6 per cent of aluminum] are commonly present in bauxite ores. 
Aluminum is always present in the ashes from bird feathers (Gon- 
nermann, 1918). Spinel [Mg(A 102 ) 2 ] is a naturally occurring min- 
eral and seems to be a salt of metaluminic acid. It is representative 
of an entire group of minerals collectively called the spinels. Other 
trivalent metals may replace the aluminum, and other bivalent 
metals may take the place of magnesium to give isomorphous com- 
pounds. Some members of the spinels are gahnite [Zn(A 102 ) 2 ], 
chrysoberyl [Be{Al02)2]yfranklinite [Zn(Fe02)2], magnetite [Fe(Fe02)2], 
chromite [Fe(Cr02)2], etc. 

Physical Properties.— Aluminum is a silver-white metal, having a 
specific gravity of 2.7 at 20 ° C. It is ductile and malleable. When it 
is heated between 100 ° C. and 150° C., it can be worked into thin 
sheets, drawn into wire, punched, stamped, or spun into any desired 
form. It melts at 658.7 ° C. and boils at 1800 ° C. Weight for weight, 
it is as good a conductor of electricity as copper. Pure aluminum 
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cannot be worked on a lathe or polished, but when it is alloyed with 
about 2 per cent of magnesium, it is admirably adapted for such 
purposes. (See Magnalium.) 

Chemical Properties. — Aluminum is a very active element. 
Although tarnishing only slightly in air, aluminum has a great 
affinity for oxygen and displaces the metals below it in the electro- 
motive series from their heated oxides. Its stability in air may be 
explained by the fact that the superficial layer of oxide protects the 
metal from being further attacked by the oxygen of the atmosphere. 
Aluminum is not attacked by sulfuric a(4d, and only slowl}^ by 
nitric acid. Both dilute and concentrated hydrochloric acid rapidly 
act upon it (2). Being of an amphoteric character, aluminum 
readily dissolves in alkali hydroxides with the evolution of hydrogen 
and the formation of alkali metaluminates (3). 

(2) 2A1 + 6HC1 -> 2AICI3 + 3II2 T 

(3) 2A1 + 2NaOH + 2HoO 2NaA102 + 3H2 T 

The chemical properties of the aluminum ion are shown in the 
following reactions: 1. When ammonium hydroxide is added to a 
solution of an aluminum salt, a gelatinous, white precipitate of 
aluminum hydroxide is formed (4). The precipitate is insoluble 
in a moderate excess of the precipitant. When the precipitate is 
washed and dried at a temperature not exceeding 40° C., it has 
the approximate composition AI2O3 . 3H2(). 

(4) 2A1+++ + 6NH3 + 6H2O -> 2Al(On)3 i + 6NH4+ 

2. When an alkali hydroxide is added to a solution of an alumi- 
num salt, aluminum hydroxide is formed (see equation 4). The 
precipitated aluminum hydroxide is soluble in an excess of the 
alkali. Because of its amphoteric character, it is quite evident that 
dissolved aluminum hydroxide may dissociate in two ways (5 and 6) . 

(5) A1(0H)3 (dissolved) ^ A1+++ + 30H- 

and 


(6) A1(0H)3 (dissolved) ^ A102~ + H3O 

Therefore, salts are formed in the presence of acids (7), and in the 
presence of strong bases, metaluminates result (8). 

(7) A1+++ + 30H- + 3H3O+ + 3Ch AICI3 + 6H2O 

(8) AIO2- + H3O+ + K+ + on- KAIO2 + 2H2O 

3. When alkali carbonates or soluble sulfides are added to a 
solution of an aluminum salt, aluminum hydroxide (soluble in an 
excess of either precipitant) is precipitated (9 and 10). 

(9) 2A1+++ + 3C03= + 3HOH 2A1(0H)3 i + 3CO2 T 

(10) 2A1+++ -h 3S= + 6HOH 2A1(0H)3 i + 3H2ST 
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Aluminum carbonate (AbCCOa).^) and aluminum sulfide (AI2S3) are 
completely hydrolyzed by water (11) and, therefore, cannot be 
made by the action of a soluble carbonate or sulfide upon a solution 
of an aluminum salt. 

(11) AI2S3 + 6H2O 2A1(0H)3 + 3H2S T 

4. When a dry aluminum salt is heated on charcoal with a blow- 
pipe, aluminum oxide is formed. If this is moistened with a solution 
of cobalt nitrate and again heated, a blue mass of cobalt metalumi- 
nate [Co(A102)‘2] is formed (Thenard blue). 

5. The Use of Aurin Tricarboxylic Acid (Ammonium Salt) for the 
Detection of Aluminum.^ 

Dissolve a little freshly prepared aluminum hydroxide in 5 cc. 
of N-IICl. Add 8 cc. of 2N ammonium acetate and 3 cc. of a 
0.5 per cent aqueous solution of the ammonium salt of aurin tri- 
carboxylic acid. On shaking, an insoluble lake will be formed in a 
few minutes. Add ammonium hydroxide to the solution until it is 
alkaline, and then 1 cc. of N ammonium carbonate solution. The 
bright red precipitate will persist. 

A quantity of aluminum equal to 2 X 10~^ molecules gives an 
immediate precipitation or a red solution easily distinguishable 
from the yellow of the dye in alkaline solution. The delicacy of 
the test is of the order of 10"^ molecules of aluminum. 

Silicic acid, salts of Sb, Bi, Pb, Hg (mercuric), Sn (stannic), and 
'Pi give white precipitates. With these salts present, the qualita- 
tive test may be made without a separation except when the quan- 
tity of aluminum is very small. 

Salts of Cd, Co, Ni, Ge, In, Mn, Tl, Th, Zn, Zr, and the rare 
earths give no precipitates. The chromic ion gives a precipitate that 
is similar to that obtained with aluminum before the neutralization 
with ammonium hydroxide. This precipitate, however, disappears 
on the addition of an excess of ammonium hydroxide and ammonium 
carbonate. 

Ferric salts give a deep violet precipitate in the acetic acid solu- 
tion, the precipitate being converted to a reddish-brown insoluble 
lake that is stable under the same conditions as the aluminum lake. 

Beryllium gives a lake indistinguishable from that of aluminum. 
The yellow lake dissolves with difficulty in 2N ammonium carbonate 
leaving a red-colored solution. 

Large amounts of the ions of the alkaline earths give red lakes, 
but the addition of the carbonate ion converts the alkaline earths 
to their carbonates and causes the disappearance of the red pre- 
cipitates. 

Phosphates tend to prevent the formation of the aluminum lake, 
and reducing agents such as hydrogen sulfide and sulfur dioxide 
destroy the color. 

* Yoe and Hill: Jour. Am. Chem. Soc., 49 , 2395 (1927). Hammett and Sottery: 
Ibid., 47 , 142 (1926). 
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6. Morin test for aluminum.^ (This is a very delicate test.) 
The test solution of aluminum is treated with excess of KOH. A 
drop of the filtrate is acidified on a black spot plate with 2N acetic 
acid and a drop of Morin^ solution added. A green fluorescence 
appears in the presence of aluminum ion. For very small amounts 
of Al+'^, it is desirable to make a comparison with a blank test. 

Commercial Manufacture. — 1. As previously pointed out, W(jhler 
was the first to produce metallic aluminum by the reduction of its 
oxide with metallic potassium (1). The cost of the metal prepared 
by this method was very high (about $100 a pound) and it was 
not until 1854, when Dcville devised the first working procevSS for 
the manufacture of aluminum, that the cost dropped to about $15 
a pound. Deville’s method consisted in reducing the double chloride 
of sodium and aluminum with metallic sodium. The former was 
made by heating together aluminum oxide, charcoal and sodium, 
and subjecting the mixture to chlorine gas (12). The slag was 
placed on shallow trays with chips of metallic sodium and heated 
to redness on the hearth of a reverberatory furnace (13). After 
several hours, the slag was discarded and the melted aluminum cast 
into ingot moulds. The Castner process (p. 146) for the manufac- 
ture of metallic sodium, greatly reduced the cost of making alumi- 
num by this method. 

(12) 2NaCl + AI2O3 + 3C1.> + 3C 2AlNa(34 + 3(X) T 

(13) AlNaCb + 3Na A1 + 4NaCl 

2 ' Aluminum was first prepared electrolytically by Bunsen in 
1854, but, on account of the high melting-point of the chloride, the 
process was not a commercial success. In 1886, Charles Hall made 
the metal by the electrolysis of aluminum oxide dissolved in molten 
cryolite (Na^AlFe, melting-point 100(F^ C.). About the same time, 
Heroult, a Frenchman, working independently, devised the same 
method for making metallic aluminum. These methods have been 
successful commercially and, as a result, the cost of the metal has 
steadily declined. 

The electrolysis is conducted in cells (6 x S J- feet) lined with car- 
bon, which acts as the cathode. A series of carbon rods serve as 
the anode and are so arranged that they may be lowered into the 
fused electrolyte. The cell is partly filled with cryolite and the heat 
generated by the current is sufficient to melt it. The current is then 
reduced to between 5 and 6 volts, which is sufficient to maintain the 
temperature of the melt (875° to 950° C.), and also to cause decom- 
position. Aluminum oxide (purified bauxite: see Serpek Process, 
p. 66) is added from time to time. The molten aluminum sinks to 
the bottom of the cell where it is tapped off, whereas part of the 
evolved oxygen escapes and part combines with the carbon anodes. 
The decomposition of purified bauxite (AI2O3) by an electric current 

^ Feigl: Spot Tests, English translation by Matthews, p. 112 (1937). 

* Solution of a yellow dye (C16H10O7.2H2O) from old wood of tropical American 
tree, Chlorophora tinctoria. 
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is more than likely accompanied by some complex reactions. Never- 
theless, in its simplest form, the decomposition may be represented 
by equation (14). 

(14) 2 AI 2 O 3 -> 4A1 + 3 O 2 T 

Pharmacological Action of Aluminum Ion.— Dilute solutions of the 
soluble salts of aluminum, when applied topically, have the property 
of constricting the blood vessels. More concentrated solutions pre- 
cipitate proteins and, therefore, are not only astringent but also 
antiseptic. The soluble salts of all of the heavy metals are astringent 
but, in concentrations slightly greater than that required to produce 
vasoconstriction, they are destructive to tissue and hence irritating 
and even escharotic. The soluble salts of aluminum, lead and zinc 
differ from the salts of the other heavy metals by retaining their 
astringent action over quite a solution “-concentration range. 
Soluble aluminum salts are sometimes taken internally against 
diarrhea. 

Aluminum ion is practically unabsorbed from the alimentary 
tract and hence large oral doses given over an extended period of 
time will produce nothing more than local inflammation. The ele- 
ment is excreted in the feces, principally as the phosphate. 

The action of diluted acids upon aluminum cooking utensils is so 
slight as to be negligible. The use of ammonium alum in baking 
powders for the purpose of liberating carbon dioxide from sodium 
bicarbonate (15) is considered by some to be a most serious objec- 
tion to the use of the so-called “alum baking powders.’' No doubt 
some of the aluminum hydroxide formed during the reaction is 
dissolved by the hydrochloric acid and proteins in the stomach. 
On the other hand, the Referee Board of 1914 was unable to detect 
any aluminum in the blood after orally administering 1 Gm. of 
alum per day for four days. 

(15) 2NH4A1(S04)o + 6NaHC03 2A1(0H)3 j + 3Na2S04 + 

(NIT4)2S04 + GCA T 

Uses. — Because of its lightness, strength and non-corrosive 
property, aluminum is used in making cooking utensils, instruments, 
aluminum paints and structural devices of all kinds. In the making 
of steel castings, about 1 ounce of aluminum is added to 1 ton of 
molten rnctal in order that any free oxygen or nitrogen may com- 
bine with it as oxide (AI 2 O 3 ) or nitride (AIN) and thus prevent the 
castings from being unsound. In this capacity, aluminum is said 
to act as a “scavenger metal.” 

Aluminum readily forms alloys with most metals, lead being an 
exception. Tin containing some aluminum is harder and more 
elastic than tin itself; zinc-aluminum alloys are used for soldering 
aluminumware; aluminum-bronze, consisting of 90 to 98 per cent 
of aluminum and 2 to 10 per cent of magnesium, is very easily 
worked on a lathe and will also take a high polish. 

Aluminum oxide has a very high heat of formation (^ AI2O3 = 
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127, ()()() calories). At elevated temperatures, aluminum will reduce 
almost all metallic oxides. A German chemist, Goldschmidt, 
utilized this property to obtain the metals from such difficultly 
reducible oxides as chromium oxide, uranium oxide, manganese 
oxide, etc., and he called his process ''ahiminoihenny” When 
a mixture of powdered aluminum, iron, and iron oxide is placed 
in a large crucible and ignited by a piece of burning magnesium 
ribbon, a violent reaction occurs with the formation of molten 
iron (temperature about 3000° C.) and aluminum oxide 

(16) 8A1 + 3Fe304 9Fe + 4AI2O3 

The intense heat and molten metal are used to weld together broken 
pieces of machinery, e.g., rails, fly wdieels, propeller shafts, etc., 
which cannot be conveniently taken to shops. A mixture consisting 
of 24 per cent of aluminum and 76 per cent of magnetic or black 
oxide of iron is knowm as thermif. This mixture was used very 
effectively as an incendiary during World War II. Thermit mix- 
ture requires a temperature of about 1800° C. for ignition. This 
temperature may be obtained by igniting a mixture of powdered 
aluminum and barium peroxide w ith black powder, which is started 
by an ordinary fuse. Thermit mixtures w^hose ingredients WTre 
“bound” together by w^ater glass or sulfur w’ere knowui as ''caloriie'' 
and ''daisite,'’ respectively. 

F. C’habert^ claims that fabrics can be waterproofed by imi)regT 
nating them wnth a heavy benzine (b. p. 160° G.) solution of alumi- 
num dust, paraffin wax, and a suitable plasticizing agent, e.g., 
Para rubber. 

Official Compounds of Aluminum 
ALUMINUM CHLORIDE 
Alimimim Chloridey N. F. VIII 
Formula, AICI3.6H2O. Molecular Weight, 241.44 

Physical Properties.— Aluminum Chloride is a white or yellowish- 
white crystalline powder. It is odorless and has a sweetish, very 
astringent taste. It is deliquescent. It has a specific gravity of 
2.44 at 25° C. 

One Gm. of the salt is soluble in about 0.5 cc. of water and in 
about 4 cc. of alcohol, at 25° C. It is soluble also in ether and in 
glycerin. 

Chemical Properties.— When the hexahydrate is heated, it decom- 
poses into hydrogen chloride and aluminum oxide (1). 

(1) 2AICI3.6H2O + heat 6HC1 + AI2O3 + 9H2O 

The chemical properties of a solution of the salt are due to the 
aluminum ion {q. v,) and the chloride ion (see p. 173). 

Official Tests for Identity. — 1. Solutions of aluminum chloride 
yield with ammonia T.S. a gelatinous white precipitate which is 
* British Patent, 4X4, 2X2. 
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insoluble in an excess of ammonium hydroxide (see Aluminum Ion 
Reaction (4), p. 428). 

2. Sodium hydroxide T.S. or sodium sulfide T.S. produce the 
same precipitate which is soluble in an excess of either of these 
reagents (see Aluminum Ion, g. v,). 

Commercial Manufacture. — 1. When aluminum or its hydroxide 
is treated with hydrochloric acid, aluminum chloride is formed. 
Upon concentrating the liquid and allowing it to cool, crystals of the 
hexahydrate st'parate out (2). 

(2) A1(0H)3 + 3HC1 + 3IUO-. A1C13-6H20 

2. Anhydrous aluminum chloride (AlCU) may be made by sub- 
jecting heated metallic aluminum to a current of dry chlorine (3), 
or by passing chlorine over a mixture of aluminum and carbon at 
red heat (4). 

(3) 2A1 + 3Cl2 2 AICI 3 

(4) AI 2 O 3 + 3C + SClo -> 2 AICI 3 + 3CO T 

The product is a white crystalline solid which melts at 194® C. Its 
vapor density indicates the formula, AhCle. However, at 450° C., 
AloCle dissociates into vapors having a density that correspond to 
the formula, AICI 3 . 

Pharmaceutical Preparations and Uses.— 1. Aluminum Chloride 
, (Alumini Chloridum), N. F. VIII.— Aluminum Chloride, w^hen dried 
over sulfuric acid for twenty-four hours, contains not less than 
95 per cent of AICI3.6H2O (241.44). This salt is sometimes used 
to check persistent diarrhea. It is employed externally as a general 
astringent and antiseptic. Solutions of aluminum chloride are used 
as deodorants (to prevent odor of perspiration). Anhydrous alu- 
minum chloride is used industrially as a catalytic agent and in 
petroleum refining. It is also used in various organic syntheses 
(Friedel and Crafts' reaction). 

2. Aluminum Chloride Solution (Liquor Alumini Chloridi), N. F. 
VIIL— Aluminum Chloride Solution contains, in each 100 cc., 
not less than 22.5 Gm. and not more than 27.5 Gm. of AICI3.6H2O. 
Aluminum Chloride is dissolved in water and filtered, if necessary, 
to obtain a clear product. Externally it is to be used undiluted on 
the unbroken and non-irritated skin for the astringent and anti- 
septic action. ^ 

ALUMINUM HYDROXIDE 

Aluminum Hydroxide Gel^ U. S. P. XIII 
Formula, Al(OH) 3 . Molecular Weight, 77.99 

Physical Properties.— It is a white, viscous suspension, translucent 
in thin layers, from which small amounts of water may separate on 
standing. Aluminum hydroxide is insoluble in water but readily 
soluble in acids. 

28 
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Chemical Properties.— Aluminum hydroxide gel is amphoteric in 
character. It slightly affects both red and blue litmus paper, but 
does not affect phenolphthalein T.S. When it is heated to redness, 
it decomposes into water and aluminum oxide. The hydroxide 
reacts readily with acids, such as hydrochloric acid, forming water 
and the aluminum salt (1). 

(1) A1(0H)3 + 3HC1 Aids + 3 H 2 O 

This solution responds to all the reactions of the aluminum ion 
(q. V.). 

Official Tests for Identity.— A hydrochloric acid solution of alumi- 
num hydroxide gel responds to the tests for the Aluminum ion (see 
p. 432). 

Laboratory Preparation and Commercial Manufacture.— Dissolve 
20 Gm. of powdered potassium and aluminum sulfate (potassium 
alum) and 9 Gm. of monohydrated sodium carbonate, each in 200 cc. 
of water, filter and heat the solutions to boiling. To the hot solu- 
tion of sodium carbonate contained in a capacious vessel, gradually 
and with constant stirring add the hot solution of alum (2) (see 
p. 442). Add 500 cc. of boiling water and allow the precipitate to 
subside. Carefully decant the supernatant liquid and again add 
500 cc. of hot water. When the precipitate has settled, pour off the 
clear liquid, and wash it with hot water until the washings fail to 
give more than a faint cloudiness with barium chloride test solution. 

( 2 ) 3Na2C03 -b 2KA1(S04)2 + 3Na2S04 -f K 2 SO 4 -b 

2Al(OH)3i -bSCOsT 

It will be noted that the alum solution is added to the solution of 
sodium carbonate. It has been observed that aluminum hydroxide, 
prepared by adding the carbonate solution to that of the alum, per- 
sistently retains the alkali sulfate and hence is diflScult to wash. 
Hot water, not boiling water, should be used to wash the precipitate 
because the latter tends to decompose the aluminum hydroxide. 

Uses.— It is employed in the dyestuffs industry as a mordant. 
Freshlv precipitated aluminum hydroxide combines with many 
orgami dyes (alizarin and anthracene derivatives, etc.) to form 
insoluble combinations of different colors which are known as lakes. 
These insoluble, colored compounds are used as pigments. When 
it is desired to dye a fabric with a, fast color, the cloth is first soaked 
in a solution of an aluminum salt, such as the acetate. The cloth 
is then exposed to steam which completely hydrolyzes the alumi- 
num acetate to acetic acid and aluminum hydroxide. The acetic- 
acid is volatilized by the steam and the aluminum hydroxide re- 
mains in the fiber. The cloth is then dipped in a solution of the 
dye and the color is fixed in the fibers by the formation of these 
lakes. Water-proof fabrics are made by immersing the materials in 
a solution of aluminum acetate and exposing them to the action of 
steam and heat. In this way the fibers are first impregnated with 
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aluminum hydroxide which, when heated, changes to aluminum 
oxide. The impregnation ofthe fibers renders them non-porous and 
therefore they are not wetted by water. 

Because of its gelatinous character when freshly precipitated, and 
because of its mild astringency, aluminum hydroxide is used in 
water purification. Alum cake (impure aluminum sulfate made by 
the action of sulfuric acid upon bauxite) is dissolved in the water 
and the hydroxide precipitated by the addition of lime (3). As 
the gelatinous precipitate settles out, it carries with it all suspended 
matter, even microorganisms. 

(3) Al 2 (S 04)3 + 3CaO + SHoO 2AI(OII)a + .3(\aSOa 

When freshly precipitated aluminum hydroxide is added to a tur- 
bid or colored liquid (vegetable juices, etc.) the suspended materials 
and coloring matter contained therein are precipitated, hence its use 
as a clarifying and decolorizing agent. A mixture known as Aluvima 
Cream is used for this purpose. It is made by dividing a saturated 
aqueous solution of potassium alTim into two une(ival parts. A 
slight excess of ammonium hydroxide is added to the larger portion, 
and then small amounts of the smaller portion are added to the 
resulting mixture until the same is slightly acid to litmus. The 
property possessed by even dilute solutions of aluminum salts, viz., 
that of precipitating proteins is made use of in the purification of 
toxins and antitoxins. 

Pharmaceutical Preparations and Uses.™ 1. Aluminuvi Hydroxide 
Gel (Gelatum Alumini Hydroxidi, Colloidal Aluminum Hydroxide), 

U. S. P. XIII.— Aluminum Hydroxide Gel is a suspension contain- 
ing the equivalent of not less than 3.6 per cent and not more than 
4.4 per cent of AI 2 O 3 , chiefly in the form of aluminum hydroxide. 

It is a white viscous suspension, translucent in thin layers, from 
wTiich small amounts of water may separate on standing. 

The Pharmacopoeia permits a sufficient amount of oil of pepper- 
mint, glycerin, sucrose, or saccharin to be added for flavoring and 
other purposes. Sodium benzoate or benzoic acid in an amount 
not to exceed 0.5 per cent may be used as a preservative. 

Colloidal Aluminum Hydroxide is used as an antacid andjpro- 
tective in treating peptic ulcers. Because its insolubtllty pfecludes 
excessive alkalinization, and because the aluminum ion formed 
by its solution in the hydrochloric acid of the stomacli makes 
it astringent and also antiseptic, colloidal aluminum hydroxide has 
a distinct advantage over soluble alkalies. Intestinal bacteria are 
also adsorbed by the aluminum hydroxide not dissolved in the 
stomach. It is used in cases of marked hyperacidity. It decreases 
the secretion of total and free acid and few ill-effects have been 
observed as a result of its use. Depending upon the severity of the 
lesion in cases of peptic ulcer, it may be administered orally in 
divided doses totalling 1 to 5 fluidounces of the gel daily. It is 
also administered with great effectiveness against the hyperchlor- 
hydria of ulcer patients by the so-called continuous intragastric drip ' 
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method. It acts principally by buffering against excess acid. 

A teaspoonfiil will neutralize over 1 J fluidounces of jq gastric juice. 

Average dose—S cc. (approximately 2 fluidrachms). 

2. Dried Aluminum Hydroxide Gel (Gelatum Alumini Hydroxidi 
Siccum), U. S. P. XIIL--*‘Dried Aluminum Hydroxide Gel, when 
ignited to constant weight, yields not less than 50 per cent of AhO.j.” 
Dried Aluminum Hydroxide Gel is a white, odorless, tasteless, 
amorphous powder, which is insoluble in water and in alcohol. It 
is soluble in diluted mineral acids and in solutions of fixed alkalies. 

Dried Aluminum Hydroxide Gel may be suspended in distilled 
water to make the official Aluminum Hydroxide (xel. Dried Alumi- 
num Hydroxide Gel is used externally as a mild astringent and 
desiccant and internally as an antacid and protective. It is infre- 
quently used in the treatment of diarrhea and cholera, externall\' 
as a dust'ng powder for desiccating foul wounds, etc. It is a con- 
stituent of some foot powders. Average dose— 0.0 (rm. (approxi- 
mately 10 grains). 

ALUMINUM PHOSPHATE 

Alumimim Phosphate Gel, U. S. P. XIII 
Formula, AIPO4. Molecular Weight, 121.95 

Physical Properties.— Aluminum Phosphate Gel is a white, viscous 
suspension from which small amounts of water may separate on 
standing. Aluminum phosphate is insoluble in water but readily 
soluble in acids. The pH of the gel at 25° C. is between 6 and 7.2. 

Chemical Properties.— Aluminum Phosphate Gel reacts with nitric 
or hydrochloric acids to form a clear solution. These acid solutions 
respond to the reactions of the phosphate ion (see p. 207) and the 
aluminum ion (see p. 428) respectively. 

Official Tests for Identity. — 1 . A solution of aluminum phosphate 
gel in hydrochloric acid responds to the tests for aluminum ion 
( 7 - 

2. A solution of the gel in diluted nitric acid responds to the tests 
for phosphate ion (see p. 127). 

Commercial Manufacture.^— “Thirty-six (36) pounds of aluminum 
chloride are dissolved in any suitable vessel in twenty (20) gallons 
of water. Twenty-one (21) pounds of dried dibasic sodium phos- 
])hate are dissolved in twenty-two and one-half (22^) gallons of 
water and this second solution added slowly to the solution of 
aluminum chloride in water previously formed. When the reaction 
(1) of forming the aluminum phosphate is complete the combined 
solution is neutralized with diluted ammonia water to a pH of 
between 6.8 to 7.4 (2). 

(1) AlCi,.6H20 -b Na 2 HP 04 AIPO4 i + 2NaCl + HCl 

(2) HCl -h NH4OH NH4CI 4- H2O 

^ U. Sj patent 2.294,889 September 8. 1942. 
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The mixture is strained and washed until it is practically free from 
soluble salts when sufficient water is removed so that the mixture 
shows a strength of 4 per cent of aluminum phosphate. In order 
to make the product more palatable sweetening agents such as 
glycerin, sugar, or saccharin may be added and a flavor such as 
oil of peppermint additionally incorporated, if desired. 

The product of the above example in the fluid form having a 
strength of 4 per cent of aluminum phosphate is the preferred 
product which has given the best results. A partially or totally 
dried prodiK^t, or one containing a higher concentration of aluminum 
phosphate may be prepared by control of the dehydration step, in 
order to give convenieiu'c of administration or greater strength of 
aluminum pliosj)liate, as desired.” 

Pharmaceutical Preparations and Uses.-— 1. Aluwinmn Phosphate 
del (Gelatum Alumini Phosphatis), V. S. P. XIII. — “Aluminum 
Phosphate (lei is a water suspension containing not less than 3.8 per 
cent and not more tluin 4.5 per cent of AIPO4.” 

The Idiarinacopceia permits a sufficient amount of oil of i>epper- 
mint, glycerin, sucrose, or saccharin to be added for flavoring and 
other purposes. Sodium benzoate or benzoic acid may be added 
in an amount not to exceed 0.5 per cent as a preservative. 

.\hnninum phosphate gel possesses antacid, astringent and demul- 
cent properties analogous to those of aluminum hydroxide gel, and 
it provi(les an effective and safe method of promoting the healing 
of ])(‘ptic ulcer, ^ but, unlike aluminum hydroxide gel, it does not 
interfere with the absorption of phosphates from the intestines. 
This gel is of particular value for the management of peptic ulcer 
in the presence of a relative or absolute deficiency of pancTeatic 
jui(‘e, diarrhea or a low phosphorus diet.‘^ 

ALUMINUM SILICATES 

1. Bentonitey U. S.P. XIII 

Physical Properties.— Bentonite is a native colloidal, hydrated 
aluminum silicate. It is a very fine, odorless, tasteless, and practi- 
cally colorless powder, free from grit. It also occurs as small 
granules. It is insoluble in water, but swells to about twelve times 
its volume when added to water, and produces an opalescent sus- 
pension or paste. It is insoluble in organic solvents and does not 
swell in them. 

Chemical Properties.— An aqueous solution of bentonite is alkaline 
in reaction and has a pH of 9 to 10. Bentonite is of variable com- 
position but about 90 per cent is montmorillonite [HoO . ( AI2O3 . - 
1^6203. 3Mg0)4Si02.nH20]. It is similar to kaolin chemically but 
is made up of smaller particles and has a greater adsorptive capacity. 

Official Tests for Identity.—]. A gel prepared from 6 (4m. of 
bentonite and 300 mg. of magnesium oxide in 200 cc. of water is 

1 Surg. Clin. North America, 21, 743 (1941). 

* Arch. Int. Med., 67 , 563 (1941). 
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agitated for one hour. One hundred cc. of the mixture is trans- 
ferred to a 100 cc. cylinder, and allowed to remain undisturbed 
for twenty-four hours. Not more than 2 cc. of supernatant liquid 
should appear on the surface. 

2. Swelling power: when 2 Gm. of bentonite is added to 100 cc. 
of water in a 100 cc. cylinder the mass occupies an apparent volume 
of not less than 24 cc. 

3. Fineness of powder: when an aqueous suspension is passed 
through a No. 200 standard mesh sieve, no grit is felt when the 
fingers are rubbed over the wire mesh of the sieve. 

4. When dried at 110^ C. to constant weight, bentonite loses not 
less than 5 per cent and not more than 8 per cent of its weight. 

Commercial Manufacture.— Kaolin is mined as such in different 
parts of the United States but most of it comes from Wyoming and 
South Dakota. 

Pharmaceutical Preparations and Uses. — 1. Bentonite (Bentoni- 
tum), IJ. S. V. XIII.— Bentonite is a native, colloidal, hydrated 
aluminum silicate. IjLi^u^d_,t(istabUize as a detergent 

in cleaners, as a clarifying agent, as an adsorbent for coloring matter, 
axid as a suspending agept. 

2. Bentonite Magma (Magma Bentoniti), U. S. P. XIII.— This is 
a preparation containing 5 per cent of bentonite in suspension in 
distilled water. It is used where the properties of bentonite are 
desired. 

3. Calamine Lotion (Lotio Calaminae), U. S. P. XIII. —Bentonite 
magma (40 per cent) is used to lessen the rapid sedimentation rate 
of the calamine and zinc oxide. 

2. Kaolin, N. F. VIII 

Physical Properties.— Kaolin is a native hydrated aluminum sili- 
cate, powdered, and freed from gritty particles by elutriation. It 
occurs as a soft, white or yellowish-white powder, or as lumps. 
It has a clay-like or earthy taste and, when moistened with water, 
assumes a darker color and develops a marked clay-like odor. It 
is insoluble in water, in cold dilute acids and in solutions of the 
alkali hydroxides. 

Chemical Properties.— Kaolin is chemically inert since it is insolu- 
ble in all of the common solvents. 

When treated with sulfuric acid and strongly heated, aluminum 
sulfate and silicon dioxide form (see below). 

Nearly all igneous rocks contain aluminum silicate ( AI2O3 . 2Si02 . - 
2H2O) in some combined form, e. g,, the double silicates of aluminum 
and the alkali metals [feldspar, (Si03)2AlK.Si02; lencite (Si03)2AlK; 
etc.]. Weathering permits the alkali silicates to be removed by rain, 
leaving large deposits of relatively pure aluminum silicate. When 
the material is pure and white, it is known as kaolin or kaolinite 
and, as indicated, is the principal product of weathering of alumi- 
num minerals such as the feldspars and micas. Aluminum silicate 
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(principally kaolinite, H4Al2Si209, or a very similar colloid) con- 
taining impurities of calcium, magnesium, iron oxides, fragments 
of quartz, etc., is known as clay, A pure, finely divided clay pos- 
sesses some very definite properties, viz,, it takes up water to form a 
plastic mass that is capable of being moulded (the plasticity prob- 
ably being due to colloidal materials or gels'* that it contains); a 
moulded form becomes very hard, retains its shape and contracts 
from 20 to 40 per cent on burning in suitable furnaces; it loses all of 
its plasticity upon burning. Because of these inherent properties, 
clay and kaolin are the principal materials used for the manufacture 
of bricks, pottery and porcelainware in the ceramic industry. 

Official Tests for Identity.— 1. Mix 1 Gm. of kaolin with 10 cc. of 
distilled water and 5 cc. of sulfuric acid in a porcelain dish. Evapo- 
rate the mixture until the excess of water is removed, and further 
heat the residue until dense white fumes of sulfuric anhydride 
appear (1); then cool, add cautiously 20 cc. of distilled water, boil 
for a few minutes, and filter. A gray residue (Si02) remains on the 
filter. The filtrate responds to the tests for Aluminum ion (see p. 432) . 

( 1 ) Al2a.2SiO2.2H2O + 4H2SO4 4 Al 2 (S 04 ) 3 + SO3T + 
6H2O T + 2Si02 

2. Kaolin loses not more than 15 per cent of its weight upon 
ignition at red heat. 

Commercial Manufacture.— Kaolin is present in Nature as clays, 
the three specific classes being kaolinite, dickite and nacrite. 
Deposits are found widely distributed over the surface of the earth. 
Elutriation of the crude clay removes the larger particles of quartz, 
mica, etc., but in some cases not all of the fine grit. To obtain a 
colloidal kaolin, the elutriated material may be peptized with 
sodium pyrophosphate which causes the fine grit to settle out and 
the fine kaolin particles are retained in suspension. The peptized 
suspension is then flocculated with another electrolyte and the 
colloidal kaolin collected. 

Pharmaceutical Preparations and Uses.— 1. Kaolin (Kaolinum), 
N. F. VIII.— ‘Tvaolin is a native hydrated aluminum silicate, pow- 
dered and freed from gritty particles by elutriation.'' Kaolin is used 
internally for its adsorptive properties. It is useful in diarrhea 
where the cause is food poisoning or organisms causing dysentery. 
In cases of intestinal fermentation it helps by adsorbing gases, 
toxins and bacteria. 

Externally it is used as a dusting pow^der, absorbent in ulcers 
and moist infections, and in cataplasms as a carrier of heat. 

2. Kaolin Cataplasm (Cataplasma Kaolini), N. F. VIII.— Kaolin 
in very fine powder and recently dried at 110° C. and boric acid 
in very fine powder are mixed and made into a mass with warm 
glycerin. Thymol is dissolved in methyl salicylate and pepper- 
mint oil and the solution added to the mass, which is then worked 
until it is homogeneous. This preparation is used as a mild counter- 
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irritant and as an antiseptic, cooling dressing. On account of the 
hygroscopic nature of the glycerin, it must be kept in well-closed 
containers. 

3. Pumice^ N. F. VIII 

Physical Properties.— Pumice is a substance of volcanic origin, 
consisting chiefly of complex silicates of aluminum, potassium, and 
sodium. 

Pumice occurs as a gritty, grayish powder or as very light, 
hard, rough, porous grayish masses. It is tasteless and odorless, 
and is permanent in air. It is insoluble in all of the usually used 
solvents. In the large masses, pumice will float on water but due 
to its porous structure gradually absorbs water and sinks. The 
specific gravity of pumice is 2.3. 

Chemical Properties.— Pumice is chemically inert. It is not 
attacked by acids or alkalies. It is composed of 70 to 75 per cent 
of silica (Si02), 15 to 20 per cent of iron and alum oxides, and traces 
of calcium, magnesium, potassium and sodium compounds. 

Official Tests for Identity. — 1. Powdered pumice is marketed in 
three grades each having specific requirements as to fineness. 

2. When 10 Gm. of pumice is boiled with 50 cc. of water for 
thirty minutes and then filtered, the reaction is neutral to litmus 
paper and one-half of the filtrate yields upon evaporation not more 
than 10 mg. of residue. 

3. When 1 Gm. is boiled with 25 cc. of diluted hydrochloric acid 
for thirty minutes and filtered, the residue from the filtrate yields 
not more than 60 mg. of acid-soluble ash. 

Commercial Manufacture.— Pumice is found in volcanic areas and 
mined. There are deposits in Italy and the western part of the 
United States in Nebraska and Oregon. 

Pharmaceutical Preparations and Uses.- 1. Pumice (Pumex), 
N. F. VIIL— Pumice is a substance of volcanic origin, consisting 
chiefly of complex silicates of aluminum, potassium, and sodium. 
It is used as a distributing agent for slowly soluble substances. 
Because of its hardness, some use is found for it in dental prepara- 
tions and cleaners. 

ALUMINUM SULFATE 

Aluminum Sulfate^ N. F. VIII 
Formula, Al2(S04)3. 18H2O. Molecular Weight, 666.41 

Physical Properties.— Aluminum Sulfate occurs in the form of a 
white crystalline powder, in shining plates, or in crystalline frag- 
ments. It is odorless and has a sweetish, astringent taste. It is 
stable in air, but hydrolyzes in solution. 

One Gm. of aluminum sulfate is soluble in about 1 cc. of water at 
25° C., and 11.3 Gm. are soluble in about 1 cc. of boiling water. 
It is insoluble in alcohol. 

When the salt is gradually heated to about 200° C., it loses 
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its water of hydration (about 48.6 per cent) and at 770° C., it 
decomposes. 

Chemical Properties. —An aqueous solution is acid to litmus 
paper. Aluminum sulfate in solution has the chemical properties 
of the aluminum ion (see p. 428) and the sulfate ion (see p. 212). 

Official Tests for Identity.— The salt in solution (1 to 10) responds 
to the tests for aluminum (see p. 432) and for sulfate (see p. 212). 

Commercial Manufacture. — 1. A very pure grade of aluminum 
sulfate can be made by dissolving aluminum hydroxide in sulfuric 
acid (1). When the solution is concentrated and allowed to crystal- 
talize, aluminum sulfate with 18 molecules of water of hydration, 
Al2(S04)3. 18H2O, separates out. 

(1) 2A1(0H)3 + 3H0SO4 + I2II2O -> Al2(S04)3.18H20 

2. Aluminum sulfate for industrial uses is made either by the 
action of sulfuric acid on bauxite (2), or by digesting clay (impure 
aluminum silicate) or kaolin (pure, white aluminum silicate) in 
sulfuric acid (3). 

(2) AI2O3.3H2O + 3H2SO4 Al 2 (S 04)3 + 6H2O 

(3) Il2Al2(Si04)2 + 3H2SO4 Al2(S04)3 + 2H2Si03 i + 2II2O 

In the latter case, the silicic acid is removed by filtration and the 
filtrate evaporated to crystallization. During the solidification, 
the liquid is stirred continuously with wooden paddles to keep the 
salt from “caking.” 

Pharmaceutical Preparations and Uses. — 1. Aluminum Sulfate 
(Alumini Sulfas), N. F. VIII.— Aluminum Sulfate contains not less 
than 99.5 per cent of Al2(S04)3.18H20. It is never used internally 
in pharmacy. Solutions of the salt are antiseptic and astringent. 
Its principal use is in the preparation of alum and aluminum 
subacetate solution. 

2. Aluminum Subacetate Solution (Liquor Alumini Subacetatis), 
N. F. VIII.— This solution should yield, from each 100 cc., not 
less than 2.3 Gin. and not more than 2.6 Gm. of AI2O3, and not 
less than 5.43 Gm. and not more than 6,13 Gm. of CH3.COOH. 
Precipitated calcium carbonate is gradually added to an aqueous 
solution of aluminum sulfate (4). x\cetic acid is then added, and 
the mixture set aside for several days (5). The clear liquid is 
syphoned off and after the magma has been pressed, sufficient 
water is poured through it to make the required volume. This 
preparation is used in much the same manner as the aluminum 
acetate solution. 

(4) Al2(S04)3 + SCaCOs + 6H2O 2A1(0II)3 i + 3CaS04 i 

+ 3CO2 T + SHoO 

(5) 2A1(0H)3 + 4HC2H3O2 2Al(C2H302)20n + 4II2O 

Because of the low cost of manufacture and because of its property 
of hydrolyzing readily in solution, it affords an excellent source of 
aluminum hydroxide. The industrial uses of the latter (dyeing. 
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water purification, etc.) have already been discussed under Alumi- 
num Hydroxide (g. v,), 

3. Aluminum Acetate Solution (Liquor Alumini Acetatis, Burow s 
Solution), N. F. VIIL— This solution should yield, from each 
100 cc., not less than 1.2 Gm. and not more than 1.45 Gm. of 
AI2O3, and not less than 4.24 Gm. and not more than 5.11 Gm. of 
CH3.COOH, corresponding to not less than 4.8 Gm. and not more 
than 5.8 Gm. of A1(C2H302)3 in each 100 cc. 

This solution may be prepared by adding glacial acetic acid 
(15 cc.) to aluminum subacetate solution (545 cc.). The solutions 
are well mixed and filtered if necessary. The finished solution should 
have a specific gravity of about 1.022 at 25° C., and should be 
dispensed only when clear. 

Regardless of what method is used in its preparation, this solu- 
tion must meet the N. F. VIII requirements for strength, quality, 
and purity. It is permissible to stabilize the preparation by adding 
not more than 0.6 per cent of boric acid. 

In the average dilution with 9 volumes of water, this preparation 
is used on the skin as a mild astringent and antiseptic. The 5 per 
cent solution is said by some to possess definite germicidal proper- 
ties, and a 1 per cent dilution is considered a good antiseptic.^ 

The N. F. VII gives a method of preparing the solution that has 
the disadvantage of requiring more time, and results in having lead 
as an impurity (exceeding heavy metals limit of 10 parts per mil- 
lion). Aluminum sulfate and lead acetate are dissolved separately 
in water. The solution of the latter is i)oured in a thin stream 
into the constantly agitated solution of the former (6). The mix- 
ture is then set aside in a cold place (about 10° ('.) for twenty-four 
hours. The clear supernatant liquid is syphoned off, or, if neces- 
sary, the magma is transferred to a filter and sufficient water is 
added through the magma to make the rec[uired volume. 

(6) Al2(S04)3. I8H2O + 3Pb(CJl302),>.3ll20 ^ 2A1(C2H302)3 + 

3PbS04 i + 2IH2O 

A recent use of Burow’s Solution (lead-free) is in the treatment 
of arthritis. Aluminum acetate solution (22- fluidounces), syrup 
cherry (IJ fluidounces) and honey (4 fluidounces) are mixed. Good 
results have been reported. 

ALUM 

Alum, U. S. P. XIII 

Formula, A1NH4(S04)2.12H20. Molecular Weight, 453.32; 

A1K(S04)2. I2H2O. Molecular Weight, 474.38 

Physical Properties.— Alum occurs in the form of large, colorless, 
octahedral crystals, in crystalline fragments, or as a white powder. 
It is odorless and has a sweetish, strongly astringent taste. 

One Gm. of ammonium alum dissolves in 7 cc. of water at 25° C. 
and in 0.3 cc. of boiling water. One Gm. of potassium alum dis- 

* J. Am. Pharm. Assn.. Pr. Ed., 3, 132 (1942). 
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solves in 7.5 cc. of water at 25"^ C., and in 0.3 cc. of boiling water. 
Both the ammonium and the potassium alum are freely but slowly 
soluble in glycerin, but insoluble in alcohol. 

When potassium alum is heated, it melts at 92° C., and loses all of 
its water at 200° C., forming burnt alum. Ammonium alum melts 
at 95° C., and besides water loses some ammonia and sulfuric acid 
upon ignition (1). 

(1) 2NH4A1(S04)2. I 2 H 2 O 2 NH, t + 4 H 2 SO 4 + AI 2 O 3 + 

21 H 2 O 

Chemical Properties.— Solutions of alum are acid to litmus paper. 
The alums are not complex compounds, since the ions of the compo- 
nent salts are formed in solution. Solutions of either alum give the 
chemical reactions for the aluminum ion {q. r.), and for ammonium 
(see p. 203) or potassium ion (see p. 223). 

An alum is a double salt of a trivalent and a univalent element 
containing 12 molecules of water of hydration. All alums form iso- 
morphous crystals. The trivalent element may be aluminum, iron, 
chromium, manganese, cobalt, indium, gallium, vanadium, etc., 
whereas, the univalent radical may be any one of the alkali metals, 
ammonium, silver or thallous thallium. The most common alums 
are double sulfates, although double selenates (with the radical, 
Se 04 ) are also considered as alums. Potassium or ammonium- 
aluminum sulfates arc the two best known alums. Not infrequently 
their composition is expressed by the formulas, K 2 S 04 .Al 2 (S 04 );^- 
241120 and (NH4)2i^04.Al2(S04)3.24H20, respectively. 

Official Tests for Identity. — 1. Sodium hydroxide T.S. added to a 
solution of ammonium alum (1 in 20) at first produces a precipitate 
which completely dissoh es in an excess of the reagent, ammonia 
being evolved (2, 3 and 4). 

(2) A 1 NII 4 (S 04)2 + 4NaOII Al(OH)3 i+ NH4OH + 2 Na 2 S 04 

(3) NH40n NH 3 T + H 2 O 

(4) A1(0H)3 + NaOH NaAlOo + 2 II 2 O 

2. Potassium alum undergoes similar reactions to (2) and (4). 

3. An aqueous solution of potassium alum responds to all tests 
for aluminum ion (p. 432), potassium ion (p. 224) and sulfate ion 

(p. 212). 

4. An aqueous solution of ammonium alum responds to all tests 
for aluminum ion (p. 432), ammonium ion (p. 264) and sulfate ion 
(p. 212). 

Commercial Methods of Manufacture.— The various methods now 
used to make alum are dependent upon the aluminum-containing 
materials employed. A cursory description of each process is given 
below: 

1. Alum stone (alumite) is an abundant mineral occurring in 
large quantities in Italy. It is a basic alum having the approximate 
composition KA 1 (S 04 ) 2 . Al(OH) 3 . First, the alum stone is roasted 
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at 500° C. to render the aluminum hydroxide insoluble and then it 
is extracted with hot water. When the liquid is concentrated and 
cooled, large pure cubes of the so-called ''Roman Alum'' crystal- 
lize out. 

2. Both bauxite (AI2O3.3H2O) and cryolite (NasAlFe) are used 
in making alum. When either one of these minerals is fused with 
sodium carbonate, soluble sodium metaluminate is formed. When 
carbon dioxide is passed into a solution of the latter, aluminum 
hydroxide is precipitated. The hydroxide is converted into alumi- 
num sulfate by the action of sulfuric acid and the solution is mixed 
with either potassium sulfate or ammonium sulfate to form the 
respective alum. Crystals of the alum are obtained by concentrat- 
ing and cooling. 

Alum may be made also by adding a solution of potassium sulfate 
or ammonium sulfate to a solution of ‘‘alum cake” {q. v.), and then 
concentrating the solution to crystallization. 

Pharmaceutical Preparations and Uses. — 1. Alum (Aluinen), U. S. 
P. XIII.— Alum contains not less than 99.5 per cent of AINH4- 
(804)2.121120 or AIK (804)2. 12H2O. The label of the container 
must indicate whether the salt is Ammonium Alum or Potassium 
Alum. Alum precipitates proteins and may, therefore, cause irri- 
tant or caustic effects. It is used externally for _its astri ngent 
properties. Infrequently, alum is orally administered in doses of 
about 5 grains to remedy a diarrheal condition. One to 5 per cent 
solutions are used jis gargles (somewhat injurious to the teeth) and 
0.5 to 1 per cent solutions are employed as urethral injections or 
as skin lotions. 

The protein-precipitation property is used in preparing alum 
precipitated diphtheria toxoid, alum precipitated diphtheria and 
tetanus toxoids, and alum precipitated tetanus toxoid. 

2. Exsiccated Alum (Alumen Exsiccatum, Dried Alum, Burnt 
Alum), U. 8. P. XIII, when recently dried to constant weight at 
200° C., contains not less than 96.5 per cent of A1NH4(804)2 or of 
A1K(804)2. It is a white, odorless powder having a sweetish, 
astringent taste. It absorbs moisture upon exposure to air. One 
Gm. is very slowly and usually incompletely soluble in about 20 cc. 
of water at 25° C. It is soluble in about 2 cc. of boiling water. It 
is insoluble in alcohol. As in the case of Alum, the label of the 
container must indicate whether it is a nearly anhydrous amrno- 
hium alum or potassium alum. It is used as a mild caustic. 

Industrially, alum is sometimes substituted for aluminum sulfate 
for purposes mentioned in the discussion of the latter. 

Alum is also used in the textile and. paper industries, for harden- 
ing plaster of Paris and in the so-called “alum baking powders.” 
(^e p. 431.) 

3. Cochineal Solution (Liquor Cocci, Cochineal Color), N. F. 

VIIL— Alum is used in this preparation to form an aluminum lake 
suitable for coloring alkaline solutions (see p. 232). . 
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Non-official Aluminum Compounds 

Aluminum Carbide (AI4C3).— Aluminum carbide is a greenish-gray 
substance having a density of 2 . 36 . It is made by Moissan's process, 
which consists in heating aluminum oxide and coke in an electric 
furnace ( 1 ). The product readily reacts with water, yielding 
methane (2) for which purpose it is used industrially. It is usually 
shipped in iron drums. It is of little interest to pharmacists. 

(1) 2AI2O3 + 9 C AI4C3 + 6CO T 

(2) AI4C3 + I2II0O -> 4A1(0H)3 + 3CH4 T 

Aluminum Carbonate (Al2(C03)3). —Aluminum carbonate is com- 
pletely hydrolyzed by water at the moment of its formation (1). 
Therefore, when a soluble carbonate is added to a solution of an 
aluminum salt, the hydroxide and not the carbonate is precipitated (2) 

(1) Al 2 (C 03)3 + 3 H 2 O 2A1(0H)3 i + 3 CO 2 T 

(2) Al2(S04)3 + 3Na2C03 + 3 H 2 O 2A1(0H)3 i + 3Na2S04 

+ 3CO2 T 

Aluminum Citrate. ^—Tliis salt is commercially available as a 
glassy crystalline substance which may be readily ground to a fine 
powder. It is slowly soluble in cold water but very soluble in 
lx)iling water. Solutions of the salt are useful as a replacement for 
aluminum acetate solution.^ It is fully as effective as Burow’s Solu- 
tion, is more constant in its action and, although not tolerated in 
every case, complaints of irritation are much less frequent. A 6 per 
cent solution has been found equivalent to the aluminum acetate in 
Burow’s Solution, 

Aluminum Nitride (AIN). —Aluminum nitride, in the form of 
small, yellow, rhombic crystals, is formed when a mixture of bauxite 
and carbon is heated to 740 "^ C. in a current of nitrogen (1). In 
the presence of hot dilute alkalies, or when subjected to steam 
under pressure, aluminum nitride decomposes into aluminum hy- 
droxide and ammonia (2). (See Serpek Process for the Fixation of 
Atmospheric Nitrogen, p. GO.) 

(1) 2AI2O3 4“ bC' 4“ 2N2 — > 4 AIN 4 “ 6CO 

( 2 ) AIN 4 - 3H2O -> A 1 ( 0 II )3 4 - NH3 T 

Aluminum Oxide (AI2O3, alumina).- Aluminum oxide occurs in 
Nature as corundum, emery, ruby, sapphire, etc. The last two 
are transparent crystals of aluminum oxide slightly colored by 
traces of other substances. Aluminum hydroxide, upon ignition, 
yields a white amorphous powder of aluminum oxide (1), which 
melts at about 2050 ° C. When the melt is allowed to cool, it 
resembles natural corundum and is used for making laboratory 
apparatus. These products are called alundnm ware. Artificial 

* Mallinckrodt Chemical Works, St. Louis, Mo. 

* J. Am. Pharm. Assn., Pr. Ed., 3, 132 (1942). 
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gems may be made by adding small amounts of different metallic 
oxides to molten alumina. Thus, artificial rubies (red) are made 
by adding a little potassium bichromate to the melt; artificial 
amethysts (blue or purple) by the addition of a little cobalt oxide, 
etc. These artificial gems are identical in properties with the 
natural stones. These gems are insoluble in acids and therefore 
must be fused with potassium carbonate before solution can be 
effected. 

(1) 2 Al(OH);, AbOa + 3 H 2 O 

Aluminum oxide, combined with silicon dio.xide (Al 203 .Si 02 ) is 
found in apparently inexhaustible quantities in the Inyo Mountains 
in California. It is known as cyavite, sillivimiifc, and midahifsite. 
Because of its strength and resistance to changes in temperature, 
it is admirably suited for making spark ])hig bodies and chemical 
laboratory ware. 

Aluminum Sulfide (AbS,!).— Alnminum sulfide, as has been pointed 
out previously, cannot be made by the action of a .soluble sulfide 
on a solution of an aluminum salt, because it is completely hydro- 
lyzed by w'ater (1). However, it may be prepared as jellowish- 
gray lumps (m. p. 1100° C.) by heating a mixture of aluminum 
and sulfur to a high temperature (2) or by i)assing sulfur vapor 
over a heated mixture of carbon and alumina {'•>). Moist air decom- 
poses it to a gray powder, and for this reason it is used as a source 
of HnS gas. 

( 1 ) AbS ,3 -b 6 H 2 O 2A1(0I1)., i -f 3 II 2 S t 

(2) 3S -f- 2A1 AbS, 

(3) AbO.3 -b 3C -b 3S AbS.-, + 300 t 

Fuller’s Earth.— It is a clay-like material, having a high water 
content and, like clay, is produced by the weathering of alumi- 
num-bearing minerals. It differs from clay in that it has a very 
low plasticity. Fuller’s Earth is related to kaolin and possesses prac- 
tically the same properties. It has absorbing and water-binding 
properties, being used as a clarifying agent, filler and absorbent. 
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SCANDIUM AND VTTRIUM AND THEIR COMPOUNDS 

SCANDIUM 

Symbol, Sc. Valence, III. Atomic Weight, 45.10; 

Atomic Number, 21 

History and Occurrence.— Many of the properties of scandium 
were predicted by Mendelfeff. He chose to call this undiscovered 
element '' eka-bormi.'' About ten years later (1879) the element was 
discovered by Nilson in the mineral evxenitc. Its name is derived 
from Scandinavia, the place where it was first obtained and the 
native country of its discoverer. 

Scandium is widely distributed in Nature, but in very small 
amounts. Its richest minerals, wiikite and anorfhite, are found in 
Finland. It has a density of 2.5, melts at 1200° C., and boils at 
2400° C. 

Compounds.— The metal has not been obtained in the free state. 
Its hydroxide, Sc(()II)3, is less basic than the corresponding com- 
pounds of the family, including the rare earths. Scandium oxide 
(ScoO.O is more basic than aluminum oxide, as is evidenced by the 
fact that the carbonate [Sc2(CO;03] exists. Scandium chloride has 
the formula ScCb.l2ll20. Like boron it yields both the simple 
and complex fluorides, such as ScF,-? and NasScFg. ^The nitrate, 
Sc(N03)3.4Il20, and the sulfate, Sc2(S04)3, are known. The double 
sulfate, 802(804)3. 8K2SO4, is not an alum. 

YTTRIUM 

Symbol, Y. Valence, III. Atomic Weight, 88.92; 

Atomic Number, 39 

History and Occunence.— Yttrium was the first of the elements of 
this family, rare earths included, to be discovered. The oxide was 
obtained by Gadolin in 1794 from gadolimtey a mineral occurring 
near Ytterby, a town in Sweden. Cleve obtained the metal as a 
dark gray powder of metallic luster l)y the electrolysis of the double 
chloride of sodium and yttrium. Gadolinite contains, in addition 
to yttrium, other members of the yttrium family. 

Physical Properties.— Yttrium melts at 1475° C. and has a density 
of 4.57. 

Chemical Properties.-- It is slowly converted into the oxide (Y2O3) 
by cold water, but more rapidly by hot water. Its oxide is the 
most basic of the yttrium family which consists of dysprosium, 
holmium, erbium, thulium, ytterbium, lutecium, and yttrium. It 
is a weaker base than lanthanum oxide. The hj^droxide Y(OH)3 

( 447 ) 
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will absorb carbon dioxide to form the carbonate. It will also 
blierate ammonia from ammonium salts. The salts of yttrium are 
colorless. 

Compounds.— Yttrium salts, when treated with hydrofluoric acid, 
yield the fluoride, 2YF3.H2O. The chloride is obtained by passing 
chlorine over a heated mixture of the oxide and carbonate. It forms 
the hydrate YCI3.H2O. Yttrium nitrate, Y(N03)3-2H20, is freely 
soluble in water. Some of the other salts are the phosphate YPO4 . - 
2H2O, the sulfide Y2S3, the carbonate Y2(C03)3.3H20 and the 
carbide YC2. 
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(;alliijm, indium and thallium and their 

COMPOUNDS 

GALLIUM 

Symbol, Ga. Valence, III. Atomic Weight, 69.72; 

Atomic Number, 31 

History. — In 1869, MendeleeflF predicted the existence of an ele- 
ment having an atomic number of 31. He called this undiscovered 
element '' eka-aluminurn” and described its properties with remark- 
able accuracy. In 1875, Lecoq de Boisbaudran discovered the 
spectroscopic lines of the element in a sample of zinc blende (sphaler- 
ite) and named it gallium after his native country, France (Gallia). 

Occurrence. — Gallium is a rare element and is found in small 
amounts in most samples of zinc blende (sphalerite). 

Physical Properties.- Gallium is a white, lustrous and tough metal, 
that may be cut with a knife. It melts at 30.8° C. and, because it 
remains super-cooled, is often considered to be a liquid element 
like bromine and mercury. It has a density of 5.91. 

Chemical Properties.- It does not react with water and only 
slightly with nitric acid. It dissolves in hydrochloric acid and in 
alkalies. With aluminum, it forms liquid alloys which readil.y 
decompose water. 

Commercial Manufacture.- This metal has been obtained by the 
electrolysis of an ammoniacal solution of its sulfate. 

Compounds.— Gallium oxide [Ga-iOs], gallium hydroxide [Ga(OH)3], 
gallium chloride [GaCla], and gallium sulfate [Ga2(S04)3] have been 
prepared and have similar physical and chemical properties to the 
corresponding aluminum compounds. (Gallium forms a true alum, 
Ga(NIl4)(S04)2. 12H2O. The gallium salts are all hydrolyzed by 
water, and gallium hydroxide, like the hydroxide of aluminum, is 
amphoteric. 

Uses. —Gallium has never been used in medicine or in the indus- 
tries, it being purely of scientific interest. 

INDIUM 

Symbol, In. Valence, I, II, III. Atomic Weight, 114.76; 

Atomic Number, 49 

History.— In 1863, Reich and Richter discovered this element 
when they observed its spectroscopic lines in the spectrum of zinc 
blendes obtained from Freiberg. They named it indium from the 
two remarkably characteristic and brilliant indigo-blue lines of its 
spectrum. 

29 
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Occurrence. — Indium is found in small quantities in zinc blendci 

and in tungsten, tin, and iron ores. i i • i* 

Properties. — Indium is a grayish-white metal that is softer than 
lead. It has a density of about 7.3 and fuses at 155° C. 

It is permanent in air. When heated, it burns with a dark blia* 
flame to form the oxide, In 203 . The metal is more readily attark(‘d 
by nitric acid than by either hydrochloric or sulfuric acids. 

Commercial Manufacture. — The metal is made by the reduction ol 
the oxide. 

Compounds.— The oxides (InO, InoOs, 111304) and hydroxide [In- 
( 011 ) 3 ] of indium resemble the analogous compounds of aluiuinum. 
Although amphoteric, their basic cliaracter is much more pro- 
nounced than that of either aluminum oxide or hydroxide. Indium 
hydroxide is nearly insoluble in excess of alkali hydroxide. Indium 
chloride (InCb) is not hydrolyzed by hot water. However, water 
acts upon both indium monochloride (InCl) and indium dichloride 
(InCh) to form indium trichloride (InCb) and free indium (I). 

(1) SlnCh -> 2InCl3 + In 

Indium sulfate forms a true alum with ammonium sulfate. 

Uses.— Like gallium, indium is never used in medicine. 

THALLIUM 

Symbol, Tl. Valence, I, III. Atomic Weight, 204.39; 

Atomic Xuniher, 81 

History.— Thallium was discovered in 1801 by Crookes, who 
observed its brilliant green line in the spectrum obtained in the 
spectroscopic analysis of flue dust secured from a sulfuric acid plant 
in the Harz Mountains. He named the element thallium from the 
Greek thallos, meaning a '‘green twig.” While investigating the 
sludges of lead chambers, Lany, working independently, discovered 
the same element one year later. 

Occurrence.— Thallium is rather widely distributed in Nature and 
is more abundant than either gallium or indium. The principal 
thallium-bearing minerals are Swodish crooksifr [(CuTlAg) 2 S; 
about 17 per cent Tl], lorandite [TlAsSo; about 60 per cent Tl], 
and vrhaite [TlAs^Sbs; about .30 per cent Tl]. Small amounts of 
the elements are found in pyrites, zinc blende, hematite, and traces 
are found in sylvine and carnallite at Stassfurt and in some mineral 
springs. 

Physical Properties.— Thallium is a leaden-colored metal with a 
hardness about equal to that of sodium. It has a density of 11.2 
and fuses at 1845° C. Its vapor density indicates the formula, Tb. 

Chemical Properties.— The metal is oxidized in moist air, but is 
permanent when kept under water. It burns with a green flame. 

It is attacked by nitric acid and by sulfuric acid. It is only slightly 
soluble in hydrochloric acid, because it soon becomes covered with 
thallous chloride (TlCl) which is difficultly soluble. 
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Commercial Manufacture. —The metal is obtained by dissolving 
the aforementioned flue dust or sludge in sulfuric acid and precipi- 
tating the metal as thallous iodide with hydriodic acid. When the 
iodide is heated with sodium, sodium iodide (soluble) and metallic 
thallium (insoluble) result. 

Compounds.— Thallium forms two series of compounds, viz., thal- 
lous compounds, in which the metal is univalent, and thallic com- 
pounds, in which the element is trivalent. 

ThalJous compounds have properties that are similar to those of 
analogous compounds of silver and of potassium. Thus, the halides, 
cyanides and sulfides of thallous thallium arc insoluble and, In this 
respect, are like the corresponding compounds of silver. Thallovji 
.sulfate and carbonate, like the corresponding salts of potassium with 
which they are isomorphous, are soluble in water; the former also 
yields true alums, whereas, the latter is readily hydrolyzed, giving 
an alkaline reaction to its solution. Thallmis hydroxide (TlOH) is 
a highly ionized base like potassium hydroxide, and a black thalloii.s 
oxide (T1‘)0) may be obtained by heating it in the absence of air. 

Compounds of the thallic series markedly resemble the compounds 
of aluminum and also show some properties that are like the auric 
compounds. Thus, thallic hydroxide [Tl(OH)3] is a stronger base 
than aluminum hydroxide. Thallic oxide [TbO.^], like aluminum 
oxide, is formed when the hydroxide is heated. Thallic chloride 
I'riCls] and thallic sulfate [Tbl^SOds] are highly ionizable salts and 
thus possess projMirties that lie between tho.se of similar aluminum 
and auric compounds. Thallic sulfate forms a double sulfate with 
potassium sulfate [Iv.S04.Tl.>(S04),i.8H20] but, on account of its 
having oidy 8 molecules of water of hydration, it is not a true alum. 
Like trivalent gold, thallium forms definite and stable complex ions. 

Uses. —Thallium acetate has been used in creams as a depilatory. 
However, It has very toxic effects and may be absorbed through 
the skin and exert a systemic action. In such cases or when taken 
orally it causes the loss of body hair. Thallium is very toxic and 
its use in medicine is unnecessary. 

In 1924, the Aalue of thallium salts in the control of various 
rodents was suggested.^ In the manufacture of refractive optical 
glass, it is sometimes used in place of lead. 

^ Munch, J. C., and Silver, J.; Technical Rulletin No. 2.S8, U. S. Dept, of Agri- 
nulture (April, 1931). 



CHAPTER XXIX 
THE RARE-EARTH METALS 


It is customary to clesi^uiatc tlie oxides ot the metals 
atomic numbers from 59 to 71, inclusive, as the rare earths. Vvith 
the exception of cerium, all the metals belong to Group III of the 
periodic system. Cerium is tetna valent and has properties which 
w^arrant its being placed in Group IV. These elements are divided 
into three families: 


I. Cerium Family 


Element 

S,\'mboI 

Atomic 

No. 

Atomic 

weight 

Lanthanum .... 

. La 

57 

138 92 

C'erium 

. Co 

58 

140 13 

Prasoodymium 

. Pr 

59 

140 92 

Neodymium .... 

. Nd 

60 

144 27 

Illinium 

. II 

01 


Samarium .... 

. Sa 

62 

150 43 


'^Fhe colors of solutions of the salts of elements 59, GO, 62 and 6‘^ 
are green, red, pink and rose, respectively, when the metals are 
trivalent. Salts of the others of like valence yield colorless solutions. 
Illinium was so recently discovered, that its properties are but little 
known. These elements yield insoluble doubh' sulfates. 


n. Tkubium Famii.y 


Element 

.Atomic 

Symbol No. 

.Atomic 

weight 

Europium 

Eu 

63 

152 0 

(xadolinium 

Gd 

64 

156 9 

Torbium . 

Tb 

65 

159 2 

Solutions containing the trivalent Europium ion arc pink, whereas 

those of the other two members of the family are 

colorless. The 

double sulfates of 

all three are moderately 

soluble. 


III. 

Yttrium Famii.y (YT^rRiuM 

Included) 



Atomic 

.Atomit! 

Element 

Symbol 

No. 

weight 

Yttrium 

Y 

39 

88 92 

Dysprosium 

. . . Dy 

66 

162 46 

Holmium . 

. . . . Ho 

67 

164 94 

Erbium 

Er 

68 

167 20 

Tluilium 

. . . Tm 

69 

169 40 

Ytterbium 

Yb 

70 

173 04 

Lutecium . 

Lu 

71 

174 99 

Trivalent ions of dysprosium and holmium are ; 

v'cllow; those of 


erbium and thulium are red and green, respectively; the rest are 
colorless. 

Occurrence.- Rare-earth metals occur in but few localities. Min- 
erals containing them are found in this country in the ('arolinas, 
and elsewhere in Brazil, Scandinavia, vSiberia, Greenland and Africa. 
Gadolinite contains yttrium and other members of the family. 
Monazite, an orthophosphate mineral found in Africa, Brazil and 
the Carolinas, contains the several elements of the cerium family 
and also such minerals as zirconia (ZrOi), thorite (ThSi 04 ), rutiJf' 
( 452 ) 
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(Te02), cassiterite (S 11 O 2 ), quartz (Si02) and magnetite (Fe:j 04 ). 
Thejmonasite sands produce compounds of thorium and cerium. 
Both of these metals are used in the production of incandescent gas 
mantles. 

Valence.— All the elements of the group act as trivalent metals to 
form salts. Cerium, as stated, has the valence of 4. Both SaCh' 
and EuCh are known. Some of the elements have higher oxides 
than those of the general formula KhO.}. "Fhrce is therefore the 
important valence of the group. With this valence they form 
(chlorides, nitrates, sulfates, etc. 

Properties.— Only the metals of the cerium family have been j)re- 
pared in a state of purity. They are obtained by reduction. Mixed 
metal, prepared by the electrolytic* reduction of the mixed chlorides 
of the cerium metals, is used in the reduction of the oxides of 
various metals. The rare-earth metals unite vigorously with oxygen. 
They combine also with hydrogen and nitrogen. 

Separation of the Rare Earths. — Because of their likeness in chc'iui- 
cal behavior, the rare-earth metals cannot be separatcMl by the usual 
meth(3ds. This is especially true of the metals of the same family. 
Hence, special processes are resort cyl to, among which are the fol- 
lowing: 

(a) Fractional decomposition of the nitrates by ignition. 

(b) Fractional crystallization of salts. 

(c) Fractional precipitation of various salts. 

(d) Fractional precipitaticm by bases of dilferent strengths. 

INTRODUCTION TO THE ELEMENTS OF GROUP IV 

Carbon and silicon belong in the second and third so-called “short 
periods’’ of Mendeleeff’s Periodic Table of Elements. Both of these 
elements are characteristically non-metallic in chemical behavior 
and, like all other members of this group, have a maximum valence 
of 4. Carbon, but not silicon, exhibits a valence of 2. This bival- 
ency is also characteristic of the other members of this family. 

The members of Division A are germanium, tin and lead. These 
elements are distinctly metallic, although in some instances they 
show non-metallic properties (Na 2 Sn 03 , sodium stannate; Na 2 pl O 2 , 
sodium plumbite; etc.). As the atomic weights of these elements 
increase, the more pronounced become the metallic properties. 4 he 
compounds of these elements have properties that are very similar 
to analogous compounds of silicon, whereas, toward carbon com- 
pounds, the relationship is more distant. 

Titanium, zirconium, cerium, hafnium, and thorium comprise 
Division B of this group. Titanium closely resembles silicon, but, 
as the atomic weights of the other elements increase, their similari. y 
to silicon diminishes until in thorium (a definite metallic element), 
it has entirely disappeared. The properties of all of the elements 
of this division so closely resemble those of the rare-earth metals 
that occasionally a few of these elements (e. g., cerium) are grouped 
with the latter. 



CHAPTER XXX 


CARBON AND CARBON COMPOUNDS 

CARBON 

Offk'jal Forms of Carbon 
Activafrd Charcoal, V. S. P. XIII 
Purified Auinud Charcoal, N. F. ^ III 

Symbol, C. \^aloiic‘e, IV. Atomic Weight, 12.010; 

Atomic Number, 0 

Occurrence. This iioii-metallic element is found in the free con- 
dition as the diamond in Brazil, Venezuela, India and South Africa, 
as graphite (plumbago) in the United States, Germany, Spain, 
Siberia, Canada, Ceylon and Bohemia, and as coal which is very 
widely distributed. 

Carbon is the fundamental constituent of all animal and vegetable 
tissue and of coal and petroleum. In the form of carbonates, it 
enters the composition of many minerals such as chalk, dolomite, 
calcite, witherite, calamine, and spathic iron ore. Combined with 
oxygen it is found to a small extent as carbon dioxide in the atmos- 
phere. In combination with hydrogen it occurs as methane or 
marsh gas. 

Allotroinc Modifications,— Cnrhou exists in two crystalline modi- 
fications, viz., diamond and graphite. So-called “amorphous” car- 
bon is in reality a mass of very minute (‘rystals, which ha\^e the 
identical crystalline structure of graphite. 

7)m 7//07?(/.-— Diamond is the purest native form of uncombined 
carbon. It occurs in (‘olorlcss, tinted or black crystals belonging 
to the regular system. Diamond has a density of .‘k5() to 3.56. It 
is one of the hardest known substances (10 on Mohs’ scale) and must 
be “cut” and polished with diamond dust. It has a high index of 
refraction (2.417 for sodium light). It is a good conductor of heat 
but a poor conductor of electricity. The diamond resists the action 
of most chemicals. When it is burned in oxygen, carbon dioxide 
and a trace of ash result. 

Colorless or tinted diamonds are “cut” into those shapes that 
secure the greatest light reflection and refraction. When these are 
polished, they form gems having remarkable brilliance and luster. 
Black diamonds (carbonado) and those that cannot be cut into gems 
because of flaws, are used for cutting glass or for pointing rock drills. 

Artificial diamonds of microscopic size were prepared by Moissan 
in 1893 by suddenly cooling molten iron containing dissolved carbon 
and then dissolving the iron in acid. 

( 464 ) 
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Graj^hite,— This variety of crystalline carbon occurs native in 
Ceylon, the United States, Germany, Spain, Siberia, and elsewhere. 
Its physical properties are markedly different from those of diamond. 
It is a soft, unctuous, black or dark lead-colored, shiny solid which 
is composed of crystalline scales belonging to the hexagonal system. 
It has a density of 2.09 to 2.23 and is a good conductor of electricity. 
Like diamond, it resists the action of chemicals at ordinary tempera- 
tures. When heated in oxygen, it is converted into carbon dioxide. 

Large quantities of artificial graphite are now being manufac- 
tured by the Achesoii process at Niagara Falls. 

(jraphite is very soft and leaves a black mark on paper and other 
objects when drawn across them, hence the name “graphite'' from 
the Greek meaning “to write.” “Lead” pencils are made by 
squirting a paste of powdered graphite and varying quantities of 
grit-free clay through perforated plates. The small rods of “lead” 
are dried, cut into desired lengths and baked to remove all moisture. 
They are then glued in wooden cases. 

Because intense heat does not affect graphite, it is used to make 
stove polish and protective paints. It is also employed for making 
electrodes for use in electro-chemical industries. Crucibles, (plum- 
bago crucibles) made from graphite and clay are used in making 
crucible steel (r/. r.). 

The unctuous property of graphite, together with its great resis- 
tance to heat, makes it suitable as a lubricant for machinery running 
at high temperatures. Unlike lubricating oils, graphite is not 
absorbed by wood, and therefore is used to reduce the friction 
between moving wooden parts of machines. 

Cort/.— These natural deposits are the result of slow decomposi- 
tion of vegetable matter in the presence of water, the absence of 
air, and under pressure. Coal consists of carbon, carbon compounds, 
mineral matter, and moisture. There are many varieties of coal 
but only two general kinds, viz.y anthracite or hard coal and hitiimi- 
nom or ,soft coal. The former contains about 90 per cent of carbon 
and about 6 per cent of volatile matter. It ignites with some diffi- 
culty and burns without appreciable smoke or flame, giving off a 
large quantity of heat. It is used extensively for domestic heating 
purposes, for making producer gas, and in electric furnace reduc- 
tions. Bituminous or soft coal contains about 70 per cent of carbon 
with large quantities of volatile matter. Soft coal burns with a 
smoky flame. Soft coal is used for both domestic and industrial 
heating and for the manufacture of illuminating gas and coke. 

Other Forms of Carbon. —There are numerous other kinds of 
carbon, e. g., (1) charcoal, (2) lampblack and carbon black, (3) coke 
and (4) gas carbon. These forms of carbon are amorphous and 
are obtained by the destructive distillation of many carbon com- 
pounds. The various kinds of amorphous carbon differ greatly as 
to purity and physical properties; their properties depending upon 
the substances from which they are made. As previously stated. 
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none of these well-known forms is ]mre earbon because they contain 
variable amounts of other elements or their compounds. 

Physical Properties.— 1. Activated Charcoalj U. S. P. XIII. —It is 
a fine, black, odorless, tasteless powder free from gritty matter. 
When dried to constant weight at 120° C. it loses not more than 
15 per cent of its weight, l-pon incineration the residue does not 
exceed 4 per cent of its weight. 

2. Purified Animal Charcoal, N. F. VIII.— It occurs as a dull 
black, amorphous, odorless, and tasteless powder, which burns 
with a red glow but without a flame. When dried at 105° C. for 
five hours, it loses not more than 12 per cent of its weight. 

Both forms of carbon are insoluble in water and all common 
organic solvents. They have adsorbing properties for gases and 
for solids, e, g., coloring matter and alkaloids, in solution. The 
activated charcoal is the better adsorbent. 

Wood charcoal is characterized by its power to adsorb various 
gases. One volume at 0° C. and 760 rnm. pressure will adsorb 
171.7 cc. of ammonia, 8G.3 cc. of nitrous oxide, 677 cc. of carbon 
monoxide, 21.2 cc of carbon dioxide, 17.9 cc. of oxygen, 15.2 cc. of 
nitrogen and 4.4 cc. of hydrogen. The adsorptive power of charcoal 
is dependent upon its porosity. 

Chemical Properties. — 1. Activated CV/arcoaZ.— The aqueous fil- 
trate from a boiled suspension is colorless and neutral to litmus 
paper. 

2. Purified Animal Charcoal— \Nhen boiled with water the fil- 
trate is neutral to litmus. 

Both official forms of carbon exhibit the chemical properties of 
earbon. At ordinary temperatures, carbon is an inactive element, 
but its activity rapidly increases with rising temperatures until, at 
about 3500° C., it becomes very active. At elevated temperatures, 
it has a great affinity for oxygen and forms (*arbon dioxide and car- 
bon monoxide. The different forms of carbon are variously affected 
by the most active oxidizing agents (e. g., nitric acid and potassium 
chlorate). For example, diamond is scarcely attacked by them, 
graphite is but slowly oxidized, and charcoal is rapidly oxidized. 
At the temperature of the electric furnace, carbon unites with many 
metals and some non-metals to form carbides, such as calcium 
carbide (CaC2), aluminum carbide (AI4C3), and silicon carbide or 
carborundum (SiC), etc. When heated with the various metallic 
oxides, e. g., zinc oxide, copper oxide, iron oxide, etc., carbon 
reduces them to the metal and carbon monoxide, carbon dioxide, 
or a mixture of the two, depending upon the amount of charcoal 
used. Carbon will unite with hydrogen in the presence of finely 
divided nickel at a temperature of 250° C. to form methane (CH4).. 
A number of molten metals will dissolve at least small quantities of 
carbon, which generally cause a deterioration in metallicity. Iron, 
however, gains in elasticity and tensile strength with only slight loss 
of plasticity. 
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Official Tests for Identity. — 1. Aciimicd Charcoal, 2. Purified 
Animal Charcoal, The official compendia do not provide specific 
tests for their identification. All of the monograph requirements 
lend themselves to identifying the carbon preparation. A distinction 
can be made between the two official forms when all of the mono- 
graph requirements are compared. 

Commercial Manufacture. — 1. Activated C/zarcou/.— This form of 
carbon is obtained by the destructive distillation of plant substances. 
The materials mostly used are wood/ waste liquor from wood pulp, 
paper, molasses, fruit stones, nut shells, corn cobs and straw. An 
activated form of charcoal may be produced by (1) mixing pumice 
with the plant material and distilling, (2) adding a salt such as 
zinc chloride and distilling at a low temperature, or (3) by heating 
carbon at high temperatures in the presence of steam. 

2. Purified Animal Charcoal. —Bones are first boiled with water 
under pressure to extract the gelatin, and then destructively dis- 
tilled in iron retorts. A vile-smelling liquid called “bone oil” or 
Dippel’s oil passes over and a residue of carbon and calcium phos- 
phate remains. This form of carbon is very impure because it 
contains approximately 83 per cent of calcium phosphate. On 
account of its great decolorizing and adsorbing powers, it is used 
extensively by sugar refiners. Crude animal charcoal is never used 
in medicine or in the decolorization of acid solutions until it has been 
purified by repeatedly digesting it with boiling dilute hydrochloric 
acid and then thoroughly washing it. The method for its prepara- 
tion is given below. 

Another charcoal of animal origin is made by calcining a mixture 
of fresh blood and potassium carbonate in large cylinders. The 
product is purified by boiling with diluted hydrochloric acid and 
subsequently reheating the washed charcoal. 

The property possessed by animal charcoal of being a remarkable 
decolorizing agent is due to the extensive internal surface of the 
material and therefore, its increased surface attraction. Organic 
coloring matters, such as litmus, indigo, certain colored resins, etc., 
may be removed from solution by proper treatment with charcoal. 

Laboratory Preparation of Purified Animal Charcoal. — Introduce 
100 Gm. of animal charcoal. No. 60 powder, into a capacious flask 
(1500 cc.) provided with a one-hole rubber stopper and 5 feet of 
1 cm. glass tubing to act as a reflux. Add 200 cc. of hydrochloric 
acid and 400 cc. of boiling water. By means of a sand bath keep 
the mixture boiling gently for eight hours, adding water from time 
to time to maintain the original volume. Then add 500 cc. of boiling 
water, transfer the mixture to a muslin strainer and, when the 
liquid has run off, return the charcoal to the original flask. Now 
add 200 cc. of boiling water and 100 cc. of hydrochloric acid and 
boil for two hours. Again add 500 cc. of boiling water and transfer 
the whole to a plain filter. When the liquid has drained off, wash 
» Chem. Ind., 60, 80 (1947). 
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the charcoal with boiling water until the washings give only a laint 
cloudiness with silver nitrate test solution. Dry the prcKiuct in an 
oven and immediately transfer it to a well-stoppered bottle. 

When bone black is digested with hydrochloric acid, the insoluble 
calcium phosphate that it contains is converted into soluble calcium 
phosphate and calcium chloride which then may be washed out (2). 

(2) Ca3(P04)2 + 4HC1 CaH4(P04h + 2CuCI> 

Pharmaceutical Preparations and Uses.— l. Activated Charcoal 
(Carbo Activatus), U. S. P. XIII.— Activated (Charcoal is the 
residue from the destructive distillation of various organic materials, 
treated to increase its adsorptiw^ power. 

rermission is given by the U. S. P. to dispense activated charcoal 
whenever Carbo Ligni is prescribed. It is used for its adsorptive 
properties in the treatment of stomach and intestinal disorders 
where gases, chemicals, enzymes or toxins are to be removed. 
When wet, activated charcoal will not adsorb gases and therefore 
its use for “gas on the stomach” is irrational, (-liarcoal chewing 
gums liave not been accepted by the A. 1). A. as dental remedies.* 

2. Parified Animal Charcoal (Carbo Aninialis Purificatus), N. F' 
\’I II. Purified Animal Charcoal is charcoal prepared from bone 
and purified by removing the substances which are dissolved by hot 
hydrochloric acid and water. It is used for treating the same 
conditions as is activated charcoal but it is less adsorptive. Average 
dose -O.li (ini. (approximately 5 grains). 

Non-ofbicial Forms of Carbon 

1. Lampblack and Carbon Black.- Lain})black may be j)r(*j)ared 
by burning oil, tar, resin, turpentine or other rich carbonaceous 
substances in an insufficient sup])ly of air. The i)roducts of com- 
bustion arc collected on cloths suspended in cond(‘nsing chambers. 
Lampblack is usually made by allowing the luminous flame of 
burning oil to play upon a water-cooled rotating iron disk. The 
deposited soot (lampblack) is remov('d with a scraper. Carbon 
black is made by burning natural gas with an insufficient amount 
of air. Large quantities of both lampblack and carbon black are 
made by the pyrolysis of hydrocarlxins (see j). IV2). Lampblack 
and carbon black arc used in making printer’s ink, black paints 
and varnishes, rubber goods and in calico printing. 

2. Coke.— This form of carbon is a grayish, porous solid, which 
burns with very little flame and no smoke. It is made by driving 
off the volatile matter from bituminous coal. This operation is still 
carried on to a very limited extent in fire-brick ovens shaped like 
beehives. The ovens are filled with (!oal which is partly burned to 
raise the temperaturt . All air is then shut off and the heat destruc- 
tively distills the rest of the coal. The yield of these beehive ovens 
is about 05 per cent of coke, but all of the valuable by-products, 

‘ .1. A. Ph. A. Pr. Ed., p, 370, August (1940.) 
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e, g., ammonia, organic compounds, tar, and combustible gases 
(illuminating gas) are lost. Therefore, the beehive ovens have been 
largely replaced by the more modern by-product coke ovens. These 
ovens not only permit the saving of the volatile products but also 
increase the coke yield by about 10 per cent. Coke is used for fuel, 
for the reduction of iron ore to pig iron, and for many other industrial 
purposes. 

3. (ros Carbon.— Thh is a by-product of the manufacture of il- 
luminating gas. It is a black, dense, hard form of carbon. It is a 
good (conductor of electricity and therefore is used for making carbon 
clec'trodes, etc. 

('aHHON CoiMPOUNDS 

The natural and synthetic compounds of carbon already described 
in the literature number well over 500, ()()() and are more numerous 
than the known compounds of any other element. This vast number 
is not difficult to account for when one considers that carbon deriva- 
tives are the chief components of all plants and animals. The 
natural source's of enrhon compounds quite logically lead to the use 
of the name organic to differentiate them from inorganic or mineral 
substances. (5irbon com])ounds bear a definite relationship to one 
another })ut differ markedly in general hcdiavior from the compounds 
of other elements. In fact, they form a distinct group, the considera- 
tion of which constitutes the interesting study of Organic Chemistry. 
Only a few of the simpler compounds of carbon will be (‘onsidered 
here. 

CARBON AND HYDROGEN 

Compounds composed only of hydrogen and carbon are known as 
hydrocarbons. The hydrocarbons may be saturated or unsaturated 
compounds. The simplest saturated hydrocarbon is methane (CH4) 
and the simplest unsaturated hydrocarbon known is acetylene 
(CoH-j). Both saturated and unsaturated hydrocarbons form homol- 
ogous series in which the individual compounds, when arranged 
in the order of their molecular weights, differ from the compounds 
immediately preceding and following them by a definite increment, 
e. g., Clio. At ordinary temperatures, carbon and hydrogen do 
not unite. In the presence of a contact agent (finely divided nickel) 
and at a temjierature of 250° powdered carbon will combine 
with hydrogen to form methane (CH4). When hydrogen is passed 
through an electric arc formed between carbon poles, some acetylene 
(C2H2) is produced. 

Official Compound of Carbon and Chlorine 

Carbon Tetrachloride ^ N. F. VIII 
Formula, CCI 4 . Molecular Weight, 153.84 

Carbon Tetrachloride or tetrachlormethane (CCI4) Js a clear, 
colorless, mobile liquid having a characteristic odor resembling that 
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of chloroform. It boils between 76 ° and 78 ° C., has a specific gravity 
of not less than 1.588 and not more than 1.590 at 25° C., and is an 
excellent solvent for fats, tars, most fixed and volatile oils, and 
many organic compounds. It is soluble in about two thousand 
times its volume of water and is miscible with alcohol, with chloro- 
form, with ether, with benzene, and with petroleum benzin. It is 
non-inflammable. It is slowly decomposed by light, and by various 
metals, if moisture is present. 

Carbon tetrachloride is made by passing dry chlorine into carbon 
disulfide containing a small quantity of iron as catalyst (1). 

(1) CS2 "h 3C I2 — ^ C^CU -j- S2CI2 

The carbon tetrachloride is first distilled off at 77° C. and the sulfur 
monochloride (boiling-point, 136° C.) is rectified for industrial use. 

Carbon tetrachloride is used with caution as an anthelmintic. The 
average adult dose (single dose) is 2.5 cc. (approximately 40 minims). 
The N. F. VIII recognizes the Carbon Tetrachloride Capsvlcs ((^ap- 
suhe Carbonei Tetrachloridi). These capsules must contain not 
less than 92 per cent and not more than 108 per cent of the labeled 
amount of CCI4. The capsules usually available contain 1 cc. 
(approximately 15 minims) of Carbon Tetrachloride. 

When a sufficient quantity of carbon tetrachloride is added to 
benzine, the mixture becomes non-inflammable and as such is used 
as a safe solvent for the removal of spots and stains from clothing, 
etc. It is also used to kill moths. 

Clarbon tetrachloride is the main constituent of many fire extin- 
guishers. When the liquid is sprayed upon burning material, the 
temperature is lowered due to the heat consumed in vaporizing the 
carbon tetrachloride and these same vapors exclude the air and thus 
stop combustion. 

Official Compounds of Carbon and Oxy(;en 

CARBON DIOXIDE 

Carbon Dioxidcy V, S. P. XIII 
Formula, CO 2 . Molecular Weight, 44.01 

Physical Properties.— Carbon dioxide is a colorless, odorless gas. 
An aqueous solution of the gas has a faintly acid taste. It is about 
one and a half times heavier than air, 1 liter weighing 1.977 Gin. 
at 760 mm. and at 0° C. At 25° C. and 760 mm. pressure, it is 
soluble in about its own volume of water. For pressures up to 
about 4 atmospheres, the gas conforms to Henry’s law.^ By sub- 
jecting the gas to a pressure of about 59 atmospheres, it is rather 
easily converted into a colorless liquid which freezes at —57.7° C. 

1 The concentration of a saturated solution of a given gas is proportional to the 
concentration of pressure at which the gas is supplied. 
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The vapor pressure of solid carbon dioxide is 760 mm. at —79° C., 
hence upon exposure to air the solid evaporates without melting. 
The rapid evaporation of liquid carbon dioxide (from cylinders) 
absorbs sufficient external heat to convert the remainder to a 
crystalline mass (carbon dioxide '^snow^’). It is used to produce 
low temperatures. So-called ''dry ice” is COi-snow pressed into 
forms. 

Chemical Properties. — As evidenced by the extinguishing of a 
burning taper in the gas (air containing 2.5 per cent of CO2), carbon 
dioxide does not support combustion. Between 1200° C. and 
1300° C., it is slightly decomposed into carbon monoxide and 
oxygen (1). 

(1) 200.^ 2CO + O2 

At 2000° C., 1.8 per cent of carbon dioxide is decomposed. It will 
be noted that the reaction is a reversible one and, therefore, the 
products of the de(*omposition reunite when the temperature is 
lowered. However, in the presence of a combustible substance, all 
of the carbon dioxide is reduced to monoxide. Burning magnesium 
ribbon continues to burn in an atmosphere of carbon dioxide, re- 
duces the latter to carbon and forms the oxide of the metal (2). 

(2) 2Mg + CO2 -> 2MgO + C 

When carbon dioxide is passed over heated sodium or potassium, 
the carbonates of the metals and carbon are formed (3). 

(3) 4K + 3CO.> -> 2K0CO3 + C. 

Carbonic Acid and Its Salh\-~ As previously stated, carbon dioxide 
is soluble in water and produces a liquid which contains the very 
weak acid known as carbonic acid. This acid reddens blue litmus 
paper and is a very poor conductor of electricity. Being a dibasic 
acid, it characteristically ionizes in steps, although the secondary 
ionization is very slight (4) and (5). 

(4) H2CO3 + H2O ^ II3O+ + HCO3- 

(5) HCO3- + H2O ;=> II3O+ + C03^ 

Carbonic acid forms both acid (hydrogen) and normal salts. Thus, 
when carbon dioxide is passed into a solution of a lixed alkali, 
the hydrogen salt or bicarbonate is formed (6) which, contrary to 
expectations, does not give an acid solution because of the small 
ionization of the HCOs". When an equivalent amount of fixed 
alkali is added to a solution of the bicarbonate, the normal carbo- 
nate Is formed (7). Due to the somewhat reversible character of 
this reaction, solutions of alkali carbonates are alkaline in reaction. 

(6) NaOH + H2CO3 NaHCOs + H^O 

(7) NaHCOs + NaOH ^ Na2C03 + H2O 
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The carbonates and bicarbonates of ainmoniiiin and the alkali 
metals are soluble, whereas the carbonates of other metals are 
almost insoluble. When carbon dioxide is passed into a solution of 
calcium hydroxide (lime water) or barium hydroxide (baryta water), 
a white precipitate of calcium or barium carbonate is formed (8) 
(test for CO2). If an excess of carbon dioxide is employed, the 
precipitates dissolve because of the formation of the respective 
hydrogen carbonates or bicarbonates (9). Thus, when a natural 
water containing carbon dioxide in solution trickles over limestone 
(normal calcium carbonate), some of the latter is dissolved as cal- 
cium bicarbonate (see Temporary Hard Water, p. 50). If the solu- 
tion is heated, carbon dioxide is evolved and the normal calcium 
carbonate is reprecipitated (9). 

(8) Ca(On),> + CO2 ^ CaC03 i + IL/) 

(9) CaCOa + II2O + CO2 Ca(II(:O:0. 

Official Tests for Identity.— 1. Carbon dioxide extinguishes a Hame 

2. A precipitate of barium carbonate is formed when the gas is 
passc'd through a solution of barium Jiydroxide (8). 

Commercial Manufacture.— Carbon dioxide occurs in simdl (|uan- 
tities in the atmosphere (about 0.03 to 0.04 per cent), in the earth, 
and in the waters of some springs and wells. Some gas wells pro- 
duce gas which is nearly pure carbon dioxide. It is invariably 
produced when any compound containing carbon (c. r/., wood, coke, 
coal, oil, gas, etc.) is burned in excess of oxygen. Carbon dioxide 
is one of the products of chemical change (c. g., decay, fermentation) 
in organic matter (10), Carbon dioxide is also formed by the slow 
combustion of foods in the body (digestion). 

(10) C6H12O6 (a sugar) 2C2H.^OH (alcohol) + 2CO2 j (car- 

bon dioxide) 

Preparation. ~l. When coke is burned in air, an impure gas con- 
taining nitrogen results. When this product is forced under pres- 
sure into a concentrated solution of potassium carbonate, only the 
carbon dioxide is absorbed forming potassium bicarbonate (11). 
When the pressure is reduced and the solution heated, carbon 
dioxide, free from nitrogen, is obtained (11). The carbon dioxide 
under high pressure may be dissolved in cold water to form II2CO3. 
When the pressure is released the carbon dioxide is again liberated. 
This is compressed in iron cylinders. 

( 11 ) H 2 CO 3 + K 2 CO 3 ^ 2KHC()3 

2. Carbon dioxide may be obtained by heating sodium bicarbo- 
nate (12). A large number of normal carbonates are also decomposed 
by heat to oxide and carbon dioxide (13). 

(12) 2 NaHC 03 Na 2 C 03 + CO 2 T + H 2 O 

(13) CaCOs CaO + CO 2 T 
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3. When a carbonate is treated with an acid, carbon dioxide is 
evolved. This method is employed for generating carbon dioxide 
for laboratory use. Calcium carbonate (small lumps of marble) is 
placed in a Kipp generator and dilute hydrochloric acid is allowed 
to act upon it (14). The unstable carbonic acid produced by the 
reaction immediately decomposes into water and carbon dioxide 
(15). 

(14) CaCO, + 2IIC1 II 2 CO 3 + CaCb 

(15) }i2C0,^K,0 + cut 

Pharmaceutical Preparations and Uses. — 1. Carbon Dioxide (C’ar- 
bonei Dioxidum, Carbonic Acid Gas), V. S. P. XIII.— Carbon 
Dioxide contains not less than 99 per cent by volume of CO 2 . Fot 
convenience it is usually supplied in compressed form in metallic 
cylinders. 

Inhalations of oxygen containing 5 per cent of carbon dioxide are 
eflficacious in the treatment of poisoning by carbon monoxide, alco- 
hol, methanol, morphine and, in fact, all cases of depressed respira- 
tion (anesthesia accidents, etc.). The carbon dioxide stimulates 
the vasomotor as well as the respiratory center. 



Fui. 18. Treatment of angioma on the eyelid with a dry ice pencil is safe heeau^e 
the dry ice is confined in the applicator and chips cannot fall into the eye. (Photo- 
iTaph, courtesy of the Kidde ManufacturiiiK Company, Inc.) 


Carbon dioxide is used in the manufacture of various chemicals, 
viz.y sodium bicarbonate (baking soda), normal sodium carbonate 
(washing soda), basic lead carbonate (white lead), etc. Soda water 
(carbonated water) is made by charging water with the gas under 
a pressure of 3 to 4 atmospheres. When carbonated water is admin- 
istered orally, it hastens absorption in the stomach, increases the 
secretion of acid gastric juice (Chiari, 1915) and acts as a earniina- 
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tive. It is used to relieve nausea. It is used pharmaceutically to 
mask the disagreeable taste of certain medicines. 

Carbon dioxide snow for correcting many skin disorders has been 
known as an effective remedy since its introduction in 1905 by 
Pusey.^ It has been used successfully in the treatment of such skin 
conditions as acne, angiomas, corns and callouses, eczema, moles, 
psoriasis and warts. A convenient apparatus for making small 
quantities of carbon dioxide snow is now available.- 

Non-official Compounds of Carbon and Oxygen 

Carbon Monoxide.— Carbon monoxide is a colorless gas having 
a very faint pungent odor and a slightly metallic taste. It is only 
slightly soluble in water (3 cc. in 100 cc. water at about 0° C., 
760 mm.) with which it does not form a compound. Liquid carbon 
monoxide boils at —193'' C. and freezes at about —200° C. 

Carbon monoxide is an unsaturatcd compound and therefore 
combines directly with oxygen, chlorine and the metals (viz., nickel, 
iron), to form additive products. At high temperatures, carbon 
monoxide lias a great affinity for combined oxygen (oxides), a fact 
that is utilized in the recovery of the various metals from their 
respective ores. Because of the increasing number of accidental 
and suicidal deaths due to carbon monoxide poisoning, this com- 
pound is of great toxicological interest. The affinity of hemoglobin 
for carbon monoxide is said to be about two hundred and ten times 
greater than it is for oxygen. Thus, a very low concentration of 
carbon monoxide in the air (0.2 to 0.4 per cent) is generally fatal. 
It produces a very stable, cherry-red '‘carbonic oxide hemoglobin, 
which prevents the hemoglobin from uniting with oxygen (oxyhemo- 
globin) and asphyxia results. Asphyxia produeed by carbon mon- 
oxide is the same as ordinary asphyxia, except that the skin and 
mucous membranes are colored a bright red due to CO-hemoglobin 
instead of being cyanotic (blue), a fact of great diagnostic impor- 
tance. The treatment consists of artificial respiration or forced inhal- 
ations of oxygen, and warmth. Blood transfusions also have proven 
very efficacious. Fifty cc. intravenous injections of a 1 per cent 
methylene blue^ (methylthionine chloride) solution are claimed by 
some to be a valuable adjunct to the above measures. Within recent 
years, a large number of deaths has resulted from carbon monoxide 
produced by allowing automobile engines to run in poorly ventilated 
garages. 

This gas constitutes 4 to 10 per cent of ordinary coal or illuminat’^ 
ing gas and 30 to 40 per cent of water gas {q. v.). It is their principal 
toxic constituent. 

^ J. Am. Med. Assn., 49 , 1954 (1907). 

2 Central Scientific Company, Chicago 13, Illinois 

3 South. Med. J., 27, 812 (1934). 
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Preparation. — 1 . Carbon monoxide may be prepared in the labora- 
tory by heating formic acid or a formate with concentrated sulfuric 
acid and collecting the gas over water (1). 

(1) HCOOH -> COT + H 2 O 

When oxalic acid or an oxalate is heated with concentrated sulfuric 
acid, both carbon monoxide and carbon dioxide are formed (2). 
The mixture is then passed through a solution of sodium hydroxide 
which combines with the carbon dioxide to form sodium carbonate 
and permits the unchanged monoxide to be collected over water. 

( 2 ) II 2 C 2 O 4 COT + CO 2 T + H 2 O 

2. Carbon monoxide is produced when many metallic oxides are 
reduced with carbon (3) (coke or charcoal). 

(3) ZnO + C -> Zn + CO T 

3. When the oxygen of the air comes in contact with hot carbon, 
carbon dioxide is formed (4). The carbon dioxide is readily reduced 
by subsequent contact with hot carbon to carbon monoxide (5). 

(4) C + O 2 CO. + 97,000 calories 

(5) COo + C 2VO - 39,000 calories 

4. When air is forced through or passed over hot coke, a mixture 
of (;arbon monoxide (1 part by volume) and nitrogen (3 parts by 
volume) called producer ga^y is formed. If air and steam together 
are forced through hot carbon, the product contains hydrogen as 
well as (‘arboii monoxide and nitrogen and is known as modified 
producer ga^. 

5. Water gas is essentially a mixture of carbon monoxide (about 
45 per cent) and hydrogen (about 50 per cent). When steam is 
forced through incandescent coke, carbon monoxide and hydrogen 
are formed. Because of the endothermal character of the reaction 
(G), the coke becomes too cool to react. Therefore, an air-blast is 
substituted for the steam and this soon causes the coke to become 
incandescent arid ready to again react with steam. 

(6) C + II 2 O CO + H 2 - 28,300 calories 

When a mixture of steam and air is passed through incandescent 
coke, the product is called semi-water gas. The oxygen of the air 
unites with the coke to produce a temperature sufficiently high to 
permit of the formation of water gas. 

Because of the ease of manufacture, the uniform burning qualities 
and the rathei* high heat values, these gases are used extensively as 
a fuel for industrial and domestic purposes. 

Non-official Compounds of Carbon and Sulfur 

Carbon Disulfide (CS 2 , 76.12).— Carbon disulfide is a clear, color- 
less, highly refractive, very volatile, inflammable liquid boiling at 
30 
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about 40° C. and having a specific gravity of 1.26 at 25° C. An 
explosive mixture is formed when CSj vapors are mixed with air. 
It is slightly soluble in water and very soluble in alcohol, ether, 
chloroform and fixed or volatile oils. It readily dissolves sulfur, 
rubber, iodine and phosphorus. 

Carbon disulfide is made^ by direct union of sulfur vapor and 
glowing charcoal. The vapors of carbon disulfide are condensed 
in a suitable apparatus. Commercially, it is used as a solvent, 
particularly in the rubber industry. 

^ Am. Prof. Pharm., p. 379 (January 1946). 



CHAPTER XXXI 


SILICON AND SILICON COMPOUNDS 

SILICON 

Symbol, Si. Valence, IV. Atomic Weight, 28.00; 

Atomic Number, 14 

History and Occurrence.— Silicon was discovered by Berzelius in 
1820. This non-metallic element does not occur in the uncombined 
condition in Nature. In combination with other elements it is, 
with the exception of oxygen, the most widely distributed and 
abundant of all the elements. When united with oxygen as silicon 
dioxide (silica), it occurs in the form of quartz, flint, sand, etc. In 
this form or in that of the silicates, it is the principal constituent 
of nearly all ro(‘ks and likewise of the soil resulting from their dis- 
integration. Silica is found also in the normal ashes of many 
plants, in the feathers of birds and in the hairs of animals. 

Physical Properties.- Sili(‘on exists in two allotropic forms: the 
cnnorphons and the crystal I ifir. Amorphous silicon is a dark brown 
powder having a density of 2.35. When heated to dull redness in 
an atmosj)here of oxygen, it burns with a brilliant flame and forms 
the dioxide. Crystalline or semi-metallic silicon occurs as large, 
silvery octahedral crystals having a density of 2.49. It melts at 
1420° C. and boils at about 2600° (\ It will scratcli glass. Unlike 
the amorphous variety, it does not inflame in oxygen even when 
heated to a white heat. It burns in chlorine or fluorine. 

Chemical Properties.— It resists attack by all acids except hydro- 
fluoric, which, when mixed with nitric acid and heated, slowly 
dissolves it. Hot cou(*entrated solutions of sodium or potassium 
hydroxides dissolve silicon with the evolution of hydrogen (1). 

(1) Si + 2NaOII + HoO -> Na^SiOa + 2 H 2 T 

Silicon is tetravalent in all of its compounds. Chemically, it 
closely resembles carbon with which it unites at the temperature 
of the electric furnace to form compounds that are known as silicides, 
e. g,y carbon silicide (carborundum CSi). 

At red heat, silicon decomj)oses ammonia into hydrogen and a 
compound containing silicon and nitrogen. Silicon redu(‘es many 
metallic and non-metallic oxides. When fused with alkaline car- 
bonates and hydroxides, it is converted into silicon dioxide which 
dissolves in the molten alkali to form soluble alkali silicates. 

Tests for Identity.— The element, silicon, can be recognized by its 
physical and chemical properties. Silicates can be identified by 
first converting them into silicon dioxide by fusion with a mixture 
of sodium and potassium carbonates and then digesting the mass 

(4G7) 
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first, with hot water and then with hydrochloric acid. The thor- 
oughly washed precipitate of Si 02 is then warmed m a l^d or 
platinum dish with calcium fluoride and sulfuric acid (hydronuoric 
acid may be used) and the gaseous silicon tetraduoride (Silu) passed 
into water in which it hydrolyzes into gelatinous silicic acid and 
fluosilicic acid (2). 

( 2 ) 3Sih\ + 8 H 2 O -> H,Si04 + 2SiFe- + 4HsO^ 

Commercial Manufacture. 1. Amorphous silicon may be prepared 
by (a) the reduction of SiCU with sodium at a high temperature (3) 
and (h) by heating powdered sand with magnesium powder (4) and 
then digesting the mass with hydrochloric acid (5) to remove 
magnesium oxide and any magnesium silicide (Mg 2 Si) ; (c) it is also 
prepared by reducing Si02 in an electric furnace with coke. The 
temperature is very carefully controlled. 

(3) SiCh + 4Na -> Si + 4NaCl 

(4) SiOo + 2iMg — > 2MgO + Si 

(5) JVTgoSi 4“ 4HC I — > 2]\rgCl2 4“ Si -f- 2 II 2 1 

2. Crystalline silicon may be prepared by dissoh ing amorphous 
silicon in molten zinc and allowing the melt to cool slowly. The 
zinc is removed by treatment with hydrochloric acid. 

It may be made either by reducing NuiSiFe or Si02 with an excess 
of Al, or by heating SiOj with carbon in an electric furnace. 

Pharmacological Action of Soluble Silicates.— Very small quantities 
of silicates are found in nearly all tissues. When orally adminis- 
tered, soluble silicates act as mild alkalies. Soluble sodium silicate 
(water glass) is readily absorbed from the alimentary tract and is 
excreted by the urine. Large doses cause lesions of the capillaries 
with interstitial inflammation of the organs, especially the liver, 
r ases of acute poisoning by sodium silicate have been reported. 

Intravenous injections of sodium silicate produce intravascular 
coagulation of the blood. 

Uses.— Silicon is used in the manufacture of silicon tetrachloride 
{q. V.) and various alloys, e. g.y silicon bronze (composed of copper, 
tin and silicon and used for telephone and telegraph wires), ferro- 
silicon, etc. Silicon (also ferrosilicon) is sometimes used in the 
production of hydrogen for filling balloons. 

When coke, silica and ferric oxide (FciOO are heated together 
in an electric furnace, a gray, crystalline compound known as ferro- 
silicon is formed. This alloy of iron and' silicon is used in making 
special steels {e. g., duriron, corrosiron, etc.) which are very resistant 
to the action of acids (especially nitric acid). Silicon and ferro- 
silicon are used as '^scavengers’’ (q. v,) in the steel industry. 

Official Compounds of Silicon 

Purified Siliceous Earth, Terra Silicea Purificata,V .S. P. XIII.— 
Purified Siliceous Earth is a form of silica (Si02) consisting of the 
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frustules and fragments of diatoms, purified by boiling with diluted 
hydrochloric acid, washing, and calcining. It is also known as 
purified kieselguhr, purified infusorial earth, purified tripoli, etc. 

It is an amorphous, very fine, white, light gray or pale buff 
powder. It is gritty, readily absorbs moisture, and retains about 
four times its weight of water without becoming fluid. Purified 
siliceous earth is insoluble in water, acids, or in dilute solutions of 
the alkali hydroxides. It do(‘s not lose more than 10 per cent of 
its weight upon ignition. It is used in pharmacy as an absorbent 
and clarifying agent. Silica is used as a polishing powder for 
metals and for making scouring soaps, soluble glass, cement and 
dynamite (nitroglycerin absorbed in siliceous earth and moulded 
into sticks). 

Pharmaceutical Preparations. — 1. Zinc Oxide Hard Paste (Pasta 
Zinci Oxidi Dura, llnna’s Hard Zinc Paste), N. F. VIII. —This paste 
contains 5 per cent purified siliceous earth as a stiffening agent. 

Bentonite. — {Sqq p. 437.) 

/vao/in. — (See p. 438.) 

Pumice. — {See p. 440.) 

Talc. — (See p. 367.) 

XoN-OFFiciAL Silicon Compounds 

Silicon Dioxide or Silica (Si02).— In the free condition and also 
combined with metallic oxides, this compound occurs widely and 
abundantly distributed in Nature. Pure silica is known in both 
the crystalline and amorphous forms. Quartz (nearly pure SiOo), 
tridyrnite and cristobalite, are examples of the former. Quartz is 
the best known of these crystalline varieties of silica. Quartz speci- 
mens that are colored with various impurities are often used as 
gems, e. g., amethyst (containing manganese and iron). Tridyrnite 
and cristobalite are not as common as quartz and dilTer from it in 
crystallographic structure. Amorphous silica is found in Nature as 
agate, jasper, carnelian, etc. Opal and flint are natural hydrated 
silicon dioxides. 

Amorphous silica can be obtained by fusing a finely powdered 
silicate with sodium carbonate, decomposing the soluble sodium 
silicate thus formed with hydrochloric acid, evaporating the solution 
to dryness in order to convert the silicic acid into silica and washing 
the residue free from soluble chlorides with hot water. The white, 
amorphous powder thus obtained is insoluble in water and all acids 
(except hydrofluoric). It dissolves in hot solution of caustic alkalies 
(1) and to a lesser extent in alkali carbonates (2). At high tem- 
peratures SiOo acts as a strong acid, replacing the P2O5 in normal 
tricalcium phosphate (3), etc. 

(1) Si02 + 2NaOH NWSiOg + H2O 

(2) Si02 + Na2C03 -> Na2Si03 + CO 2 T 

(3) Ca3(P04)2 + 3Si02 + 5C 3CaSi03 + 2P T + 5C'0 t 
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Both the crystalline and amorphous forms ot silica melt Iron. 
1600° to 1700° a and boil at 2230° C.. but the amphorous form 
sublimes at 1750° C. When pure silica (rock crystal) is hised in 
nn electric furnace whose carbon electrodes are protected from the 
sticky melt with carbonized paper, the viscous material can be 
drawn into threads or moulded into flasks, crucibles, dishes, tubes, 
etc. These products arc translucent and because ot the very small 
cubical coefficient of expansion (5 x 10“') possessed by the material 
from which they are made, will not break when they are heated 
red hot and plunged into cold water. This variety of fused silica 
is known as vitremil. When fragments of quartz are fused under 
pressure in an electric furnace, a transparent quartz is obtained 
which can be rolled into sheets or made into optical lenses that 
will withstand intense heat. Because such a clear, fused quartz 
interposes less resistance than glass to the passage of light through 
it (especially the beneficial ultra-violet of sunlight), it is used in 
making window panes for use in hospitals, etc. 

The use of sandstone and quartzite for building purposes is well 
known. Enormous quantities of sand are used in making glass, 
porcelain, china, cement, water glass, sand paper, etc. 

Ohm docs not possess any crystalline structure nor definite melt- 
ing-point and therefore, may be considered to be a super-cooled 
liquid. It is essentially a mixture of various silicates. The basic 
elements are usually alkali or alkaline earth oxides, and metallic 
oxides, whereas silicon dioxide usually constitutes the acidic con- 
stituent. Other acid-forming oxides such as boric oxide or phos- 


phoric pentoxide are sometimes employed in whole or part. The 
physical properties of glass are dependent upon the basic and acidic* 
oxides used in its preparation. Thus, ordinary soft glmfi (readily 
softened by heat) is a fusion product of lead silicate (PbSiO.O and 
sodium silicate (Na 2 SiO.{), whereas, hard glas.^ contains potassium 
silicate and sometimes magnesium or aluminum oxides in place 
of sodium silicate. A glass having low refraction but high disper- 
sion is called a flint gla.s\s\ A lead-potassium glass is an example. 
It is used in making lenses for optical instruments, cut glass dishes, 
etc. A crown glass has a high refraction and a low dispersion. Lead 
and barium glasses are examples. Soda lime glass is used for com- 
mon bottles. A very tough glass having a much low'er coefficient 
of expansion than ordinary glass is made by heating together a 
large excess of silica with borax, sodium oxide, and aluminum oxide. 


This glass does not crack when exposed to sudden changes in tem- 
perature and therefore is used for making chemical glassware 
(pyrex, containing up to 80 per cent silica) and certain cooking 
utensils. 


The very chemical nature of glass suggests that under suitable 
conditions it might hydrolyze to a slight degree and yield free 
hydroxide ion, silicon dioxide, or some of the polysilicic acids. Soft 
glass, especially, is prone to such decomposition. Therefore, the 
National Formulary VIII establishes tests for solubility and reac- 
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tion as a minimum requirement of quality of the glass that is to be 
used for the manufacture of ampuls. 

Silicon Carbide.— Carborundum (SiC, 40.07).— Pure silicon car- 
bide forms green to bluish-black, iridescent, crystalline plates 
belonging to the hexagonal system. The commercial product has 
a hardness of 9.5 which is between that of sapphire and diamond. 
It fuses with difficulty, but decomposes at about 2200° C. Its 
specific gravity is 3.17 at 20° C. It resists attack by almost all 
chemical reagents. 

It is made by Acheson’s process, which consists in heating a 
mixture of coke, sand and a little sawdust and salt in an electric 
furnace (1). The resistance offered to a powerful electric current 
by a core of granular carbon is sufficient to raise the temperature to 
about 1950° C. At this temperature, the silicon unites chemically 
with the carbon and carbon monoxide is given off. 

(1) Si02 + 3C SiC + 2CO t 

Because of its extreme hardness, pulverized silicon carbide is mixed 
with a binder (clay) and moulded into whetstones, grindstones, etc. 
The powdered material is used as an abrasive. 

Hydrides.— Just as carbon forms series of hydrocarbons, so silicon 
forms at least one series having the general formula Sinn 2 n+ 2 , which 
corresponds to the methane or paraffin series. At least the first 
five or six members of this series have been prepared; the two best 
known ones are monosilane (SiH 4 ) and disilane (Si^He). The former 
may be prepared by treating magnesium silicide (made by fusing a 
mixture composed of anliydrous magnesium chloride, dried Na 2 SiF 6 , 
iVaCl, and Na) with water or acids (1). 

(1) IMg2Si + 4HC1 - 2MgCl2 + SiH4 T 

Monosilane is a colorless gas w^hich, when pure, does not spontane- 
ously inflame at ordinary temperatures and pressures. However, 
when prepared as given above, it is contaminated with small 
amounts of disilane (silicoethane) and then ignites spontaneously, 
evolving dense fumes of silicon dioxide. It burns in chlorine to 
form chlorine derivatives. 

Disilane may be prepared by treating lithium silicide with con- 
centrated hydrochloric acid. It burns in air and behaves as a 
reducing agent. 

Halogen Compounds.— Silicon Tetrachloride (SiCb, 169.888) is 
formed when a current of chlorine is passed over a hot mixture of 
silica and carbon (1). The vapors are condensed in an ice-cooled 
vessel. 

(1) Si02 + 2C + 2 CI 2 -> SiCb t + 2CO T 

It is a clear, colorless, stable, fuming liquid which boils at 57.5° C. 
and has a specific gravity of 1.52 at 0° C. Water decomposes it 
into silicic acid and hydrochloric acid (2). It unites with ammonia 
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to form a dense, white smoke which consists of silicict acid and 
ammonium chloride (3). It is used in warfare to produce a smoke 
screen, and in the glass and ceramic industries. 

(2) SiCU + 4H2O H4Si04 i + 4HC1 

(3) SiCh + 4NH3 + 4H2O H4Si04 + 4NH4CI 

Silicon Hexachloride (Si2Cl6) is formed when \'apors of silicon 
tetrachloride are passed over fused silicon. It is a colorless, fuming 
liquid that boils at about 14b° T. It is decomposed by water. 

Silicon Chloroform (SiHCh). — This compound is analogous to 
chloroform (CHCI3). It is formed when crystallized silicon is heated 
to dull redness in hydrogen chloride (4). 

(4) Si + 3HC1 SiHCl3 + II2 T 

It is a colorless, fuming liquid that boils at 33° C. It burns with a 
greenish flame and is decomposed by water. Silicon bromoform 
(SiHBrs, melting-point 60° C.) and silicon iodoform (Sillla, melting- 
point 8° C.) have also been prepared. 

Silicon Tetrabromide (SiBr4, 347.72) and Silicon Tetraiodide (Sil4, 
535.74) are made by methods that are similar to those used in 
preparing the tetrachloride. The bromide is a colorless liquid that 
boils at about 153° C., whereas the iodide crystallizes in colorless 
octahedra which melt at 120° C. and boil at 290° C. Both com- 
pounds are decomposed by water (5), alcohol (6), and ether (7) 
with great evolution of heat. 

(5) SiBr4 + 4H2O -> H4Si04 1 + 4HBr 

(6) Sil4 + 2C2H5OH Si02 i + 2C2H5I + 2H1 

(7) Sil4 + 4(C2H5)20 Si(OC2H5)4 + 4C2H5I 

Silicon Tetrafiuoride (SiF4) is prepared by heating silica with 
fluorspar and concentrated sulfuric acid (8). It is a colorless gas 
having a very pungent odor. It is decomposed by water into 
orthosilicic acid (9) (H4Si04) and fluosilicic acid (10) (H2SiF6). 

(8) Si02 + 2CaF2 + 2 H 2 SO 4 SiF4 + 2 CaS 04 + 2 H 2 O 

(9) SiF4 + 4H2O 4HF + Il4Si04 

(10) 2HF + SiF4 H2SiF6 

Fluosilicic Acid and Fluosilicates.— When the vapor of silicon 
tetrafluoride is brought in contact with water, a vigorous reaction 
takes place with the formation of silicic acid (insoluble) and fluo- 
silicic acid (soluble). (See Silicon Tetrafluoride.) In order to pre- 
vent stoppage of the tube with the gelatinous silicic acid, the end is 
kept under mercury upon which is superimposed a layer of water. 
When the solution is filtered and concentrated, the fluosilicic acid 
decomposes into silicon tetrafluoride and hydrofluoric acid (11). 

(11) H2SiFe ?:± 2HF + SiF4 
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A fluosilicate is formed by neutralizing a solution of fluosilicic acid 
with a base. Most of these salts are soluble but others, notably 
those of lithium, potassium, sodium, barium, and calcium are 
almost insoluble. Fluosilicates which are used for insect powders 
and insecticide sprays have been shown by Marcovitch to be very 
toxic. 

The Silicic Acids. — When silicon tetrachloride is treated with 
water, orthosilicic acid (H4Si04) is thrown down as a gelatinous 
precipitate which is a good example of a hydrogel or gel. Orthosilicic 
acid, formed by the interaction of sodium silicate (dilute solution) 
and hydrochloric acid, remains in the colloidal state and is known 
as a hydroHol or hoI. Orthosilicic acid cannot be prepared from its 
anhydride (silicon dioxide) and water, but must be made as pre- 
viously described. When 1 molecule of orthosilicic acid loses a 
molecule of water, it is converted into metasilicic acid (HoSiO^). 
A number of other silicic acids in the form of their simple or mixed 
salts are found in Nature. These acids may be considered as con- 
densed or polysilicac acids and are formed by the loss of water from 
more than 1 molecule of orthosilicic acid (1 to 8). 

(1) H4Si04 (zircon— ZrSi04; garnet— Ca3Al2(Si04)3) 

(2) Il4Si04 — HoO 1108103 (metasilicic acid) (enstatite - ]MgO.- 

Si02 ; beryl -:3He() . AI2O3 . GSiOo) 

(3) 21148104 — IIoO — > lUSiiO; (orthodisilicic acid) (kaolinite— Alo- 

8io07 . 2II0O; hardy stonite—raoZn8io07) 

(4) 21148104 — 2II0O I^SioOr, (dimetasilicic acid) (rhodonite— 

MiioSioOc; spodiimene— AlLiSi20f,) 

(5) 21148104 — 3HoO — > H28io05 (metadisilicic acid) (rivaite— (^ao- 

Nao(Si.A)3) 

(0) 31148164 — 2HoO — > H88i30io (orthotrisilicic acid) (melilithe— 
Ca48i30i()) 

(7) 31148104 — 3II2O — ^ Il68i;iOo (trimetasilicic acid) (wollastonite 

— Ca38i309) 

(8) 31148104 — 4II0O I^SiA (trisilicic acid) (meerschaum — Mg.- 

SisOg. 2HoO; orthoclase— AlK8i308) 

Water glasH is made bv fusing sand (silica) with sodium carbonate 

(9) . 

(9) xSi02 + Na^CO., Na^SA . x'SA + COo T 

Water glass is not pure sodium (meta) silicate. By varying the 
quantities of silica and sodium carbonate in the fusion mixtures, 
products containing silicates of variable compositions and of differ- 
ent solubilities are obtained. Commercial solutions of water glass 
are sometimes called “silicate of soda.” These are of variable com- 
position and contain an excess of silica, most of which is in colloidal 
suspension. 8uch solutions are used for glueing cardboard boxes 
and for “filling” cheap soaps. 8ilicate of soda is employed as a 
fire-proofing agent for wood, cloth, fiber, board, etc. Dilute solu- 
tions are used for preserving eggs. A granular powder of the 
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hydrated sodium metasilicate (Na2Si03.5H20) is used as a detergent. 

Soluble sodium silicate and also colloidal silicic acid nave been 
recommended for the treatment of tuberculosis and arteriosclerosis. 
They have not been established clinically. 

When an alkaline solution containing about 20 ])er cent ot sofliuni 
silicate is exposed to the air, it forms a hard, glassy mass, hraetiire 
dressings are sometimes coated with this solution. 

Salts of Polysilicic Acids.— Purified forms of nati\'c alumiiium 
polysilicate (kaolinite, Al2Si207.2H20) and of native magnesium 
polysilicate (talc, Mg3Ho(Si03)4) are recognized by the N. k. \ III 
and the P. S. P. XIII, re.spectively. 



CHAPTER XXXII 


TITANllM, ZI1U:0NIUM AND CERIUM AND THEIR 
COMPOUNDS 

TITANIUM 

Symbol, Ti. \^alence, II, III, IV. Atomic Weight, 47.90; 

Atomic Number, 22 

In 1789, the Kev. William Gregor discovered a new metal in 
ilmenite (FeTiO.O- Six years later Klaproth studied the composition 
of nitile and named the metal it contained, titanium. Subsequently, 
he found the same metal in ilmenits. The name of the element 
signifies the “sons of the earth.” 

According to Clarke’s table of the abundance of the elements, 
titanium stands just above chlorine. It occurs in a greater amount 
than either phosphorus or carbon. It is found as the dioxide, TiO‘>, 
in the minerals rutile y brookitc and anatase, all three possessing 
different crystalline forms. Another important mineral is ilmenite. 
Magnetic iron ores frequently contain titanium. 

The metal is difficult to obtain in the pure state. Its dioxide is 
reduced by sodium or magnesium (1). 

(1) TiO, + Na -^.Ti + NaO.> 

Podszus describes a meihod of making almost pure titanium by 
heating the tetrachloride with sodium in a steel bomb filled with 
hydrogen or carbon dioxide (2). 

(2) Ti(1, + 4Na Ti + 4NaCl 

Titanium is a steel-gray, brittle metal having a density of 4.87. 
It melts at about 1800° C. It burns brilliantly in oxygen and unites 
with nitrogen with great vigor. Its alloys with steel are of some 
importance. 

Official Compounds of Titanium 

TITANIUM DIOXIDE 

Titanium Dioxide, N. F. VIII 
Formula, TiO^. Molecular Weight, 79.90 

Physical Properties. —Titanium Dioxide occins as a white, amor- 
phous, tasteless, odorless, infusible powder. A suspension of tita- 
nium dioxide (1 in 10) in distilled water is neutral to litmus paper. 
It is insoluble in water, in hydrochloric acid, in nitric acid, and in 
dilute sulfuric acid. 


( 475 ) 
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Chemical Propertdes.—Titanium dioxide dissolves in Hot concen- 
trated sulfuric acid, and in hydrofluoric acid. It is rendered soluble 
by fusion with potassium bisiilfate or with alkali hydroxides or 
carbonates. 

Hydrogen peroxide reacts with titanum dioxide in dilute sulfuric 
acid to produce an orange-red color of titanium peroxide (riO,?)- 

The dioxide is reduced to metallic titanium when heated with 
carbon, calcium, sodium or magnesium. 

Official Tests for Identity.— Titanium dioxide is dissolved in sulfuric 
acid with the aid of heat. This solution is diluted and filtered. An 
orange-red color of titanium peroxide develops u])on the addition of 
a few drops of hydrogen peroxide. 

Commercial Preparation.- Titanium dioxide occurs in Nature 
{q. V.) but a better prodiu^t is obtained by treating ilinenite (FeTiO.i) 
with hydrogen chloride and chlorine (3). 

(3) 2FeTi03 + 4HC1 + Ch ^ + 2Ti(\ + 211,0 

Pharmaceutical Preparations and Uses.- 1. Titanium Dioxide 
(Titanii Dioxidum), N. F. VUL— ‘‘Titanium Dioxide, when dried 
at 105® for 3 hours, contains not less than 99 per cent of TiO,.” 
It is used as a white pigment in creams and paints. The refractive 
characteristic makes it useful to ward off light rays and is used for 
this purpose in sun-tan preparations. It does not react with 
hydrogen sulfide, is very stable to weather conditions and spreads 
well when mixed with a suitable paint base. These })roperties 
make it useful for special paints. 

2. A^ ¥. Sun Cream (Cremor Solis N. F., Sun Tan Ointment), 
X. F. VIII. — This cream contains 1 per c(‘nt of titanium dioxide 
as a refractory material. 

Xox-OFFiciAL Compounds of Titaxifm 

Compounds.— The main valence of Titanium is 4. It exhibits also 
the valence of 2 and 3. Thus the oxides TiO and Ti/la Jire known. 
The peroxide, TiO^, has been obtained. The chlorides TiCl, and 
TiCls are powerful reducing agents. TiOb hydrolyzes very readily 
and, being a liquid, fumes strongly in moist air. The sulfates 
Ti (864)2 and TiS04 have been prepared. In addition to acting as 
a metal in the foregoing compounds, titanium acts as a non-metal 
to form titanates such as K2Ti()3 and CaTiOs. The latter com- 
pounds occur in the Urals and in Arkansas as the mineral perofd'ite. 

ZIRCONIUM 

Symbol, Zr. Valence, II, IV. Atomic Weight, 91.22; 

Atomic Number, 40 

In 1789, Klaproth discovered a new earth in the mineral zircon 
to which he assigned the name “zirconia.^^ The metal was first pre- 
pared by Berzelius as a gray powder by heating potassium zircono- 
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fluoride with potassium. The metal was obtained in a state of 
purity of a little more than 99 per cent by heating the oxide, Zr02, 
with shavings of calcium in an evacuated vessel. Zirconium has a 
density of 6.4 and melts at about 1927° C. 

Compounds.— Zirconium is found in Nature as the silicate, zircon 
(ZrSi02) and as the oxide, badcleleyite (ZrO^). Zirconia, Zr02, is 
obtained from zircon, ZrSi02, by heating the latter with potassium 
hydrogen fluoride. Potassium zirconofluoride, K2ZrF6, is formed. 
This compound is decomposed with sulfuric acid and the zirconia 
is precipitated with ammonium hydroxide from the resulting solu- 
tion. The oxide is both basic and acidic. It dissolves in acids to 
form salts such as the nitrate, Zr(N03)4, and the sulfate, Zr(S04)2. 
When the oxide is fused with basic oxides or carbonates of the 
metals, zirconates are formed. Meta- and ortho-zirconates such as 
NaiZrOa and Na4Zr04 are known. Poly zirconates also have been 
prepared. The metal acts almost entirely with the valence of 4, 
yet the oxide, ZroOa, and the hydride, ZrhL, are given in the litera- 
ture. Their existence is questionable. It acts like silicon by forming 
compounds such as KiZrOe. The halides, such as ZrCh, hydrolyze 
easily to form basic salts, such as ZrOClo. 

Uses.— Zirconium or its salts have found little use in medicine. 
Recently^ it has been recommended for use in sutures and dental 
equipment because it does not corrode easily. 

CERIUM 

Symbol, Ce. A’alence, III, IV. Atomic Weight, 140.13; 

Atomic Number, 58 

History. — In 1803, Berzelius and Ilisinger simultaneously dis- 
covered the oxide (CeOj) of a new element in a Swedish mineral. 
Ilisinger called the oxide ceria and the clement cerium in allusion 
to the planet, Ceres, which had but recently been discovered. 
Mosander obtained the element in 1826, and found that ceria was 
a mixture of the oxides of cerium, lanthanum and “didymium.’’ 

Occurrence.— Cerium, together with lanthanum, praseodymium, 
neodymium, illinium and samarium, is found as silicate in the 
minerals cerite and alhuiite. The mineral munazife, which is the 
chief source of thorium oxide, also contains cerium. 

Physical Properties. Cerium is an iron-gray, ductile and malleable 
metal. It has a density of 6.9, fuses at 640° (\, and boils at 1400°C. 
The metal is insoluble in water but soluble in acids. 

Chemical Properties.- Cerium forms two series of compounds: 
(1) cerous salts (CeXa) and (2) ceric salts (CeX4). 

The cerous salts are colorless and stable. In these cerium has a 
valence of 3. A cerous salt heated with a volatile acid such as 
nitric or oxalic, results in the formation of cerium dioxide (Ce02). 
The cerous oxide (Ce203) may be obtained by reducing the dioxide 

‘ Ind. Eng. Chem.. 39 , 34 A (1947). 
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with calcium. Solutions of cerous salts, when treated with an 
alkali, form a white precipitate of cerous hydroxide (1). 

(1) Ce(N 03)3 + 3NaOH ^ Ce(0H)3 j + SNaNOa 

This hydroxide is readily oxidized on exposure to air, to red, v iolet 
and finally yellow ceric hydroxide (Ce(0n)4). hrom solutions of 
cerous salts, ammonium sulfide precipitates cerous sulfide which is 
immediately hydrolyzed to the hydroxide. 

The ceric salts color their solutions an orange-red. I hey nrv 
readily reduced by most reducing agents such as ferrous salts aial 
hydroquhiones to cerous salts. Ceric salts h)rm insoluble carbo- 
nates and hydroxides. 

Commercial Manufacture. —Metallic cerium is obtained with a 
small amount of lanthanum and other rare-earths mixed with it, 
by the electrolysis of cerium chloride. It may also be made by 
the reduction of the oxide with magnesium powder. 

Pharmacological Action of Cerium Ion.— Cerium salts injected intra- 
venously depress the heart and thus affect tlie circulation. When 
soluble salts are ingested they cause blood to effuse from the wall 
of the vStomaeh and intestine. The use of insoluble salts such as 
cerium oxalate caused no effect since they are unabsorbed. 

Uses.— Metallic cerium finds little use as such and is employed 
mostly for preparing its salts. 

Cerium (about 70 per cent) and iron (about 30 per cent) form one 
of the principal pyrophoric alloys. It is often called “?/c/.srA meiaW 
When particles of this alloy are torn off* by a file, they cateh fire 
in the air and will ignite illuminating gas and vapors of benzine, 
alcohol, etc.; hence the use of this alloy in making gas lighters, cigar 
lighters, etc. 

Official Compounds of Cfhium 

CERIUM OXALATE 

Cerium Oxalate, N. F. VIII 

Formula, Ce2(C204)3. Molecular Weight, 544.20 

Physical Properties.— Cerium oxalate occurs as a fine, white, or 
slightly pink powder, without odor or taste, and is permanent in 
the air. It is insoluble in water, in alcohol, in ether, in solutions of 
the alkali hydroxides, in cold dilute .sulfuric acid, and in cold 
dilute hydrochloric acid, but it is dissolved by these acids when 
heated. 

Chemical Properties.- Cerium oxalate is the oxalate salt of cerom^i 
cerium, having the formula Ce2(C204).j. 

1. Cerium Oxalate when treated with sodium hydroxide T.8. 
forms insoluble cerous hydroxide and soluble sodium oxalate (1). 

(1) Ce2(C204)3 + ONaOH -> 2Ce(OII):a -|- 
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When calcium chloride T.S. is added to the filtrate a white precipi- 
tate forms, insoluble in acetic acid but soluble in hydrochloric 
acid (2). 

(2) Na2C204 + CaCb CaC204i + 2NaCl 

2 . When a hot hydrochloric acid solution of cerium oxalate is 
treated with sodium hydroxide T.S. there is produced a white 
precipitate (Ce(OH)3) that slowly turns yellow (Ce(On)4) {q, v,). 

3. Ammonium carbonate T.S. when added to a hydrochloric acid 
solution of cerium oxalate causes white cerous carbonate to pre- 
cipitate. 

4. When the oxalate is ijj:nited, it decomposes and leaves not less 
than 47 per cent of a reddish-brown residue. Cerium dioxide is 
white if pure hut a brown color is due to the presence of praseo- 
dymium oxide (IV2O3). 

5. When cerium oxalate is mixed with lead dioxide and the mix- 
ture boiled with nitric acid, the liquid becomes yellow due to the 
formation of ceric nitrate (Ce(X03)4). 

Official Tests for Identity. — 1. Sodium hydroxide T.S. reacts with 
cerium oxalate to form soluble sodium oxalate that responds to the 
tests for the oxalate ion (7. ?).). 

2. Cerium oxalate in hot hydrochloric acid solution will produce 
a. white precipitate (Ce(OII)3) which slowlv turns yellow in air 
(( e(OH)4). 

3. A white precipitate (Ce2(C03)3) is formed when ammonium 
(‘arbonate T.S. is added to a hydrochloric acid solution of the salt. 

Commercial Manufacture.— Cerium oxalate for medicinal use is 
j)repared from the mineral cerite or from monazite sands by a 
rather lengthy process. The different steps involved are as follows: 
(a) Digestion of the powdered mineral with sulfuric acid and the 
oxidation of the dried mass with nitric acid. (6) Removal of copper 
and other heavy metals with hydrogen sulfide, (c) Precipitation 
of the cerite metals with oxalic acid, (d) Calcination of the mixed 
oxalates with magnesium carbonate and the solution of the residue 
in a small amount of nitric acid, (e) Precipitation of yellow ceric 
sulfate by pouring the nitric acid solution into a large volume of 
0.5 per cent sulfuric acid and thus effecting a fair separation of 
cerium from other associated metals, (f) Solution of the ceric 
sulfate in sulfuric ac*id and its reduction with sodium thiosulfate to 
cerous sulfate, (h) Precipitation with oxalic acid of the cerous ion 
as oxalate and drying. 

The following chemical equations possibly represent the chemical 
steps in the process. 

(a) Cerite + H.SO. CeCSO.). 

(b) CUSO4 + H.S CiiS i + TT2SO4 

(c) Ce(S04)., + 2II.C2O4 Cc(C.A) 2 i + 2TI5S04 
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(d) Ce{C, 0 ,), + 2MgC03 ^ Ce(C03)2 + 2MgO + 3 CO,T +CO| 

(e) Ce(COa)2 + 4nN03 Ce(N03)4 + 2 CO 2 T + 2 H 2 O 

(0 Ce(N 03)4 + 2H2SO4 Ce(S 04)2 i + 4 HNO, 

(g) 2Ce(S04)2 + 2Na2S203 €62(804)3 + Na2S406 + Na2SO. 

{h) €62(804)3 + 3 H 2€204 -> €62(0204)3 i + 3H28O4 

Pharmaceutical Preparations and Uses.—l. Cerium Oxalate (Cerii 
Oxalas), N. F. VIIL —Cerium Oxalate is a mixture of the oxalates of 
cerium, neodymium, praseodymium, lanthanum, and other asso- 
ciated elements. It is used against vomiting, especially during the 
early stages of pregnancy. It has been found^ that large doses, 
which are non-toxic, delay vomiting from local gastric irritation. 
The properties are similar to the insoluble bismuth compounds but 
have no advantage over them. Average dose— 0.2 Gm. (approxi- 
mately 3 grains). 

Non-offk’ial Compounds of Cerium 

Ceric Sulfate.— Ceric sulfate, Ce(SO02, contains variable amounts 
of water. It also contains sulfates of the other associated earths. 
It occurs as yellow to orange-yellow crystals or as a crystalline 
powder. The salt is insoluble in cold water, slowly soluble in cold 
dilute mineral acids and readily soluble when heated with these 
solvents. It is a strong oxidizing agent and may replace potassium 
permanganate in most reactions. The salt must be used in acid 
solutions as it hydrolyzes to ceric hydroxide in neutral or basic 
solutions. The ceric salt may be prepared from the cerous salt by 
(a) heating with lead dioxide (PbO>) and nitric acid (1) (see Chemical 
Property 5 ), (b) heating with ammonium persulfate, (c) electro- 
lysis, (d) treating with sodium bismuthate. Ceric sulfate is used in 
U. S. P. XIII as an oxidizing agent in the assay of mass of ferrous 
carbonate, menadione, and tablets of ferrous sulfate. 

( 1 ) 2 Ce+++ + PbO. + 4II3O+ 2 Ce++++ + Pb++ + 6H2O 

Other Compounds.— Cerium forms two basic oxides, Ce203 and 
Ce02. The dioxide is used extensively in making gas mantles 
which, when heated by the non-luminous flame of a burner, become 
incandescent and emit a white light. These mantles usually con- 
tain about 1 per cent of cerium dioxide and 99 per cent of thorium 
dioxide. 

Cerous Nitrate [Ce(N03)3.6H20] crystallizes in colorless, trans- 
parent prisms. It may be made by the mutual decomposition of 
cerous sulfate and barium nitrate. Ceric nitrate [Ce(N03)4], like all 
of the ceric salts, is orange-red in color. 


' Baehr and Wessler (1909). 
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GERMANIUM AND TIN AND THEIR COMPOUNDS 

GERMANIUM 

Symbol, Ge. Valence, II, IV. Atomic Weight, 72. (K); 

Atomic Number, 32 

History and Occurrence. - In 1871, Mendeleeff predicted this ele- 
ment and gave it the name eka-silicon. Winkler discovered it in 
1886 in the mineral argyrodite (5 to 7 per cent Ge), which is a sulfide 
of germanium and silver (GeS2.3Ag2S) mined at Freiburg, Saxony, 
and Ormo, Bolivia. He found the properties of this new element 
to be in close agreement with those predicted by Mendeleeff for the 
hypothetical element, eka-silicon. It is also found in euxenite in 
Sweden. 

Physical Properties.— Germanium is a soft, white, lustrous metal. 
It has a density of 5.36 and melts at 958.5° C. When the fused 
metal is slowly cooled, it crystallizes in the regular system. It is 
stable in air. 

Chemical Properties.— The metal is insoluble in hydrochloric acid. 
It is readily attacked by nitrohydrochloric and sulfuric acids to 
form GeCb and (10(804)2, respectively. Nitric acid oxidizes the 
element to white germanic oxide (Ge02). It is insoluble in concen- 
trated solutions of the alkali hydroxides but dissolves with incan- 
descence in molten alkali hydroxides. 

Germanium forms two series of compounds. In one of these the 
metal is bivalent (germanous series) and in the other quadrivalent 
(germanic series). It unites directly with the halogens. 

Germanium forms two oxides, GeO and Ge02, from which are 
derived two series of compounds, mz., the germanous and the ger- 
manic. Germanous compounds are rather unstable, whereas the 
germanic compounds are characterized by their greater stability. 
Germanous chloride (GeCb) is a strong-smelling liquid obtained by 
heating the metal in an atmosphere of hydrogen chloride. It boils 
at 72° C. Germanic chloride (GeCb) is a liquid resembling german- 
ous chloride. It is made by the action of chlorine upon the metal. 
It boils at about 86° C., and is easily hydrolyzed by water. 

Germanium salts give almost no characteristic reactions with the 
different reagents. In general behavior, it lies between tin and 
silicon. White germanic sulfide (GeS2) is precipitated by hydrogen 
sulfide from strongly acid solutions of germanium salts. The pre- 
cipitate is soluble in ammonium sulfide. 

Commercial Manufacture.— The pulverized mineral, argyrodite 
(approximately 5 to 7 per cent of germanium) is thoroughly mixed 
with equal weights of sodium carbonate and sulfur and then fused. 
When cooled, the mass is extracted with water in which the ger- 
31 ( 481 ) 
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manium goes into solution as a thio-compound. The arsenic and 
antimony are separated by neutralizing the solution with sulfuric 
acid. The filtered solution is made distinctly acid with hydrochloric 
acid and the germanium precipitated with hydrogen sulhde as 
white germanic sulfide ( 6082 ). The metal is obtmned either by re- 
ducing the sulfide with hydrogen, or the oxide, Ge 02 , with hydrogen, 

carbon or magnesium. . 

Uses. -Germanium dioxide has been used to increase the torma- 
tion of red blood cells, and for the treatment of anemia. It is not 
in general use. 

TIN 

Symbol, Sn. Valence, II, IV. Atomic Weight, 118.70; 

Atomic Number, 50 

History. "This element is found as a component of prehistoric 
bronzes and therefore must have been used by man as a metal many 
thousands of years before the dawn of history.^ In his writings, 
Herodotus spoke about the Cassiterides or “tin islands. It is 
evident that tin was imported from the British Isles (Cornwall) 
into Italy after, if not before, the conquest of Britain by Julius 
Caesar. Pliny’s writings indicate that in his time the Romans 
did not differentiate between tin and lead, because he refers to the 
former as plumhm album and to the latter as plumbim nigrum. 

Occurrence. “-Small quantities of the free metal are found in the 
gold ores of Siberia, Guiana and Bolivia. The principal ore of tin is 
cassiierite or tinstone, which is almost pure, crystallized SnOi. It 
occurs in its matrix in veins or dis.seminated through rock masses 
and is known as vein- or mine-tin. The disintegration of these 
rocks gives rise to alluvial gravels (found in stream-beds) in which 
tinstone is found in the form of lumps or grains and is called stream- 
tin. Most of the tinstone is obtained from the Malay Peninsula, 
the islands of Banka and Billiton, the Dutch East Indies, Bolivia, 
Cornwall, and Australia. In the United States, tin is found in 
South Dakota and in South Carolina. 

Physical Properties. —At ordinary temperatures, tin is a white, 
lustrous metal having a density of 7.31 and a crystalline form 
belonging to the tetragonal system. It is a good conductor of heat 
and electricity. It is pliable and malleable, and may be rolled into 
very thin sheets (tin-foil). When tin is bent, a peculiar sound is 
heard. This is sometimes called the “cry of tin,'’ and is caused by 
the friction of its crystalline particles. At 161® C. tetragonal tin 
changes to rhombic tin, which is brittle and has a density of 6.56. 
Rhombic tin melts at 231.9® C. and distils at 2270® C. The transition 
of tetragonal tin to gray tin takes place either at low temperature 
(—40° C.) or when gray tin is present and, when the conversion is 
once initiated, it proceeds rapidly. The metal modifies its structure 

» The early Greek alchemists named the metal Hermes and during the sixth 
century, it was called Zensor Jupiter and designated by the symbol 
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and becomes a gray powder having a specific gravity of 5.85 at 
15° C. The transition temperature is 18° C., and the phenomenon 
is known as “tin-disease” or “tin-plague."’ 

Chemical Properties.— At ordinary temperatures, tin is only 
slightly changed by air and by water. As the temperature is in- 
creased, a film of oxide (SnO) forms on the surface, and at white 
heat the metal is converted to the dioxide (SnO^), which is yellow 
when hot and white when cold. 

Tin is slowly attacked by dilute acids, yielding stannous salts 
and hydrogen. Concentrated nitric acid converts it into jS-stannic 
acid (meta-Stan nic acid). The metal resists weak alkalies, but 
dissolves in hot concentrated alkalies to form irieta-stannates and 
h^Tlrogen. 

Tin unites directly with most of the non-metals. It forms also a 
number of very useful alloys, e. r/., pewter (Sn, 80 per cent; Pb, 20 
per cent), solder (Sn, 50 per cent; Pb, 50 per cent), type metal (Sn, 
25 per cent; Pb, 50 per cent; Sb, 25 per cent), gu7i metal (Sn, 10 per 
cent; Cu, 90 per cent), Rose's inetal (Sn, 25 per cent; Pb, 25 per 
cent; Bi, 50 per cent), bronze, bell metal, britannia metal, etc. Tin 
forms an amalgam which is used largely for silvering mirrors. 

The (‘heinical properties of the stannous and stannic ions are 
expressed in tlie following reactions. 1. When hydrogen sulfide is 
passed through a not too acid solution of a stannous salt, brown 
stannous sulfide (1) which is soluble in ammonium sulfide (2) is 
precipitated. 

(1) Sn++ + IPS + 2HoO SnS | + 2H3O+ 

(2) SnS + (NH4)2S2 (i\H4)2SnS3 

With a solution of a stannic salt, hydrogen sulfide precipitates 
yellow stannic sulfide, which is soluble in ammonium sulfide (3). 

(3) Sn+-f-++ + 2H2S + 4II2O -> SnSo j + 4H3O+ 

2. Sodium or potassium hydroxide added to a solution of a stan- 
nous salt, produces a white precipitate of stannous hydroxide (4), 
which is easily soluble in alkalies to form stannites (5). 

(4) Sn++ + 2011- Sn(OII)2i 

(5) Sn(OII).2 + on- -> IlSnO.- + H2O 

With stannic salts, the alkali hydroxides precipitate ^\'hite stannic 
hydroxide (G) which is soluble in an excess of the alkali to form 
stannate (7). 

(6) Sn-^-+++ + 40H- -> Sn(OH)4i 

(7) Sn(OH)4 + 20H- [Sn(OIl)cr 

3. When metallic zinc is placed in an acidified (HCl) solution of 
a tin salt, metallic tin is deposited (8). 

(8) Zn° + Sn++ Zn++ + Sn° 
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When tin is dissolved in boiling hydrochloric acid, the solution 
gives a white or gray precipitate with mercuric chloride test solu- 
tion (9). 

(9) Sn++ + 2C1- + 2Hg++ Sn-^++ + Hg 2 Cl 2 

4. Acid tin solutions are reduced to stannous ion by the addition of 
aluminum or antimony. When a drop of this solution is added to a 
saturated aqueous solution of cacothelin^ on drop-reaction paper, 
a violet to red coloration shows presence of tin. 

Commercial Manufacture. -Cassiterite is crushed to a coarse pow- 
der and most of the gangiie separated by gravity, flotation, or by 
magnetic methods. The “concentrated’^ ore, now containing from 
83 to 88 per cent of SnOo, is roasted in a furnace with a revolving 
hearth, during which operation the sulfur and arsenic are eliminated. 
The residue is usually lixiviated with water or a dilute muriatic 
acid to separate the iron, copper and bismuth. The washed material 
is mixed with powdered anthracite coal (10) and a little lime to 
facilitate the formation of a slag and reduced in a reverberatory 
furnace. 

(10) SnOo + 2(: Sn + 2C() T 
or 

SnOo + C Sn + CO 2 T 

The impure tin that collects in a separate vessel at the bottom 
of the furnace is refined by liquation^ rej)eated fusion, or electro- 
lytically until a product of about 99.75 per cent purity is obtained. 
The liquation process consists in heating the ingots just sufficiently 
to melt the tin but not the more difficultly fusible metals (iron, cop- 
per, etc.). The tin is then “flowed off.” Tin is purified also by agi- 
tating the molten metal, skimming off the lighter impurities from 
the surfac^e, and pouring off the purified tin from the heavier metals 
that settle on the bottom. Tin is sometimes purified by stirring 
the molten metal with sticks of green wood and skimming off the 
impurities that collect on the surface of the melt. 

Pharmacological Actionof Tin Ion.— Repeated oral administrations 
of till salts result in the absorption of tin ion. Poisoning is rare 
because of the lack of cumulative tendency. When solutions of tin 
salts are hypodermically injected, they stimulate the central ner- 
vous system and paralysis subsequently takes place. The symptoms 
of tin poisoning resemble those of lead, viz., inflammation of the 
stomach and intestines with marked injury to the kidneys and 
paresis of the heart. Tin is retained principally by the skin and 
the liver. Elimination slowly takes place by way of the alimentary 
tract and to a lesser degree by the kidneys. 

Tin has a marked germicidal effect against staphylococci. It 
has been observed that persons who work in tin are rarely if ever 
afflicted with furunculosis. This has led to the use of metallic tin 


Spot Tests — Feigl, p. 63. 
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and also tin oxide in the treatment of acne, furunculosis, etc. Local 
applications of dilute solutions of the chloride are said to be of 
value in treating slow-healing infected wounds. 

Uses.— On account of its resistance to very weak acids and alka- 
lies, tin is used for household utensils, chemical apparatus (still 
coils), etc. Tinplate is employed in making “tin cans,” etc. It is 
made by immersing thin sheets of iron that have been washed with 
hydrochloric or sulfuric acids in baths of molten tin. Fabricated 
articles of solid tin are said to be made of “block tin” in order to 
distinguish them from those made from tinplate. Tin is used in 
alloys {q. v.)y solder, coins, piping, and for preparing tin salts. 
Metallic tin is incorporated in pills and tablets that are used for 
acne and furunculosis. 


Tom POUNDS of Tin 

Tin forms two series of compounds, viz., stannous, in which the 
metal is bivalent, and stannic, in which the element is quadrivalent. 
Stannous compounds are readily changed into stannic compounds 
by oxidation, and consequently they are frequently used as reducing 
agents. 

Oxides. — Stannous Oxide (SnO).- An olive-green stannous oxide 
may be made by adding a strong base to a solution of a stannous 
salt (1) and heating the precipitated stannous hydroxide (2). It 
may be obtained also as a gray powder by heating the metal with 
an insufficient amount of air or in a current of carbon dioxide. 

(1) SnClo + 2NaOIl Sn(OH )2 j + 2NaCl 

(2) Sn(()H )2 SnO + ILO 

Stannous oxide is amphoteric. It dissolves in acids to give stannous 
salts (3) and in alkalies to form stannites (4). 

(3) SnO + 2Iiri SnCl, + ILO 

(4) SnO -b NaOH NallSnO. 

Stannic Oxide (SnOo).- Stannic oxide occurs in Nature as cassi- 
terite {q. v.). It may be prepared by burning the metal in air or by 
igniting the hydroxide. It is a white, amorphous substance which 
is insoluble in acids or alkalies, and fuses at the temperature of the 
electric furnace. Its specific gravity is 7 at Stannic oxide is 
amphoteric; its acidic property, however, being more pronounced. 
It is the tin compound most commonly used in tablet form for 
internal administration. A 5 per cent tin oxide ointment is avail- 
able for external use in staphylococci infections. Stannic oxide has 
been employed as the abrasive and polishing agent in dentifrices. 

Sodium Stannate.— When stannic oxide is fused with alkalies, it 
forms soluble stannaies (1), and thereby shows that quadrivalent 
tin usually acts as an acid-forming element. 

(1) Sn02 + 2NaOH — > Na 2 Sn 03 + H 2 O 
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When a solution of sodium shmimte is made slightly acid, there 
is precipitated a white, gelatinous a-stannic acid (H 2 Sri 03 ) which 
readily dissolves in dilute acids and alkalies. When a hydrochloric 
acid solution of sodium stannate is allowed to stand, jS-stannic acid 
(often called ineta-stannic acid) is slowly deposited. It is formed 
also when tin is acted upon by nitric acid. jS-stannic acid is thought 
to be a polymer of a-stannic acid, but differs from the latter by 
being only slowly acted upon by alkalies and acids and by forming 
a different series of salts. 

Solutions of sodium a-stannate are frequently used to render 
cotton goods non-inflammable. The cloth is saturated first in the 
solution and then dried. Then it is soaked in a solution of ammonium 
sulfate (2) and after washing out the sodium sulfate and drying (3), 
the fibers are found to be impregnated with stannic oxide. 

(2) Na2Sn03 + (NH4)2S04 — > IloSnOa + Na2S04 + 2 NH 3 1 

(3) Il2Sn03 — ^ Sn02 + II 2 O 

Tin Proteinates.--Tin combines with proteins to form insoluble 
tin complexes similar to those of silver, etc. Several such com- 
pounds are marketed for the internal administration of tin. One 
is a 6 per cent solution of sclero-sulfhydryl proteins organically 
combined with tin for intramuscular use. 

Halogen Compounds.— Stannous Chloride (SnCb).— The anhy- 
drous salt is made by subjecting heated tin to the action of hydro- 
gen chloride. When tin is treated with the theoretical amount of 
hydrochloric acid, the dihydrate (SnCl2.2II>0) crystallizes out. 
This is known as fm salt and is used as a mordant. It loses its 
water at 100° C., fuses at 250° C., and distils at about 606° C. 
Stannous chloride is a powerful reducing agent, converting mercuric 
chloride into mercurous chloride (1) or free mercury (2), ferric to 
ferrous .salts (3), etc. 

(1) 2 HgCl 2 + SnCb -> Hg 2 Cl 2 i + SnCU 

(2) Hg 2 Cl 2 + SnCb — > 2Hg [ + SnCb 

(3) 2FeCl3 + SnCl 2 2FeCl2 + SnCU 

Stannic Chloride (SnCb).— This fuming liquid, known as “fum- 
ing spirit of Libavius,” is made by the action of chlorine on tin or 
stannous chloride. It has a specific gravity of 2.23 at 15° C. and 
boils at 115° C. It dissolves in water with the evolution of a large 
amount of heat and, besides being definitely hydrolyzed, it forms 
several different hydrates, mz., those containing 3, 4, 5, and 8 mole- 
cules of water. The pentahydrate is the best known and, because 
of its pasty consistency, is sold under the name “butter of tin’’ for 
mordanting and 'Toading” or “weighting” silk. Stannic chloride 
is almost completely hydrolyzed by water to hydrochloric acid and 
a hydrated stannic oxide (1). 

(1) SnCU + 4 H 2 O ^ 4HC1 + Sn(OH )4 i or Sn02.2Il20 
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When hydrogen chloride is passed through a cold solution of stan- 
nic chloride, chlorostannic acid crystallizes out as the hexahydrate 
(HjSnCle.dHjO). Ammonium chlorostannate [(NH 4 ) 2 SnCl 6 ] is 
known as “pink salt” and was used prior to the introduction of 
“butter of tin” for “loading” silk. 

The bromides and iodides of stannous and stannic tin are known. 
Sulfides.— Stannous Sulfide (SnS).— Stannous sulfide is precipi- 
tated as a dark brown powder when hydrogen sulfide is passed 
into a solution of a stannous salt (1). It may be obtained as a 
gray crystalline mass by melting together tin and sulfur (2). 

(1) SnCl-i -T H..S — > SnS J, -f 2ll(.'l 

(2) Sn + S SuS 

Stannous sulfide is insoluble in water and only very slightly soluble 
ill ammonium monosiilfide. It dissolves in polysulfides on heating 
to form thiostannates (3). 

(3) SnS -f- Na^Sa Na-iSuSj 

Stannic Sulfide (SnSs).— This compound is formed as a bright 
yellow precipitate when hydrogen sulfide is passed into a solution 
of stannic chloride (1). 

(1) SnCb -h 2 II 2 S — > SnS 2 J, 4II(. 1 

It is insoluble in water and very dilute acids. Ammonium sulfide 
and sodium sulfide dissolve it to form thiostannates (2). 

(2) SnS2 + NaoS — > Na2SnS;j 

It is sometimes called “artificial gold” because of its golden yellow 
color. 
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LEAD AND LEAD COMPOUNDS 

LEAD 

Symbol, Pb. Valence, II, IV. Atomic weight, 207,21 ; 

Atomic Number, 82 

History.— This metallic chemical element has been known since 
the earliest historic time. It is mentioned in the Old Testament 
(Job and Numbers). It was used extensively by the Romans for 
making conduits. Pliny describes a solder made of 'plumbum iiigruui 
(lead) and plumbum album (tin), and it is quite evident that these 
two elements were considered as being varieties of the same sub- 
stance. Dioscorides fully described a compound that evidently was 
litharge. White lead was known to Geber in the eighth century. 
Pliny called red lead by the name minium. As w^as the custom of 
the alchemists, this metal was associated with Saturn and desig- 
nated by the sign of this planet. 

Occurrence. —Very small quantities of uncombined lead are found 
in Nature. The principal lead ores are galena (PbS), cerusiie 
(PbCOa) and anglesite (PbS 04 ). Galena, the principal primary ore 
of lead, is by far the most important and widely distributed. It 
occurs in a great many geological formations, e. r/., veins in the 
Cambrian clay slate, in beds or nests within sandstones and lime- 
stones, etc. Most of the galena that is connected genetically with 
igneous rocks is argentiferous or auriferous or both. The most 
important deposits of lead in the United States are located in 
Missouri, Oklahoma (Mississippi Valley District), Colorado, 
Nevada, Idaho and Utah (Rocky Mountain District). Lead 
ores are also mined in Cumberland and Cornwall, England, Wales, 
Scotland, Mexico, Germany, Austria and in the southern provinces 
of Spain. 

Until the discovery of the large deposits of cerusite (native lead 
carbonate) in Colorado and Nevada, this ore was not considered 
of much metallurgical value. It is quite evident that originally 
this native carbonate was galena, as the latter is always present in 
admixture. The crude ore contains about 30 per cent of lead and 
from 0.2 to 2 per cent of silver. 

Anglesite is a native lead sulfate and generally may be considered 
as an alteration product from galena. Large quantities are found 
in France, Spain, Sardinia and Australia. This ore is poor in silver 
and only occasionally is mined for itself. 

Physical Properties.— Lead is a bluish-gray, feebly lustrous metal, 
having a density of 11.34. It is very soft and plastic and hence 
may be cut or rolled with ease. It is nearly devoid of elasticity. 

( 488 ) 
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When warmed, lead is especially plastic and may be “squirted” 
through dies to form tubes or wire. While in this plastic condition 
it may be “wiped” on a connection of two pipes to form a joint. 
Lead crystallizes in two forms, viz., octahedral and monoclinic. It 
melts ^ 327.43° C., vaporizes at a bright red heat and boils at a 
temp^ature of 1613° C. Lead readily forms alloys, the better 
kjiewn ones being solder, pewter, type metal. Hose’s metal. Babbitt 
metal, etc. 

Chemical Properties.— 1. Metallic Zmrf.—Lead tarnishes rapidly 
in moist air. When fused in the presence of air, it quickly forms 
lead monoxide (PbO). The rate of this oxidation increases with 
the temperature. In the absence of air, pure water does not attack 
lead. However, when air is present, lead hydroxide [Pb(OH)2], 
which is appreciably soluble in water, is formed. The presence in 
water of bicarbonate ions or sulfate ions (hard water) effects the 
precipitation of any lead ions as an insoluble basic carbonate or 
sulfate which further inhibits the action of the water upon the 
metal. Lead pipes are dangerous to use as conduits for soft waters, 
but hard waters that have passed through lead pipes may be drunk 
with impunity. 

Lead unites directly with fluorine, chlorine and sulfur. By virtue 
of its position in the electromotive series of the metals, lead is 
precipitated from solutions of its salts by zinc, tin and iron. Lead 
exists in isotopic forms. 

Almost all acids react with metallic lead to form the correspond- 
ing salts. However, unless the salt which forms is soluble in the 
acid, it deposits on the surface of the metal and quickly stops 
further action of the acid on the metal. Sulfuric acid (1) reacts 
readily with lead to form lead sulfate, but under ordinary conditions 
the lead sulfate coats the lead, preventing further reaction. This 
is the reason that lead chambers can be used in the sulfuric acid 
process (see p. 135). However, from experience it has been found 
that if the concentration of the sulfuric acid in the lead chambers 
exceeds 78 per cent, it begins to react with the lead sulfate to 
form lead bisulfate which is soluble (2). If this happens the lead 
will be rapidly dissolved. 

(1) Pb + H2SO4 PbS04 + H2 T 

(2) PbS04 + H2SO4 -> Pb(HS04).2 

Dilute nitric acid is the best solvent for lead (3), converting the 
lead to lead nitrate. The concentrated acid is not a desirable sol- 
vent because lead nitrate is not very soluble in it. 

(3) Pb + 2HNO3 Pb(N03)2 + H2 T 

2. Lead /on.— Lead exists in two states of oxidation, (1) the 
divalent (Pb++) and (2) the tetra valent (Pb++'‘"+). The former is 
the more important and is usually spoken of as the “lead ion” or 
“plumbous ion,” the other form being referred to as the “plumbic” 
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form of lead. We will consider only the chemistry of the plumbous 

Hydrogen sulfide and soluble sulfides precipitate biounish-black 

lead sulfide (4) from acid, alkaline or neutral solutions of J^^d salts. 

The precipitate is insoluble in dilute acids, in alkali huIroxid(*s, in 

carbonates, and in sulfides. 

(4) + HS + 21 W ^ rhS J + 2II:V^ 

Sulfuric acid and soluble sulfates precipitate white lead sulfate 
(5) from acid or neutral solutions of lead salts. It is insoluble in 
water and in diluted hydrochloric or nitric acids. The ])re(*ipitate 
is completely soluble in warm sodium hydroxide T.S. and in am- 
monium acetate solution. 

(5) TIP ^ + SO4"" PbSCh I 

Hydrochloric acid and soluble chlorides precii)itate white lead 
chloride (b) from solutions of lead salts. It is soluble in /lof water. 

(b) 1V+ + 2(T -> VhCki 

Fixed alkalies precipitate white lead liN’droxide [P1)(()H)‘)] from 
solutions of lead salts (7). The precipitate* is soluble in an excess 
of the precipitant (8). 

(7) ri)^ ^ + 2011- -> H>Pb().> 

(8 H.> PbO, + 20II-> PbO, "+ 211,0 

Chromic acid and soluble* (chromates (K,Cr04 and KoC 1*207) pre- 
cipitate bright yellow lead chromate (PbCrO,) from solutions of 
lead salts (9, 10). The solutions should be fi*ee or nearly free 
from mineral acids. The precipitate is insoluble in ammonium 
hydroxide and in acetic acid but readil\ dissolves in fixed alkali 
hydroxides to form phmhile.s (11). 

(9) Pb++ + Cr04== Pb( h*04 i 

(10) 2Pb++ + Cr,07=^ + 2011- 2Pb(’r04i + H.,0 

(11) PbCr04 + :^OH- -> ( TO4- + HPbOr -f 11,0 

Official Tests for Identity . — 1 . Solutions of lead salts yield a pre- 
cipitate of lead sulfate with diluted sulfuric acid (5). This precipi- 
tate is insoluble in diluted hydrochloric or nitric acids, but is com- 
pletely soluble in warm sodium hydroxide T.S. or ammonium acetate 
solution. 

2. With potassium chromate T.S., solutions of lead salts will 
precipitate yellow lead chromate (9, 10) provided the solution is 
free or nearly free of mineral acids. This precipitate is insoluble 
in acetic acid, but is soluble in sodium hydroxide T.S. (11). 

Commercial Manufacture.— Lead is made from galena by roasting 
the ore at a moderate temperature in a blast furnace. During this 
initial roasting a part of the lead sulfide is oxidized to oxide (12) 
and a part to sulfate (13). This ore is then charged with coke and 
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fluxes in alternate layers to the top of the lead blast furnace which 
is ordinarily about 35 feet high, 20 feet long, and 10 feet wide, 
and has 8 or 10 tuyeres along each side. The lead runs out of the 
furnace through a siphon into a forehearth (14) and (15), while 
the matte and slag are tapped. The matte contains most of the 
silver, gold, and copper in the ore, and is subsequently refined. 
The solidified but impure lead is called ‘'hard lead'’ and is ready 
to be purified by various methods. 

(12) 2PbS + 302 -> 2PbO + 2 SO 2 T 

(13) PbS + 202 -^PbS04 

(14) PbS + 2PbO 3Pb + SO 2 1 

(15) PbS + PbS04 2Pb + 2 SO 2 T 

The hard lead is carefully heated until most of the copper, arsenic 
and antimony are oxidized and removed. The lead still contains 
silver, gold, and bismuth and, depending upon the amount of silver 
present, is desilvered in one of three ways. 

1. Pattimori Proem*.— This method consists in gradually cooling 
the molten metals and removing with perforated ladles the pure 
lead which crystallizes out. By repeated crystallizations, not only 
is a very pure lead obtained but also a residual metal rich in silver. 
The latter may be cupel lated. 

2. Parkes Proem.— This process is based upon the facts that 
molten lead and zinc are not miscible in all proportions and that 
gold and silver are much more soluble in melted zinc than in lead. 
Therefore, when zinc is added to a molten argentiferous lead, it 
melts and, having efl'ected the solution of the gold and silver, it 
rises to the top of the molten mass and may be skimmed off or 
allowed to solidify. The zinc is then distilled off in retorts, leaving 
a residue of impure silver. The zinc distillate is used over again to 
extract silver and gold from molten lead. 

3. Beth' Proem.— 'Phis is an electrolytic process. A sheet of pure 
lead (cathode) and a plate of impure lead (anode) are immersed 
in an electrolyte of lead fluosilicate. When the current is turned 
on, lead dissolves from the anode and is deposited on the cathode. 
Any iron that is present goes into solution, whereas, gold and silver 
remain on the anode. 'Phe impure lead is often poled before puri- 
fying it electrolytically. 

Pharmacological Action of Lead Ion.~Aub and his collaborators 
have shown that lead is stored in the bones, and is mobilized in the 
circulation by the administration of ammonium chloride, acid 
sodium phosphate and acid-producing (carbohydrate-free) diets. 
Administration of potassium iodide also brings the lead into the 
circulation and, if this occurs too rapidly, toxic phenomena and 
mania may set in. It is stabilized in the bones by administration 
of sodium bicarbonate, disodium hydrogen phosphate and alkali- 
producing diets. 

Soluble lead salts precipitate proteins and hence, act as topical 
astringents. In fact, they are not only the most astringent of all 



492 


LEAD AND LEAD COMPOUNDS 


of the soluble salts of the metals but are also the least destructive 
of tissue. Lead ion is toxic and, although absorption is rather 
slow, its action is cumulative and clironic poisoning is produced 
by continued intakes even of small quantities of lead compounds. 
Although absorption from intact skin is practically nil, lead ion is 
absorbed in sufficient quantities from denuded or chapped skin to 
cause lead poisoning. 

The toxicity of insoluble lead salts depends upon their solubilities 
in the digestive fluids. In the stomach, insoluble lead salts are 
converted into lead chloride of which 21.85 millimols dissolve in 
a liter of 0.2 per cent (0.0G3 normal) hydrochloric acid. Peptone 
also facilitates solution of lead salts, probably in protein combina- 
tion or as lead albuminate. 

The inhalation of white-lead dust, fumes from molten lead (con- 
sisting chiefly of oxides), atomized spray used in painting, etc., 
will cause lead poisoning. The symptoms of poisoning appear more 
quickly when the compounds are inhaled. This is due in part to 
the fineness of the particles. Absorption takes place from the lungs 
and nasopharynx and, to a greater degree, from the stomach into 
which the lead compound is introduced by swallowing the dust. 
I.ead is excreted both in the feces and in the urine. 

Ten Gm. of the soluble lead salts have produced death and 
recoveries from 30 Gm. have been reported. The antidotal treat- 
ment consists of large doses of magnesium or sodium sulfates (1 or 
2 per cent solution) and emptying the stomach. Milk, eggs, and 
coffee are of value after the stomach is empty. A cathartic should 
be given to cause rapid elimination of any lead sulfide formed in 
the bowels. 

Uses.— Because of its property of resisting the action of air, water 
and acids, lead is employed for making a large variety of articles, 
e, g., water pipes, chemical and electrical apparatus, linings for 
acid-proof vessels (sulfuric acid chambers), valves, insulators for 
cables, etc. It is also used in making lead salts, lead pigments, 
white lead, etc. Its use in solders and alloys has been mentioned 
previously. 

Large quantities of lead are used in making ordinary storage bat- 
teries, The lead accumulator consists of alternate plates of spongy 
lead and lead dioxide contained in cells which, in turn, are fitted 
into a wooden or hard rubber case. In a new battery the electrolyte 
is a diluted sulfuric acid having a specific gravity of 1.275 to 1.290. 
When the battery is in use, the sulfate ions (S 04 ^) migrate toward 
the spongy lead plates and, by virtue of the solution pressure of the 
lead being greater than the osmotic pressure of the ions, the lead 
goes into solution as lead ions which immediately react with the 
sulfate ions to form white, sparingly soluble lead sulfate (16), 
whereas the plates become negatively charged (17). 

(16) Pb^ + S04=--^PbS04i 

(17) Pb° — » Pb++ + 2e (electrons) 
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Simultaneously, the hydronium ions (H3O+) move toward the plates 
of lead dioxide where, with the aid of two electrons, tetravalent 
lead is reduced to the bivalent condition with the formation of 
water (18). The lead ions, in turn, react with the sulfate ions to 
form lead sulfate (19). 

(18) Pb02 + 4 H 3 O+ + 2e-^ Pb++ + 6 H 2 O 

(19) Pb++ + S04 ->PbS04j 

From the above it will be noted that the electrons flow through 
the external circuit /rom the lead plates to the lead dioxide plates 
Furthermore, it will be observed that the chemical reactions in the 
cell remove both hydronium and sulfate ions from the electrolyte, 
and hence the potentiality of a cell can be ascertained by taking 
the specific gravity of the cell fluid. 

Just as chemical action within the cell establishes a difference of 
potential between the lead and lead dioxide plates with an attenua- 
tion of the electrolyte, just so may the cell be brought back to its 
condition before discharge by passing a high voltage current through 
it in the reverse direction. By this ‘‘charging” process, electrical 
energy is converted into chemical energy, which is evidenced in a 
fully charged cell by an E.M.F. of about 2 volts. 

Official Lead Compounds 

LEAD ACETATE 

Lead Acetate, V. S. P. XIII 
Formula, Pb(C 2 H:A) 2 . 3 H 20 ; (CIl 3 C 00 ) 2 Pb. 8 Il 20 
Molecular Weight, 379.35 

Physical Properties.— Lead Acetate crystallizes with 3 molecules 
of water in colorless, shining, transparent, inonoclinic prisms or 
plates, or in heavy, white, crystalline masses, or granular crystals. 
It has a faint odor of acetic acid and a sweet taste, effloresces, and 
absorbs carbon dioxide from the air. Its density is about 2.55. 

One dm. of lead acetate dissolves in 1.6 cc. of water and in about 
30 cc. of alcohol, at 25° C. One Gm. dissolves in 0.5 cc. of boiling 
water. It is freely soluble in glycerin. 

The salt becomes anhydrous when heated at 40° C. At 75° C. 
it dissolves in its own water of hydration and at temperatures 
above 280° C. it decomposes into finely divided metallic lead and 
lead oxide. 

Chemical Properties. —When acidified, lead acetate is decomposed 
into acetic acid and the lead salt of the acid, e, g., hydrochloric acid 
( 1 ). If the acidified solution is warmed, the acetic acid is volatilized 
to give an odor of “vinegar.” 

( 1 ) (CIl 3 COO) 2 Pb + 2HG1 2 CH 3 COOH + PbClo i 



494 LEAD AND LEAD COMPOUNDS 

Solutions of lead salts have a strong tendency to precipitate out a 
white carbonate when in contact with the CO2 of the air. Although 
the composition of the carbonate is probably not represented ac- 
curately by the formula, PbCOs, this will serve to illustrate the 
precipitation (2). 

(2) Pb++ + 3 H 2 O + CO 2 PbCOsi + 2H3O+ 

For this reason, it is desirable to use only recently boiled distilled 
water to dissolve lead acetate, because the boiling process effectively 
removes dissolved CO2. 

In all of its other reactions lead acetate exhibits the usual reac- 
tions of the plumbous ion (q. v.) and of the acetate ion (q. v.). 

Official Tests for Identity. — !. A 1 in 10 solution of the salt re- 
sponds to the tests for the lead ion (q, v.). 

2. A solution of lead acetate also responds to the tests for the 
acetate ion (g. v.). 

Commercial Manufacture. —This salt is made by the action of 
acetic acid upon metallic lead or litharge. Large quantities of lead 
acetate are made by allowing concentrated acetic acid to trickle 
over lead coils or sheets contained in large, open, stone cylinders. 
During the operation, the lead goes into solution in the form of 
basic lead acetate (3). In order to obtain the normal salt, the 
liquid is made slightly acid with acetic acid (4), concentrated and 
crystallized. Pharmaceutical lead acetate in small granular crystals 
is prepared by dissolving the large crystals in water, filtering and 
evaporating the filtrate with constant stirring. 

(3) 2Pb -f 2HC2H:A + O2 -> Pb20(C2ll302)o + II., 0 

(4) Pb20(C.2H30.2)2 + 2HC2H3O2 + 2H2O 2Pb(C2il:A)2.3H20 

Lead acetate is also made by dissolving litharge (PbO) in acetic 
acid (5). The resulting solution is made acid with acetic acid, 
concentrated and crystallized. 

(5) PbO + 2HC2H3O2 + 2H2O Pb(C2H;A)2.3H20 

Laboratory Preparation. -Mix 10 Gm. of litharge, 10 Gm. of Acetic 
Acid (N. F.), and § cc. of distilled water in a porcelain dish, stir 
well, and allow it to stand for twenty-four hours. At this point 
the mixture usually becomes a hard mass because acetic acid is 
lost by evaporation between class periods. A small flask may be 
substituted for the porcelain dish, which will allow for use of a 
stopper to prevent the evaporation. Then heat the mixture on a 
water-bath until the litharge is dissolved. Filter. Evaporate the 
solutfon until a pellicle forms, if necessary adding a little more 
acetic acid to impart a decidedly acid reaction to the solution. Set 
the liquid aside to cool and crystallize. Collect, drain, and dry 
the crystals. (See Equation 5 above.) 
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Pharmaceutical Preparations and Uses. — 1. Lead Acetate (Pluiiihi 
Acetas, Sugar of Lead), U. S. P. XIII. — ‘'Lead Acetate contains 
not less than 85.3 per cent and not more than 89.57 per cent of 
Pb(C2H302)2, corresponding to not less than 99.5 per cent of the 
hydrated salt Pb(C2H302) .SILO.” Internally, lead acetate is used 
very rarely as an astringent in diarrheal and catarrhal inflamma- 
tions because there is definite danger of acute' lead poisoning. 
Externally, lead acetate is used for its astringent properties either 
as a lotion, or as an injection into the urethra, vagina, etc. The 
use of lead acetate as a wash in the treatment of poison ivy poison- 
ing is contraindicated. Its use for the treatment of poison ivy was 
based on the observed fact that lead precipitates the phenolic 
substances present in poison ivy. However, research has shown 
that the lead precij)itate is just as, if not more, active than the 
original phenolic substances. 

2. Lead and Opinvi Lotion (Lotio Plurnbi et Opii, Lead and Opium 
Wash), N. F. VIIL— This lotion is prepared by dissolving 18 Gm. 
of lead acetate in 650 c(*. of distilled water, adding 35 cc. of opium 
tincture and finally adding enough distilled water to make 1000 cc. 
of the finished preparation. A portion of the lead acetate is used 
up in the precipitation of gums, coloring matter, etc., in the tincture. 
The balance acts as an astringent. It should be shaken before 
dispensing. It is used as an external application for sprains and 
bruises, but is probably of little value because the analgesic effect 
of morphine (in opium) is not obtained through the skin. 

3. Lead Svbacetate Solution (Liquor Plurnbi Subacetatis, Gou- 
lard’s Extract), N. F. VIIL— This is an aqueous solution containing 
in each 100 cc., lead subacetate, approximately Pb20(CH3C(X))2, 
equivalent to not less than 22.5 Gm. of Pb. It is made by allowing 
lead monoxide (litharge, PbO) to stand for seven days in contact 
with a solution of lead acetate, or by boiling the mixture of lead 
acetate, lead monoxide and water for one-half hour, cooling and 
filtering (6) 

((•>) PbO + Pb(CH3COO)2 Pb20(CH3C00)2 

A diluted form of lead subacetate solution is official as Diluted 
Lead Subacetafe Solution (Liquor Plurnbi Subacetatis Dilutus, Lead 
Water), N. F. VIIL It is prepared by diluting 35 cc. of Lead 
Subacetate Solution with sufficient recently boiled distilled water 
to make 1000 cc. of finished product. 

Lead Subacetate Solution is also used in preparing Lead Sub- 
acetate Cerate (Ceratum Plurnbi Subacetatis, Goulard’s Cerate), 
N. F. VIIL This cerate consists of 20 per cent of lead subacetate 
solution incorporated in an ointment base containing wdol fat, 
white wax, white petrolatum and camphor. 

The solution and the cerate described above are used for the 
astringent and antiseptic properties connected with lead subacetate, 
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LEAD MONOXIDE 

Lead Monoxide, N. F. VIII 
Formula, PbO. Molecular Weight, 223.21 

Physical Properties. — Lead Monoxide occurs as a heavy , yellowish 
or reddish powder, or as minute scales, without odor or taste. 
This variation in color is due to the fact that it occurs in two forms, 
namely yellow litharge and red massicot. On exposure to air, it 
slowly absorbs moisture and CO2. When it is heated it becomes 
darker in color but goes back to its original color when cooled 
again. It fuses at red heat. 

The oxide is almost insoluble in water, although it imparts a 
faintly alkaline reaction to the water. It is insoluble in alcohol 
but is soluble in acetic acid, diluted nitric acid, and warm solutions 
of the alkali hydroxides. 

Chemical Properties.- Lead Monoxide is reduced to free lead when 
it is heated in contact with charcoal (1). 

(1) PbO + C Pb + CO T 

Its solubility in acids, such as nitric acid (2), is a reaction charac- 
teristic of most oxides of metals. 

(2) PbO + 2HNO3 ^ Pb(N03)2 + H2O 

Its s(Mubility in alkali hydroxides is due to the formation of 
the plumbite ion. Its solubility in sodium hydroxide is character- 
istic. A stepwise consideration of the rea(^tions involved wiW serve 
to better elarify this solubility. The first reaetion is undoubtedly 
the hydration of the oxide to form a small amount of lead hydrox- 
ide (3). The lead hydroxide then reacts with sodium hydroxide 
to form the plumbite (4). As the equilibrium between the unhy- 
drated lead oxide and the hydroxide is disturbed by withdrawing 
the hydroxide, more of the oxide is hydrated until it is all in solu- 
tion. 


(3) PbO + IIOII Pb(OII).> 

(4) Pb(OH)2 + NaOII -> NallPbOo + H2O 

When litharge is mixed with glycerin in the proper proportions, 
a reaction takes place in which heat is given off and the mixture 
sets to a hard, cement-like mass. Use is made of this property by 
plumbers to cement pipe joints together. 

Official Tests for Identity. — 1. A solution of the oxide in diluted 
nitric acid is colorless and, when nearly neutralized with ammonia 
T.S., gives the tests for lead ion {q. v.). 

Commercial Manufacture.— Although litharge and massicot are 
chemically the same (PbO), they are made by different processes. 

Massicot, in the form of an amorphous yellow powder, is pre- 
pared by heating lead hydroxide, carbonate, or nitrate. It is made 
also by gently heating lead in a reverberatory furnace. 
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Litharge, in the form of a more or less reddish-yellow, scaly, 
crystalline mass, may be obtained by melting massicot, allowing 
it to cool slowly and pulverizing. The change in color from that 
of massicot may be due to the presence of small amounts of red lead 
(Pb304). A large quantity of litharge is obtained as a by-product 
in the desilvering of lead ores {q, 2).). It is made mainly by oxidiz- 
ing molten lead under specific temperature and oxidizing conditions. 

Pharmaceutical Preparations and Uses. — 1. Lead Monoxide (Plumbi 
Monoxidum, Plumbi Oxidum, Litharge), N. F. VIII. — ''Lead 
Monoxide, when freshly ignited, contains not less than 97 per 
cent of PbO.” Lead Monoxide is not used medicinally as such 
but is used to prepare various other pharmaceutical preparations. 
It is employed also in metallurgy, ceramics and in making “flint 
glass,” “driers” for raw linseed oil, varnishes, ceramic cements, 
paint pigments and rubber. 

2. Lead Oleaie Ointment (Unguentum Plumbi Oleatis, Unguentum 
Diachylon), N. F. VIII. — This ointment contains 50 per cent of 
lead oleate plaster incorporated in 49 per cent of white petrolatum 
by melting the two together. One per cent of lavender oil is added 
to the mixture when cool. This ointment is used for the antiseptic 
and astringent effect of lead ion in the treatment of various skin 
diseases. 

3. Lead Oleate Plaster (Emplastrum Plumbi Oleatis, Lead Plaster, 
Diachylon Plaster), N. F. VIIL— Lead Oleate Plaster is made by 
allowing finely sifted lead monoxide to act upon a mixture of melted 
lard and olive oil. As soon as lead oleate is formed, it is washed 
with water to remove glycerin, kneaded until nearly free from 
water, and the pliable, tenacious mass rolled into cylinders and 
wrapped in paper. Lead plaster is a mixture of lead oleate, palmi- 
tate and stearate. It is used to make Lead Oleate Ointment {q. v.). 

4. Lead Siibacctate Solution (Liquor Plumbi Subacetatis, Gou- 
lard’s Extract), N. F. VIIL — (See p. 495.) 

Non-official Lead Compounds 

Lead Carbonate.— Formula PbCOs or Pb(0H)2.2PbC03. Lead 
carbonate (PbCO.-?) occurs in Nature as the mineral cermite. It 
may be prepared by pouring a solution of ammonium carbonate 
into a solution of lead acetate. When washed and dried, the pre- 
cipitate is a white crystalline solid. 

While several basic carbonates of lead are known, their composi- 
tion is still in doubt. The best known basic lead carbonate is 
white lead (ceruse, flake lead). It is used extensively as a paint 
pigment. The formula Pb(0II)2.2PbC03 has been assigned to it. 

Nearly all of the processes for making basic lead carbonates 
depend upon the conversion of metallic lead into acetate with the 
subsequent conversion of the latter into basic carbonate by the 
action of carbon dioxide. 

The processes used for making white lead are all based upon the 
32 
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general method just given and differ only as to application and the 
source of carbon dioxide. The Dutch pmess or corrosim process 
is by far the oldest one and is used in Holland, Belgium, Germany 
and the United States. Sheets of lead are rolled into scrolls or 
cast into buckles” and placed on projections, in earthenware pots or 
jars. A small quantity (about 260 cc.) of 2.5 per cent acetic acid 
is poured into the jars in such a manner as not to come in direct 
contact with the lead. The jars are covered with overlapping 
boards and arranged together in layers or tiers. They are then 
surrounded and covered with spent tan bark which, when it fer- 
ments, generates sufficient heat to vaporize some of the acetic acid. 
This, in turn ‘^corrodes” the lead with the formation of a basic 
lead acetate, which then is slowly acted upon by the carbon dioxide 
from the fermenting tun bark to form basic lend carbonate or 
w^hite lead. After some wTcks the basic lead carbonate is removed 
or ''stripped'' from the stack of pots, 

A more rapid method in quite general use is the Carter process, 
sometimes called the quick process. Molten lead is passed in front 
of a high-pressure steam jet. The steam atomizes the lead and 
partially oxidizes it. This finel}' divided lead is placed in two large 
revolving wooden drums provided with a trunnion, where it 
tumbles ov^r dilute acetic acid (about 2 per cent), (^arbon dioxide, 
obtained by carefully regulating the oxidation of coke, is passed in 
at one end of the drum and out the other. The lead a(‘etate that 
is first formed (1) is converted by air into basic lead acetate (2). 
This is acted upon by carbon dioxide and forms basic lead carbonate 
(3) and normal lead acetate. The latter is again changed to basic 
acetate, and so on, until all of the lead has been converted into basic 
carbonate. 

(1) and (2) 2rb + 2HC2H3O2 + O. PlKOlConA)^ + H^O 
(3) 3Pb20(C2H302)o + 2CO2 + H2O Pb(0TT),.2Pbr04 + 
3Pb(C2H302)2 

The process usually takes about fifteen days. 

The white lead is ground moist (to keep down dust) in plate- 
mills and then screened. Next, the material is “floated,” the 
lighter particles being allowed to settle while the heavier ones 
are returned to the mill. When the moist white lead obtained from 
the settling vats is mixed with boiled linseed oil, the latter dis- 
places practically all (more than 99.5 per cent) of the w^ater and 
forms what is commonly known as white lead paste. 

White lead is sometimes used in the form of a 10 per cent ointment 
against dermatitis, burns, etc. It is employed chiefly in the manu- 
facture of paints. 

Lead Chloride.—Formula PbCb, Molecular Weight, 278.12. Lead 
chloride is found in Nature as the mineral cotunnite. It may be 
prepared by the action of chlorine upon lead or by treating the 
oxide with hydrochloric acid. Soluble chlorides precipitate lead 
chloride from solutions of lead salts (1). It is soluble in about 
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95 parts of water at 25° C. and in 30 parts of boiling water. It 
crystallizes from cooled solutions in the form of white, needle- 
shaped, rhombic crystals. These crystals melt at 498° C. 

(1) Pb(N03)2 + 2NaCl PbCb j + 2NaN03 

It was used as a sedative and astringent in the form of a dusting 
powder or, as an ointment, for burns and inflamed skin. 

When litharge and ammonium chloride are heated together, an 
oxychloride, known as CasseVs yellow or Turner's patent yellow ^ is 
formed. It is used as a pigment. 

Lead Chromate.— F'ormula PbCr04, Molecular Weight, 323.22. 
Lead chromate (Chrome-, Leipzig-, Paris-, Cologne-, King’s-yellow). 
A bright lemon-yellow precipitate of lead chromate is formed when 
a solution of a lead salt is treated with a soluble chromate or diehro- 
mate (1). 

(1) Pb(N03)2 + K2Cr04 ^ PbCr04i + 2KNO3 

It has a density of about 0.123 and decomposes at 000° C. It 
dissolves in strong alkalies to form plumbites (2). 

(2) PbCr04 + 4NaOH Na^PbO. + Na.>Cr04 + 21 LO 

When boiled with a dilute alkali, it forms a basic salt (PbCr04. PbO) 
known as chrome red. 

Lead Iodide. — Formula, PbL, Molecular Weight, 4()] .05. Lead 
iodide occurs as heavy, golden yellow, laminar crystals or as a 
powder. It is odorless and tasteless, has a density of 6.10 and 
melts at 402° C. It is stable in air. 

One Gin. is soluble in about 1300 cc. of water at 25° C. and in 
about 200 cc. of boiling water. It is sparingly soluble in alcohol. It 
readily dissolves in solutions of fixed alkalies and in concentrated 
solutions of potassium iodide, alkali ac’etates, and sodium thiosul- 
fate. Lead iodide dissolves jdso in a hot solution of ammonium 
chloride. 

Lead iodide is made by adding an aqueous solution of lead nitrate 
to an aquet)us solution of potassium iodide (1). 

(1) Pb(N03)2 + 2KI -> Pblo i + 2KNO3 

The precipitate is washed with cold water and then dissolved in 
the minimum amount of boiling water, from which it is allowed to 
crystallize. 

A recent patent^ for the manufacture of lead iodide makes use 
of the reaction between molten lead and iodine. Iodine vapor, 
diluted with helium or nitrogen to control the reaction, is passed 
through molten lead (2). 

(2) Pb + I2 PbL 

Lead iodide was recognized under the title Plumbi lodidum by 
N. F. V. It is infrequently used in the form of an ointment as 


U. S. patent, No. 2,366,963. 



500 


LEAD AND LEAD COMPOUNDS 


a mild counterirritant against glandular swellings, etc. A technical 
grade of the salt is used in bronzing, mosaic gold, in printing and 
in photography. 

Lead Nitrate.— Formula Pb(N03)2, Molecular Weight, 331.23. 
Lead nitrate is made by dissolving metallic lead or lead monoxide in 
nitric acid (1). 

(1) PbO + 2HNOa Pb(N()3).> + ILO 

It crystallizes in large, anhydrous, regular or monoclinic crystals, 
isomorphous with barium nitrate. The salt is soluble in 1.85 parts 
of water at 25° C. and in less than its own weight (0.75 cc.) of boil- 
ing water. It is nearly insoluble in alcohol. When heated to about 
470° C., it decomposes into nitrogen dioxide, oxygen and litharge (2). 

(2) 2Pb(NO:0o -> 2PbO + 4NO T + O2 T 

Because of its high density (4.53), lead nitrate is advantageously 
used in place of ammonium or sodium nitrate for making matcli 
heads and commercial and military explosives. It is used also in 
the dyeing industry. 

Red Lead Oxide (Red Lead, Minium, Lead Orthoplumbate).— 
Formula Pb2Pb()4, IVIolecular Weight, ()85.()3. Red lead is a 
heavy, odorless and tasteless, orange-red powder having a density 
of 8.0 to 9.1. It slowly absorbs carbon dioxide and moisture from 
the air. 

Red lead oxide is nearly insoluble in water and is insoluble in 
alcohol. It is dissolved by an excess of glacial acetic acid (1) (2) 
to form unstable plumbic acetate. It is dissolved also by lactic acid 
with the evolution of carbon dioxide and the odor of acetaldehyde. 

(1) Pb2Pb04 + 4 HC 2 HA ^ 2Pb(CoIl302)2 + Pb02 + 2 H 2 O 

(2) Pb02 + 4IIC2II.A Pb(C2lI.A)4 + 2II2O 

When red lead oxide is heated in a porcelain crucible, it becomes 
dark red, then violet, and finally almost black. On cooling, it 
assumes its original color. Prolonged exposure to high temperatures 
decomposes it into lead monoxide and oxygen. 

When heated with charcoal, it is reduced to metallic lead. 

Red lead or miniiiin is made by heating litharge to about 450° C. 
in a reverberatory or muffle furnace. It is made also by heating a 
mixture of litharge and either sodium nitrate or potassium chlorate 
to a dark red heat. 

Formerly recognized by the N. F. under the title of Plumbi 
Oxidvm Rubrum (Red Lead Oxide), it was required to contain lead 
orthoplumbate (Pb2Pb04) usually with some unconverted lead 
monoxide (PbO), corresponding to not less than 30 per cent of 
lead dioxide (Pb02). Red lead oxide is used in ceramics, ceramic 
cements, matches, red pencils, etc. When employed as a pigment 
in paints for use on iron and steel, it seems to retard corrosion. 

Lead Sulfate.— Formula PbS04, Molecular Weight, 303.27. 
Native lead sulfate occurs as transparent rhombic or monoclinic 
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crystals in the mineral anglesite. The crystals of lead, strontium, 
and barium sulfates are isomorphous. It is made by adding a 
soluble sulfate to a solution of a lead salt (1). 'Fhe product is a 
heavy, white, crystalline solid, which is difficultly soluble in water 
and dilute acids. Concentrated sulfuric or nitric acids will dissolve 
it. It is also soluble in solutions of ammoniiim acetate, sodium 
thiosulfate, and fixed alkalies (2). 

(1) Pb(NO,02 + Na^SO^ PbS04i + 2NaNO,, 

(2) 3PbS04 + 2NaOII -> 2PbS04.Pb(0II)2 + Na,S04 

Both lead sulfate and basic lead sulfate are used as paint pigmeiils. 
Basic lead sulfate is sometimes called .wblivied white lead. 



THE PHOSPHORUS FAMILY 

Introduction.— iVi/ropfm and phosphorus are the short-period ele- 
ments that belong to this group. The members of Division A are 
arsenic (As, at. wt. 74.91), antimony (Sb, at. wt. 121.76) and bismuth 
(Bi, at. wt. 209). These five elements constitute what is known as 
the phosphorus family, and vary in their physical and chemical 
properties in the order of the atomic weights. Following nitrogen, 
which is the representative member of the family, each element 
forms a transition link in the (;hain of properties between the one 
immediately preceding and the one immediately following it. 

The following are some of the more important similarities and dis- 
similarities in physical and chemical properties that exist between 
the various members of this group: There is a wide difference 
between the properties of the first and last member of this family. 
For example, nitrogen is non-metallic, whereas bismuth is almost 
entirely metallic. Nitrogen forms active acids, whereas bismuth 
is considered as being a base-forming element. Nitrogen has a 
variable valence, but bismuth is usually trivalent. 

Nitrogen and phosphorus show no marked similarities other than 
being non-metals which possess the same normal family valence of 
3. Their respective (*ompounds do not exliibit any striking resem- 
blances. These elements differ greatly in many respects. For 
example, the combination of nitrogen with oxygen takes place only 
at high temperatures and the union is endothermal (No + Oo + 
43,000 cal. 2NO). On the other hand, phosphorus spontane- 
ously unites with the oxygen of the air and burns with the evolution 
of a large quantity of heat. Nitric acid (IINO 3 ) is unstable and 
is a powerful oxidizing agent, whereas the corresponding acid of 
phosphorus, metaphosphoric acid (111^0.0 is stable and is not an 
oxidizing agent. Nitrogen unites directly with hydrogen; phos- 
phorus, arsenic and antimony combine indirectly with it; and bis- 
muth does not form a hydride. Only one of these hydrides (NH 3 ) 
unites with water to form a base. Nitrogen and phosphorus by 
themselves do not form positive ions. Trivalent arsenic gives a 
positive ion (As+++ + 3C1~), but does not form normal salts such 
as the sulfate or nitrate. Both antimony and bismuth give positive 
trivalent ions and form normal salts which are rather easily hydro- 
lyzed to the hydroxide or to basic salts. 

Nitrogen, phosphorus and arsenic are non-metals and mainly 
acid-forming. The transition to base-forming metallic bismuth is 
effected through antimony which, when pentavalent, is non-metallic 
and therefore acid-forming (HSbOa), but when trivalent [Sb 2 (S 04 ) 3 ] 
is base-forming and thus acts like a metal. Arsenic, antimony and 
bismuth do not displace hydrogen from dilute acids. 

The elements of Division B, Group V are vanadium (V, at. wt. 
50.95), columhium (Cb, at. wt. 92.91) and tantalum (Ta, at. wt. 

( 502 ) 
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180.88). Their valences vary considerably. For example, vanad- 
ium exhibits valences from 1 to 5 inclusive, columbium from 2 to 5 
inclusive, and tantalum forms compounds in which it shows valences 
of 2, 4 and 5. These elements normally act as metals, but some- 
times, especially in their higher valences, they possess non-metallic 
properties. The properties of analogous compounds of these ele- 
ments are very similar. Vanadium (atomic number, 23) has many 
physical and chemical properties in common with chromium (atomic 
number, 24) and manganese (atomic number, 25). Columbium 
(atomic number, 41) resembles molybdenum (atomic number, 42), 
and tantalum (atomic number, 73) has many similar properties to 
tungsten (atomic number, 74). 


CHAPTER XXXV 

PHOSPHORUS AND PHOSPHORUS COMPOUNDS 

PHOSPHORUS 

Symbol, P. Valence, III, V. Atomic Weight, 30.98; 

Atomic Number, 15 

History.— The name phosphorus (Greek, 0C?s, light, </>€pco, I bear) 
was given originally to all phosphorescent substances, i, 6?., those 
having the power of shining in the dark, but now its use is restricted 
to a non-metallic element which was first known as ''phosphorus 
mirabilis” or "phosphorus igneus.’' This element was obtained 
in 1609 by Brand, a Hamburg alchemist, In’ evaporating urine to 
dryness and distilling the residue with sand. Krafft bought the 
secret of its preparation from its originator and in 1677 exhibited 
specimens of phosphorus in England, where it caused great excite- 
ment among chemists. Working independently, Kunckel, in 1678, 
and Boyle, in 1680, succeeded in obtaining the element. In 1769, 
(iahn showed that bones were composed largely of calcium phos- 
phate, and in 1771 Scheele prepared phosphorus by treating bone 
ash with nitric acid, precipitating the calcium as calcium sulfate, 
filtering, evaporating and distilling the residue with charcoal. 
Later, the Scheele process was improved by Nicolas and Pelletier, 
who decomposed the bone ash directly with sulfuric acid. 

Occurrence.— This element is never found as such in Nature, but 
occurs in combination as native calcium phosphate (generally known 
as phosphorite or ** phosphate rock'') in large deposits in Georgia, 
Florida, Tennessee, Utah, Idaho, Montana, Wyoming, Alabama, 
the Carolinas and Algeria. A mineral known as apatite^ Ca 3 (P 04 ) 2 .- 
CaF 2 , is found in large quantities in Canada. Phosphorus is essential 
to animal and vegetable life. It occurs in bones and teeth (58 per 
cent calcium phosphate), blood, urine and in considerable quantities 
in the nervous, muscle and brain tissue as complex organic com- 
pounds called phosphoproteins. 
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Physical Properties.— Commercial phosphorus may be obtained in 
two forms, mz., white phosphorus and red phosphorus. 

White Phosphorm,—Y^h\te phosphorus, as usually prepared, is 
a pale yellow, transparent, waxy solid, having a density of 1.82, 
melting at 44.3 "" C., and boiling at 280° C. It is thought tluit the 
yellow color of phosphorus is occasioned by the presence of small 
quantities of red phosphorus. The pure white element may be 
obtained by heating the yellow phosphorus with chromic acid solu- 
tion, washing, and drying it in a vacuum, first at 40° C. and then 
at 80° C. The element will remain colorless if kept in vacuum 
tubes in the dark, but upon exposure to light it rapidly turns yellow. 
The fracture of phosphorus is distinctly’ crystalline; large, regular, 
duodecahedral or octahedral lustrous crystals being obtained by 
crystallization from carbon disulfide or by sublimation in the 
absence of air. 

Phosphorus is nearly insoluble in water. At 25° C., 1 Cm. of 
phosphorus dissolves in 0.9 cc. of carbon disulfide, about 400 cc. of 
anhydrous alcohol, about 40 cc. of chloroform, 102 cc. of anhy- 
drous ether, 31.5 cc. of benzene, in sulfur chloride, and it is spar- 
ingly soluble in fixed oils and oil of turpentine. It is very poisotious, 
0.15 Cm. being the lethal dose. Exposure to phosphorus vapors 
produces necrosis. It is a non-conductor of electricity. Molten 
phosphorus boils at 280° C. and forms colorless vaf)()rs which at 
approximately the boiling-point, correspond in density to a tetra- 
atomic molecule, P4. Biltz and Meyer, working at higher tempera- 
tures (1500° to 1700° C.), found dissociation into P2 molecules. 
Beckmann obtained P4 molecules from the boiling-points of carbon 
disulfide solutions, and Hertz arrived at the same conclusion from 
the lowering of the freezing-point in benzene solution. 

Red Phosphorus . — Red phosphorus occurs as a dark purplish-red 
to violet, microcrystalline, non-poisonous (when pure) powder 
which is insoluble in all solvents. Its density varies from 2.05 to 
2.34. The variability of its heat of combustion, together with its 
other non-constant physical properties, preclude its being con- 
sidered as a simple allotropic form of phosphorus. It is thought 
to be a more or less pure solid solution, of scarlet phosphorus in 
metallic or black phosphorus. It is stable in air and light. Under 
a pressure of 43 atmospheres, it melts at 590° C. It crystallizes 
in the regular system. On account of its stability and its non- 
poisonous property, it is produced in large quantities for consump- 
tion in the match industry. 

AUotropic Modifications of Phosphorus. -A number of modifications 
of phosphorus are said to exist. Besides ordinary white phosphorus 
there seems to be three rather well-defined forms, all of which are 
claimed to be true allotropic modifications. In 1905, R. Schenck 
obtained a scarlet amorphous powder by boiling a solution of white 
phosphorus in either phosphorus tribromide or tri-iodide, or in the 
sulfide. The powder may be obtained also by heating phosphorus 
tribromide with mercury at 240° C. This scarlet phosphorus is 
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non-poisonous. When heated, it is converted into red phosphorus. 
When mixed with potassium chlorate, it is used in the match 
industry. Violet phosphorits is obtained by heating white phos- 
phorus with a minute quantity of sodium to 200° C. under very 
high pressure. Ilittorf prepared wetallic or bla^k phosphorus by 
heating phosphorus with lead in a sealed tube at 530° C., and 
recovering the lead by boiling the product with nitric or hydro- 
chloric acid. It occurs as minute, lustrous, black, rhombohedral 
crystals. 



I’k.. 19. -'-W hite pho.sphorus shell, 75 mm. two minutes after bursting. (Krom Fries 
and W est, Chemical W arfare, courtesy of McGraw-Hill Company.) 


Chemical Properties. — 11 phosphorus combines directly with 
most of the elements, and hence is a very chemically active sub- 
stance. Moistened phosphorus is slowly oxidized in air to ozone, 
phosphorous and phosphoric acids. It is oxidized so rapidly in air 
that it takes fire at about 35° C. and burns with a bright, white 
flame to form dense, snow-white clouds of phosphorus pentoxide. 
Shells and hand grenades containing white phosphorus (W. P.) 
have been used for incendiary and screening purposes (Fig. 19). 
It is also easily oxidized by oxidizing agents, e, g.y nitric acid (1) 
to form phosphoric acid and nitric oxide. 

(1) 3P + 5HNO3 + 2H2O 3H3PO4 + 5NO T 

When phosphorus or solutions of it in some essential oils, chloroform, 
etc., are exposed to the air, the element undergoes slow combustion 
which is revealed by a greenish-white phosphorescence w hen viewed 
in the dark. The glowing is always accompanied by the evolution 
of hydrogen dioxide and ozone (garlic-like odor). Many theories 
have been advanced to explain this action, but recent investigations 
lend support to the view^s that it is due either to the combustion 
of an oxide more volatile than phosphorus or, that the chemical 
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energy transformed in connection with the oxidation of the phos- 
phorus is partly converted into radiant energy instead of heat. 

Red Phosphorus,— The equation (7) representing the reaction that 
takes place in the manufacture of red phosphorus from white phos- 
phorus clearly shows that the former contains much less internal 
energy than the latter, and hence is less active chemically. Only 
when heated to 240° C. or above does red phosphorus unite with 
the oxygen of the air and ignite. 

Tests for Identity. — 1. By its phosphorescence. 

2. When white phosphorus is placed in a flask from which the air 
has been displaced by coal gas (to prevent an explosion), a 30 per 
cent sodium hydroxide solution run in through a dropping funnel, 
and the mixture heated, phosphine is evolved and sodium hypo- 
phosphite is formed (2). The phosphine made in this way contains 
a trace of the spontaneously inflammable (liquid) dihydrogen phos- 
phide (P2H4). If the gaseous mixture is passed through water, the 
bubbles, upon coming in contact with the air, are immediately 
oxidized to phosphorus pentoxide (white smoke) and a mist of phos- 
phoric acid. 

(2) 4P + 3011' -f- 3H.2O 3H2PO2- + PII3 T 

3. When phosphorus is treated with nitric acid, orthophosphoric 
acid and NO are produced (1). The former may be identified by 
appropriate tests for phosphate ion. 

Commercial Manufacture. — P/iosjjhori^s.— Vormerly, all of 

the phosphorus of commerce was made from bone-ash, but now the 
less expensive calcium phosphate (phosphorite) of fossil origin is 
used. Bone-ash or calcium phosphate is treated with sulfuric; acid 
(specific gravity, 1.5 to l.()), heated with steam and stirred in a 
wooden vat. During the heating, the larger part of the calcium is 
converted into calcium sulfate, and phosphoric acid is obtained (3) . 

(3) Ca3(P04)2 “h 3H2SO4 — > 2II3PO4 -j- 3C aS()4 1 

The mixture is filtered and the weak phosphoric acid solution con- 
centrated in leaden pans. During the concentration most of the 
remaining calcium sulfate is deposited. The syrupy crude phos- 
phoric acid is then mixed with charcoal, coke or sawdust and dried 
in a muffle furnace. Stourbridge clay retorts, arranged in a galley 
furnace, are then heated to a bright red heat and charged with the 
mixture. At red heat, the phosphoric acid loses water and is con- 
verted into metaphosphoric acid (4). 

(4) H3PO4 -> H2O + HPO3 

As the temperature of the retorts is gradually raised to a white 
heat, the metaphosphoric acid is reduced by the carbon to phos- 
phorus which distils (5). The vapors are led through malleable iron 
pipes into condensing troughs containing cold water. 

(5) 2 HPO 3 + 6C H 2 + 6CO + 2P 

Most phosphorus is now made by continuously charging a mixture 
of calcium phosphate, silica (sand) and coke into an electric furnace^ 
^ See also, Phosphoric Acid, p. 126. 



PHOSPHORUS 


507 


provided with a close-fitting cover having an outlet leading to a 
condenser. The discharging of an alternating current between car- 
bon electrodes produces a very high temperature. At the tempera- 
ture of the furnace the silica attacks the calcium phosphate and 
forms calcium silicate (CaSiOs) and phosphorus pentoxide (P 2 O 6 ). 
(See p. 129.) The latter is reduced by the carbon to carbon mon- 
oxide and phosphorus, which pass over to the condensers (6). 

((>) Ca,(P 04)2 + 3Si02 + 5(.: SCaSiO.^ + SCO t + 2P j 

The impure phosphorus,^ obtained by either process, is purified by 
melting under water and filtering, first, through animal black and 
then, through chamois skin. The molten phosphorus is sometimes 
purified by washing with a weak solution of potassium dichromate 
and sulfuric acid, l^y this treatment, the impurities rise to the 
surface as a scum and may be removed. At one time, workmen 
sucked up the molten phosphorus in glass tubes in which it was 
allowed to solidify. On account of the danger to the health of the 
operators, this method of casting has been replaced by a continuous 
process, whereby the molten phosphorus is drawn off by suction 
into cooled tin tubes, where it solidifies as a continuous rcxl. 

Red Pho.s'j)horu.s\—l\ed phosphorus is made by heating white 
phosphorus at a temperature of 230° C. to 300° C. for twenty-four 
hours ill an iron pot fitted with an air-tight lid which is provided 
with a long pipe of small diameter open to the air (7). At the 
beginning of the operation, a small quantity of the phosphorus 
combines with the oxygen of the air present in the vessel to form 
the pentoxide. The heating is then continued in an atmosphere 
of inert nitrogen. When the change is complete, the product is 
ground under water, boiled with caustic soda to free it from any 
unchanged white phosphorus, washed, dried and packed in tin 
boxes. 

(7) P (white) P (red) + 3700 calories 

Pharmaceutical Preparations and Uses. — Phosphorus and its prepa- 
rations (Elixirs, and Phosphorated Oil), official in N. F. VII, were 
deleted from the N. F. VUI. This was no doubt due to the fact 
that its therapeutic value is very questionable. It was defined as 
a yellow allotropic form of phosphorus (P). When taken internally 
in small doses (tto grain) the only noticeable effects are an increased 
formation of bony and connective tissue. It is supposed to exert a 
gentle stimulating action upon the nervous system. It is used in 
cases of nervous exhaustion, sexual impotency, rickets and in other 
disorders of the nervous and bony systems characterized by poor 
development, hi large doses it is a lethal poison, A solution of 
copper sulfate (0.5 Gm. [7J grains] CUSO 4 in 120 cc. of H 2 O) is the 
best antidote for phosphorus poisoning. Any free particles or 

^ The Monsanto Cliemical Company announces that by an improved electro- 
thermal process they are able to reduce phosphate rock and subsequently condense 
elemental phosphorus of better than 99.9 per cent purity. 



508 


PHOSPHORUS AND PHOSPHORUS COMPOUNDS 


globules of free phosphorus are coated with a layer of metallic 
copper. On account of the formation of turpentine-phosphoric 
acid, old turpentine or French oil of turpentine is said to be an 
effective antidote. Average dose— Metric, 0.6 mg.; Apothecaries, 
grain. 

Aside from its medicinal uses, phosphorus has been used m rat 
poisons, which have been named Electric Rat Paste,” etc , because 
of their phosphorescence. 

Phosphorus Compounds 

Phosphides and Phosphines.— Phosphorus combines directly with 
the halogens, sulfur, selenium and, in fact, with almost all of the 
elements to form phosphides. Most of the metals burn in phos- 
phorus vapor. Some metallic phosphides may he made by reducing 
the phosphates with carbon. 

Phosphorus forms three hydrides, viz., ])hosphine (PIl.O, dihydro- 
gen phosphide (PoILi), and solid hydrogen phosphide (Pi 2 nfi). Col- 
lectively, they are known as the phosphine^s. Phe putrefaction of 
organic material containing phosphorus gives rise to the phosphines, 
which, upon slow bacterial oxidation, are thought to cause the light 
of phosphorescence known as the wHl-o'-wisp or igni^s fatun.s, some- 
times observed at night over marshy ground, around tree stumps, 
etc. 

Jtiosphine was first obtained by Cengembre, in 1789, by the action 
of potassium hydroxide upon phosphorus. This gas was sponta- 
neously inflammable and was thought to be distinct from a non- 
spontaneously inflammable phosphine which Sir IT. Davy obtained 
some time later by heating phosphorous acid. In 1835, Le Verrier 
proved that the spontaneous inflammability of Gengembre’s phos- 
phine was caused by small quantities of dihydrogen phosphide. 

Phosphine (PH3) is a colorless, poisonous gas with an odor of 
rotten fish. Unlike the corresponding nitrogen hydride (NH3), it 
is only sparingly soluble in water and does not form a basic com- 
pound analogous to ammonium hydroxide. It liquefies at —90° C. 
and becomes a solid at —132.5° C. It is soluble in a solution of 
copper sulfate and in an acidulated solution of cuprous chloride. 
Phosphine is easily decomposed by heat into its constituent ele- 
ments. It inflames spontaneously at 100° C. A mixture of phos- 
phine and oxygen is explosive. The halogens violently decompose 
phosphine. The hydrogen halides unite with it to form a series of 
phosphonium salts (1). 

(1) PH3 + HBr ?=> PH4Br 

These compounds are analogous to the ammonium salts of the 
hydrohalogen acids. They differ from the ammonium salts, how- 
ever, by not ionizing in aqueous solution. Instead, they decompose 
into phosphine and the respective halogen acid (2). 

(2) PH 4 Br -> PH3 T + HBr 
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Impure phosphine may be made by the method described on p. 506. 
Hydrogen and dihydrogen phosphide are also formed during the 
reaction and contaminate the phosphine. A dihydrogen phosphide- 
free gas may be obtained by passing the gas obtained in the manner 
described, into a h^^drochloric acid solution of cuprous chloride. 
This dissolves the PH 3 , but permits the P 2 H 4 to pass on. Phosphine, 
free from P 2 H 4 , may be obtained by heating this solution. It may 
be obtained also by the hydrolysis of metallic phosphides (3). 

(3) CasP^ + 6 II 2 O -> 3 Ca(OII )2 + 2 PH 3 T 

Dihydrogen Phosphide (P2H4).— Dihydrogen phosphide was ob- 
tained by P. Thenard about 1844. It is a colorless liquid which 
boils between 57° and 58° C. It is insoluble in water, but dissolves 
in alcohol and in ether. It is very unstable to heat and light. It 
may be obtained by decomposing calcium phosphide with warm 
water and ])assing the evolved gases through a T^-tube contaiiK^l in 
a freezing mixture.^ 

Solid Hydrogen Phosphide. —The hydride, P 12 II 6 , is an odorless, 
canary-yellow, amorphous .solid. It is obtained by passing thv gases 
resulting from the decomposition of calcium phosphide with warm 
water, over granular calcium chloride. 

Halides of Phosphorus.— Phosphorus unites directly with the 
halogens to form the respective tri- and pentahalides. These hnlides 
are hydrolyzed by water to the respective hydrogeti halide* and 
phosphorous and ])h()sphoric acids (1) (2). 

( 1 ) PI 3 + 3 II 2 O -> 3HI -f P(0H)3 

(2) PCU -f 4HoO -> 5IIC1 -+- H 3 PO. 

Below are listed the phf)sphorus halides with tht‘ir properties: 


A Modification of Tabf.e in Genehal Inohcvnic ('hemistry 
(Sneed and Maynard) 


( onipound 

Ph.v.sicfll 

C’olor 

Heat of 
formation 

M. 1 ’. 

ICC. 

1 )i>co\ ri 

state 


in calories 


] 


Trifluoride (PFs) 

Gas 

Colorless 

108,000 

- 160° 

-95 0° 

1 

Duvy 

Pentafluorido (PFs) 

Gas 

Colorless 


-9S 7° 

1 -84 5° 

1 Thori)e 

Trichloride (PCI3) 

Liquid 

Colorless 

76,940 

I - 91° 

! 76° 

i Clay-Lus.'^{l(‘ 






! 

1 Thenard 

Pentachlorido (P(Jlf,) 

Solid 

Yellow- 

' 106,000 

166 8 ° 

162 0 ° 

Davy 



white 





Tribromide (PHrs) ' 

Liquid ’ 

( ’olorle.ss 

45,400 

- 40° 

1 

iSublimo.s 



Pentabromide (PBib) 

Solid 

! 

OraiiKe- 

60,690 

* i 

172 9° 

* ! 

Tri-iodide (PI 3 ) 

1 Solid 

yollow 

Orange- 

11,000 

61° 

* 1 

1 

Totra-ioflide (P.-L) 

1 Solid 

red 

Orange 

i 19 800 

124 5° 

* 1 

1 1 


* Decomposes. 

‘ Compt. rend. Soc. do biol. de Paris, 18, 652 (1844); Bcr., 23, 1174 (1890). 
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Sulfides of Phosphorus.— Sulfur and phosphorus energetically 
combine to form three known sulfides, viz., P2S6, P4S7 and P4S3. 
When a mixture of red phosphorus and sulfur is heated, the union 
takes place quietly. P2S6 is a yellow powder resembling flowers of 
sulfur in appearance. It melts at about 276° C. Tetraphosphorus 
heptasulfide (P4S7) occurs in small, faintly yellow prisms which melt 
at 310° C. and boil at 523° C. Tetraphosphorus trisulfide (P4S3) 
occurs as light yellow crystals that melt at 172.5° C. It is used 
in the match industry. The pentasulfide is readily hydrolyz(‘d by 
water to orthophosphoric acid and hydrogen sulfide (1). 

(1) P2S5 + 8H2O 2H,,P04 + 5H2S t 

These sulfides are used in the manufacture of organic compounds 
and matches. 

Oxides of Phosphorus.— Phosphorus forms three well-dcfineii 
oxides, viz., phosphorus pentoxide (P2O6), phosphorus tetroxide 
(P2O4), and phosphorus trioxidc (P20,3). 

Phosphorus Pentoxide (PoO^).— This soft, flocculeiit powder is 
formed by the complete oxidation of phosphorus in the absence t)f 
moisture. In 1740, Marggraf named this compound “flowers of 
phosphorus.” It is very stable in dry air. It has a specific gravity 
of 2.387 (-f-» C.) and melts at approximately .503° C. With water, 
a vigorous exothermic reaction takes place to form metaphosphoric 
acid (1), which is rapidly changed to orthophosphoric' acid if the 
water is warm and in excess (2). 

(1) PoOs + H2O ^ 2HP0,7 

(2) HPO, + H2O H,P04 

Because of its great affinity for water, it is used for drying gases. 

Phosphorus Tetroxide (P2O4).— J’hosphorus tetroxide, together 
with some red phosphorus, is formed when phosphorus trioxidc is 
heated between 210° C. and 290° C. It combines with water to 
form a mixture of phosphorus and phosjdioric acids (3). 

(3) P2O4 + 3H2O H.,P04 + II3PO3 

Phosphorus Trioxide (P2O;0.— Phosphorus trioxide was discov- 
ered by Sage in 1777. It is formed when phosphorus is burned 
with a limited amount of oxygen. It is a white powder that melts 
at about 22.5° C. It has a specific gravity of 2.1,35 C.). Like 

the other oxides of phosphorus, it acts upon water to form acids. 
With cold water, it slowly reacts to form phosphorous acid; but with 
hot water, it is violently decomposed into red phosphorus, phosphine, 
dihydrogen phosphide and phosphoric acid. 

Acids of Phosphorus.— See Inorganic Acids. 
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ARSENIC 

Symbol, As. Valence, III, IV, V. Atomic Weight 74.91; 

Atomic Number, 33 

History.— This non-metallic element was known to the ancients 
in the form of its native sulfides, realgar and orjninent. Aristotle 
(384-322 B.c.) called these sulfides sandarace. Later, Theophrastus 
(372-287 B.c.) gave them the name, araenicon. The Greek alchem- 
ist, Olympiodorus, made white arsenic (As^^Oa) by roasting the sul- 
fides of arsenic. This compound was know^i to Geber and the later 
alchemists. About 1250, Albertus Magnus obtained the free ele- 
ment as did Schroder in 1094. In 1733 G. Brandt show’ed that 
white arsenic was an oxide of this element which he was possibly 
the first to obtain in pure form. 

Occurrence. — rncombined arsenic is found in Nature in the form 
of gray colored masses or acicular crystals (rare). In combination, 
arsenic is widely distributed. Its principal minerals are realgar 
(AS 2 S 2 ), orinineni (AsoSa), tennantite (AS 2 S 3 . 4 CU 2 S), enargife (Cu.r 
ASS 4 ) and arsenopyrite or mispickel (FeAsS). Cobalt glance (CoAsS) 
and 7iiclcel glance (NiAsS) also contain arsenic in combination. Cop- 
per and gold ores are usually associated w ith one or more arsenic 
minerals. Traces of arsenic-bearing minerals are found in nearly 
all naturally oecurring metallic sulfides, especially zinc and iron. 

Physical Properties. — Arsenic is a steel-gray, brittle solid having 
a distinct metallic luster. It crystallizes in rhombohedrons, has a 
density of 5.(53 to 5.73 and is a good conductor of electricity. It 
is insoluble in w ater. Arsenic sublimes at about 450° C, (760 mm.) 
without melting, the vapors having a yellow^ color and a garlie-like 
odor. Fusion takes place only when the element is heated under a 
pressure of 36 atmospheres. It then melts at approximately 817° C. 
At 644° C., the vapors have a density that corresponds to a for- 
mula As 4 , but at 1700° C. the vapor density drops considerably 
in value due to the dissociation of the As 4 , and then corresponds to 
As 2 . Arsenic resembles phosphorus by existing in one or more allo- 
tropic modiheations. There are two well-known forms. When 
arsenic is sublimed in a current of hydrogen or w hen arsine (AsHs) 
is heated, a black amorphous form of arsenic is deposited. When 
the yellow vapors of arsenic are condensed, a grayish-white crystal- 
line form of arsenic is obtained. The amorphous variety of arsenic 
may be converted to the crystalline form bv heating it to about 
360° C. 


( 511 ) 
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Chemical Properties.— The chemical properties of arsenic and its 
compounds present a somewhat complex picture. They will be 
discussed as (1) elemental arsenic, (2) trivalent arsenic, and (8) 
pentavalent arsenic. 

1. Arsenic is permanent in dry air but tarnishes in moist air. 
It ignites at about 180° C., burns with a bluish flame and evolves 
white clouds of arsenic trioxide (1). 

(1) 4As + 30., 2 As .>03 

In an atmosphere of chlorine or bromine, arsenic catches fire and 
forms the trichloride (2) or tribromide, as the (‘asc may be. 

(2) 2 As “1“ 3CI2 — ^ 2AsCl3 

However, the presence of water causes chlorine (3) or bromine to 
oxidize arsenic to orthoarsenic acid. 

(3) 2As + 5Clo + SlW -> 2H3ASO4 + 1011( 3 

Acids do not attack arsenic readily unless the acid has oxidizing 
properties, e. g., dilute nitric acid (4), concentrated nitric acid (5), 
or hot concentrated sulfuric acid (6). 

(4) As “h HNO3 4“ II2O — > HsAsOa -I- NO | 

(5) As + 5HNO3 H3ASO4 + 5NO2 T + H.O 

(6) 2As + 3H.,S04 AS2O3 + 3SO2 T + 3H.2O 

Arsenic is also readily reacted upon by sodium hypochlorite solu- 
tion (7). 

(7) 2As 4- 5NaOCl 4“ 3H2O — > 2H3ASO4 4" 5NaCl 

2. Trivalent arsenic is one of the common forms of this element. 
Although arsenic is classified as a non-metal, it has the ability to 
form a limited number of compounds in which it acts as a cation. 
Of these, the halides, e. g., arsenic trichloride (AsCb), are the out- 
standing examples. Even in these cases it is better regarded as an 
acid chloride because it is decomposed quantitatively by excess 
water to form orthoarsenous acid (8). 

(8) AsCb 4- 3H2O 4=^ 3HC1 4- H3ASO3 

The above reaction is a reversible one in that if the concentration 
of HCl is increased the reaction is forced to the left and the solution 
will contain mostly arsenic trichloride. It is interesting to note 
that a hydrochloric acid solution of orthoarsenous acid, when 
evaporated, gives off vapors of arsenic trichloride until no arsenic 
remains. This is not true of a hydrochloric acid solution of ortho- 
arsenic acid in which arsenic exists in the pentavalent form. 

Graphic formulae show the relationships of the oxides, sulfides 
and acids of arsenic much better than the conventional molecular 
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formulae. For example, arsenic trioxide is the product of dehydra- 
tion of orthoarsenous acid (9). 


OH 

Oilll 


As- OH 

As-iOIli 
- > 

As 

0 II: 


OHi 

As^O Hi 

As 

As OH 

OHi 



^OII 


Ortljoar.sonous acid Pyroar.seiiou.s acid Ar.soiiic trioxide 


The above may be regarded as an intermolecular dehydration. On 
the other hand, one mav consider intramolecular dehydration. 


wherein inetarsenous acid is 

(10) no— As; i-' I 

^IQH; 

Ortiioarsenous acid 


formed (10). 

IK)-As==0 + n>o 

Metar«cnou.s acid 


Arsenic trisulfide is exactly analogous to arsenic trioxide and is 
formed In- the iniermolecular deli\-dration of the orthothioarsenous 
acid (11). 

.SIT 
As- SH 

(11) 'SiH' 

. SH; 

As- -SI I 

\sn 

Orthothioarsenous acid l^yrothioarsenous acid Arsenic trisulfide 


.S^H 
As;- SH 

;s, 

As-S.H 

;SH 


As^ 


As'' 


1. When hydrogen sulfide is passed into an acidulated (HCl) 
aqueous solution of an arsenous compound, yellow arsenous sulfide 
is precipitated (12). The precipitate is insoluble in concentrated 
hydrochloric acid, but dissolves in the hydroxides (13), carbonates 
(14) and sulfides (15) of sodium, potassium and ammonium. 

(12) 2AsCl,, + 3S= AS2S4 + 6C1- 

(13) As^Ss T (lOH— *— ♦ AsO;t T AsSs" T 3H2O 

(14) AS2S3 + 3C()3= AsO.,=-= + AsS,"^ + 300, t 

(15) AS2S3 + 3S= 2AsS,= 

With neutral solutions of soluble arsenites, silver nitrate pro- 
duces a yellow precipitate of silver orthoarsenite (16), which is 
soluble in an excess of ammonium hydroxide or in diluted nitric 
acid. 


(16) AsOa- + 3Ag+ — > AgaAsO., j 


33 
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Copper sulfate precipitates from neutral solutions of arsenites 
green cupric hydrogen arsenite (17) (Scheele's green), which is soluble 
in ammonium hydroxide and in acids. The precipitate turns red 
when boiled with sodium hydroxide T.S. 

(17) HAs 03= + Cu++ CuHAsOa i 

If copper sulfate and an excess of alkali hydroxide are added to 
a solution of an arsenite, cuprous oxide (red-brown) is precipitated 
and an alkali arsenate is formed (18). 


(18) As 03“ + 2Cu++ + 40H“ — » As04 — h CU2O j + 2H2O 


When copper acetate is added to a boiling solution of an ar- 
senite, a green precipitate of copper aceto-arsenite is produced 
(See Paris Green, p. 290.) 

3. Pentavalent arsenic is of primary interest only in that it 
forms certain well-defined acids, an oxide and a sulfide. Arsenic 
pentoxide may be considered as the anhydride of orthoarsenic acid 

(19) in the same way that arsenic trioxide is the anhydride of 
orthoarsenous acid. 


OH 


' o=As;7-ori 
(19) OiH 

iOII 


0-=As OH 
OH 


Orthoarseilic acid 


OH 

()=-^As Oil! 

o 

0--A.S O II 
^lOH 


O-^As-O 

Q=Asi:0 


Pyroarsenio acid 


Arsenic i)ontf)xide 


The sulfur acid, namely orthothioarsenic acid, is analogous to its 


trivalent counterpart (20). 



/SH 

S Hi 


S=^Asr^SH 

S=-As. :SHi 

S--As--S 

(20 ) ^s;h; s 

/fSHi S=As: SiHj 

S=As(-SH iSH; 

/ 

S-=As= -S 

SH 



Orthothioarsenic acid 

Pyrotilioarsenic acid 

Arsenic pentasulfide 


When hydrogen sulfide is passed into a hot acidulated solution 
of an arsenate, a yellow precipitate of arsenic pentasulfide is formed 
(21). The precipitate is soluble in the reagents in which arsenic 
trisulfide is soluble. 


(21) 2H3ASO4 + 5H2S AS2S6 i + 8H2O 

/ 

Silver nitrate, when added to a solution of an arsenatle, precipi- 
tates a reddish-brown silver arsenate (22), which is soluWe in ammo- 
nium hydroxide or in diluted nitric acid. / 

(22) As 04- + 3Ag+ Ag3As04 i 
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When a nitric acid solution of ammonium molybdate is wanned 
with a solution of an arsenate, there is produced a yellow precipi- 
tate of ammonium arsenomolybdate (23). Arsenites do not give a 
precipitate with this reagent. 

(23) As04- + 3NII4 + + 12Mo04^ + 24H3 O+ -> (NH4)3As04.- 

I 2 M 0 O 3 + 3611.20 

When a small quantity of a solution of an arsenate is shaken 
with a clear solution of magnesium chloride, ammonium chloride, 
and ammonium hydroxide, a white precipitate of ammonium 
magnesium arsenate is formed (24). The precipitate is soluble in 
hydrochloric acid. 

(24) As 04^ + Mg++ + NII4+ NIl4lVrgAs04 j 

Note in the above reactions (22, 23, 24) how closely they compare 
with those of orthophosphoric acid (q. v,). 

Official Tests for Identity. -A. Arsenate. — I . With silver nitrate 
T.S. the soluble arsenates yield a reddish-brown precipitate (22). 

2. A white precipitate is obtained from arsenates with magnesia 
mixture T.S. (24). 

This precipitate is converted to orthoarsenic acid on treatment 
with hydrochloric acid. This acid solution yields a precipitate of 
arsenic pentasulfide with hydrogen sulfide, the precipitate being 
soluble in ammonium sulfide T.S. 

B. Arsen 7 ye.~] . With silver nitrate T.S. neutral solutions of 
arsenites yield a yellow precipitate (16). 

2. Copper sulfate T.S. yields a green precipitate (17). When 
boiled with sodium hydroxide T.S. the precipitate becomes red in 
color (18). 

3. Hydrogen sulfide precipitates yellow arsenic trisulfide from 
acidified (with H(3) solutions of arsenites (12). 

Special Reactions.- Because arsenic at one time was used quite 
extensively by criminal poisoners, the detection of it in the stomach 
or tissues of the victim has received much attention. This accounts 
for the many special tests which have been proposed. 

1. ReinscKs 7V.v/.— When a bright piece of copper is placed in 
an acidified (HCl) solution of arsenic and the solution heated, the 
copper becomes coated with a steel-gray deposit of what appears 
to be copper arsenide, CusAso, which can be remo^'ed by heating 
in a flame. Mercury and antimony interfere with this test. (Sec' 
The Electromotive Series of the Metals.) 

2. MarsKs Test. —When in solution, all soluble arsenic compounds 
are reduced by hydrogen (produced by the action of diluted sulfuric 
or hydrochloric acids on zinc) first, to arsenic and then, to arsenous 
hydride or arsine (AsHa) (25) (26) (27). Arsine burns in air with a 
bluish-white flame to form arsenous oxide (AS2O3) and water (28) 
or arsenic and water (29). When arsine is heated, it easily breaks 
down into its constituent elements. If arsine is burned from a jet, 
the inner or reducing flame contains free arsenic, which will deposit 
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as a brownish-black stain having a metallic appearance upon a cold 
porcelain dish held in the flame. An arsenic stain is soluble in a 
solution of sodium hypochlorite, whereas a similar stain produced 
by antimony is insoluble. Marsh’s test (described below) is founded 
upon the chemical reaction represented by equation ( 30 ). 

( 25 ) AsOz= + 3Zn + 9H3O+ -> 3 Zn++ + I2H2O + AsH., t 

( 26 ) ASO4- + 4 Zn + IIH3O+ 4 Zn-H' + I5H2O + Aslh T 

( 27 ) As+++ + 3 Zn + 3II3O+ 3 Zn++ + AsH3 T + 3H2O 

( 28 ) 2ASIT3 + 3O2 AS2O3 + 3H2O 

( 29 ) 4 AsIl 3 + 3O2 4 As + 6H2O 

( 30 ) II3ASO4 + 4 Zn + 4H2SO4 Aslh f + 4ZnS04 + 4H2O 

The apparatus (Fig. 20 ) consists of a generating flask (A) provided 
with a two-holc cork (E). Through one of these holes is inserted a 
funnel-tube (C), extending nearly to the bottom of the flask. One 
end of a right-angle delivery tube (D) is inserted in the other hole 
and the opposite end connected with a drying tube (I^J) filled with 
calcium chloride (F). The drying tube, in turn, is connected to a 
12 -inch length of hard J inch diameter glass tubing ( 0 ), drawn out 
at 3 -inch intervals to a reduced diameter of about | inch. About 
3 inches from the end, the tube is drawn out to a tip. 



Because sulfuric acid and zinc often contain arsenic as an im- 
purity, the hydrogen evolved by their reaction must be tested for 
arsenic. A convenient quantity of zinc is placed in the flask and 
sulfuric acid is added. The tube (G) is then heated to redness at 
one of the wide parts for at least one-half hour. If the acid or zinc 
contain arsenic, a mirror will form in the constriction beyond the 
heated part of the tube. 

When the hydrogen being generated has been proven to be 
arsenic-free, the solution to be tested is poured through the funnel- 
tube into the flask (A). The gas issuing from the jet is lighted, 
and if arsenic is present in the unknown, the flame soon becomes 
larger and acquires a bluish tint. A piece of cold porcelain held in 



ARSENIC 


517 


the flame is stained brownish-black. This stain may be removed 
with a solution of sodium hypochlorite (7). If the stain is dissolved 
in nitric acid, the solution evaporated to dryness, and the residue 
then moistened with a drop of silver nitrate solution, it becomes 
brick-red in color. When an antimony spot is treated in like man- 
ner, no color is produced. An arsenic mirror will be formed at a 
constriction in the tube if any arsine present is decomposed by 
heating, as directed in the test for purity of sulfuric acid and zinc. 

Gutzeit Test.—Vlanc about 1 Gm. of arsenic-free zinc in a test- 
tube, add about 5 cc. of 4 per cent arsenic-free sulfuric acid, and 
a small quantity (a few drops) of a neutral or acid solution of an 
arsenic compound (31). Cap the test-tube with several thicknesses 
of high grade filter paper and cover these with a third paper that 
has been moistened with a saturated aqueous solution of silver 
nitrate containing about 1 per cent of nitric acid (32). Place the 
tube in a dark place and, after a time, examine the paper cap. 
A yellow stain indicates that arsenic is present in the unknown 
solution. If the yellow stain is moistened with water, the color 
changes to a brown or black (33). Antimony compounds will 
cause a darkening of the silver nitrate test paper but will not give 
a previous yellow color. 

(31) FI3ASO4 “h 4Zn -|- 4H2SO4 — > Aslls “h 4Znb04 -h 4H2O 

(32) Aslla + GAgNOa — > 3IINO3 + AgaAs.SAgNOy (yellow) 

(33) Ag3As.3AgN03 + 3H2O — > 3IINO3 + II.^AsO^ -j- GAg 

(black) 

Modified Gntzeii 7 . — Bergeret and Merceron were the first to 

suggest certain changes in the so-called “Gutzeit test” for arsenic. 

Certain substances interfere with the test and the chemical under 
examination may have to be treated vspecifically. The modified 
Gutzeit test as now used in this country is as follows: 

Preliminary Treatment,— On account of the stain antimony 
hydride produces on mercuric bromide paper, and also because the 
salts of the heavy metals, such as bismuth, copper, iron, mercury, 
etc., interfere with the formation of arsine, samples containing them 
are best tested for arsenic by Bettendorf’s method. Acid solutions 
of these heavy metals may be subjected also to distillation. The 
more volatile arsenic will be present in the distillate upon which 
the Gutzeit test may then be carried out. 

Difficultly soluble salts, such as barium sulfate, should always be 
tested by Bettendorf’s method. As an alternative, these salts may 
be suspended in water and then tested by the Marsh method. 

Carbonates, on accovmt of the carbon dioxide which would be 
evolved, are first treated Avith dilute sulfuric acid until the reaction 
has ceased. 

The halogens also, due to their oxidizing effect, must be eliminated 
by heating with nitric and sulfuric acids until white fumes of sulfur 
dioxide are evolved. The halogens are oxidized by the nitric acid 
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and then expelled by the sulfuric acid. The unused nitric acid also 
is driven off by the heat. 

Nitrogen interferes with the formation of arsine, and compounds 
containing it are heated with a mixture of potassium nitrate and 
sodium carbonate. The sodium carbonate prevents the volatiliza- 
tion of the arsenic. Sulfuric acid is then added, and this decom- 
poses the carbonate and nitrates into carbon dioxide and oxides 
of nitrogen, respectively, '^rhese may be driven off by heat. 

Organic matter prevents the evolution of arsine and is usually 
oxidized by incineration, using sodium carbonate to retain the 
arsenic. The sodium carbonate is then decomposed with dilute 
sulfuric acid. Oxidation by treatment with bromine solution and 
dilute sulfuric acid, and the subsequent treatment with potassium 
iodide and stannous chloride, is sometimes made use of, particularly 
when organic substances thus oxidized will not interfere. The stan- 
nous chloride reduces the unused halogens. 

Oxidizing substances must be reduced on account of their effect 
upon arsine. 

Phosphorus, because of the effect of phosphine, should be oxidized 
to the phosphate. 

Sulfur compounds, owing to the darkening of the mercuric bro- 
mide paper by hydrogen sulfide, should be oxidized to the sulfate. 
Wherever possible, the sulfur should be driven off as hydrogen 
sulfide by sulfuric acid. Sometimes it is precipitated and filtered off. 
in general, the lead acetate paper will take care of small amounts 
of sulfur. 

t Tsually, inorganic chemicals do not need any preliminary treat- 
ment. 

Prejyaration of Chemical,— Pis> certain substances interfere with 
this test, the chemical under examination may have to be treated 
specifically. The treated chemical, representing 0.2 Gm. of the 
original substance, is dissolved in 5 cc. of water. One cc. of a 
mixture of equal volumes of concentrated sulfuric acid and water 
is added and then 10 cc. of sulfurous acid. The mixture is evapo- 
rated on a water-bath until the volume has been reduced to 2 cc. 
and the liquid is free from the odor of sulfur dioxide. In the 
presence of sulfuric acid, arsenites are converted into arsenous acid 
(34) whereas arsenates are changed to arsenic acid (35), as the 
case may be. The sulfurous acid treatment serves to reduce any 
arsenic acid so formed to the trivalent arsenous state in which form 
it is necessary for the successful production of arsine (36). 

(34) 2Me3As03 + 3II2SO4 — ^ 2H3ASO3 -f- 31VIeoS04 

(35) 2]VIe3As04 -f- 3H2SO4 — > 2H3ASO4 -j- 3]VIe2S04 

(36) H3ASO4 + H2SO3 -> H3ASO3 + H2SO4 

Apparatus ,— generator consists of a bottle (C) of 50 cc. 
capacity, an exit tube {B) and a tube (^1). (Fig. 21.) A pledget of 
dry glass wool is placed in the lower part of the tube {B), then a 
strip of freshly prepared but dry lead acetate paper and above this 
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is inserted a pledget of glass wool moistened with lead acetate solu- 
tion. The lead acetate serves to retain any hydrogen sulfide as 
lead sulfide. When the test is ready to be made, a strip of mercuric 
bromide paper is inserted in tube (A), The mercuric bromide paper 
is made by dipping filter paper for five minutes in an alcoholic 
solution of mercuric bromide and then drying it. It is very important 
that the test paper should be freshly prepared. 



Fig 21. — Gutzeit apparatus. 


The Test,— About 10 Gm. of arsenic-free zinc, 25 cc. of 20 per 
(‘,ent sulfuric acid and 3 to 5 drops of acid stannous chloride solu- 
tion are introduced into the bottle (C). The stannous chloride 
maintains the arsenic in a reduced state during the reaction. The 
solution to be tested is then added and the stopper holding the 
exit tubes (^) and (B) immediately inserted. The zinc and sulfuric 
acid react to produce hydrogen (37). The hydrogen in turn re- 
duces the arsenous acid present to arsine (38). 

(37) Zn + H2SO4 ZnS 04 + H 2 T 

(38) HsAsOs ~l“ 3 H 2 — > AsHs t "b 3 H 2 O 

When the evolution of hydrogen has proceeded actively for forty- 
five minutes, the mercuric bromide paper is removed. The stain 
produced should not exceed in length and depth of color that pro- 
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(luced in like manner by 0.002 mg. (2 parts per 1 ,000,000) of arsenic 
trioxide. 

As in the method described previously, a blank should be run 
to determine the purity of the reagents. Small quantities of stibine 
(SbHa) will not affect the mercuric bromide paper. However, larger 
quantities produce a brown stain very similar to that made by 
arsine. If the test paper is immersed in alcohol, the antimony 
stain disappears, whereas the yellow arsenic stain becomes distinctly 
brighter. The following equations have been suggested^ to represent 
the reactions taking place between arsine and mercuric bromide. 
With a small amount of arsenic, the yellow stain, bromomercurarsine, 
Asn 2 (HgBr), will be produced (39). If more arsenic is present the 
orange di- and brown tri-bromomercurarsine stains (40) (41) will 
be formed in proportion to the arsine evolved. With an excess 
of arsenic, the black stain due to arsenic mercuride amalgam will 
be obtained (42). 

(39) AsHa + HgBr, -> AsHAHgBr) + HBr 

(40) AsH 2 (HgBr) + 3IIgBr2 + AsIIa -> 2AsH(HgBr)2 + 3HBr 

(41) 3AsIl(HgBr)o + SIlgBro + AsII.^ — > 3As(HgBr).s + 5HBr 

(42) As(ngBr)H + Aslla — ^ As-illg.-j + 3llBr 

Bettendorf\s 7ks7. To a solution of an arsenic* compound in con- 
centrated hydrochloric acid, add an equal volume of a freshly pre- 
pared saturated solution of stannous chloride in concentrated hydro- 
chloric acid and set the mixture aside for thirty minutes. A brown 
color or precipitate indicates the presence of arsenic (43) (44) (45). 
Easily reducible metals, e. g, gold, mercury, selenium and tellurium, 
produce similar reactions to that of arsenic*. Antimony and bismuth 
compounds do not interfere as th(*y are not reduced to the metals. 
Bettendorf’s test should be used to detect arsenic in the presence 
of antimony. 

This test depends upon the reduction of arsenic (As' slowly) and 
arsenous compounds to elemental arsenic by means of stannous 
chloride. 

(43) As./). + 3SnCl2 + (ilK’I 2As + 3Sn(44 + 3H/) 

(44) As./), + 5Sn(’l., + lOlKd -> 2As + SSi/’b + SII.O 

(45) 4As(1;} + (hSnCd.j — > 4As + OSnC’li 

Commercial Marufacture. —Arsenic* is prepared by roasting ar- 
senopyrite out of contact with air (49). The vapors are con- 
densed between rolls of sheet iron and collected in an earthenware 
receiver. A residue of iron sulfide is left in the retorts. 

(46) 4FeAsS -> 4FeS + 4As T 

In the smelting of copper ores, arsenic trioxide collects as a dirty 
powder in the flues. When this is mixed with powdered coke and 
heated, arsenic sublimes (47). 

(47) 2 AS 2 O .3 + 6 C -4 4As T + 6CO T 

* Partheil: Arch d. pharm., 237, 121 (1899) (equations with mercuric chloride). 
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Arsenic may be purified by sublimation with powdered charcoal. 

Pharmacological Action of Arsenic Ions.— Compounds of arsenic 
injure or destroy all cells and, thelrefore, are protoplasmic poisons. 
The difference in toxicity of inorganic compounds containing arsen- 
ous ions and arsenic ions is not great for mammals, but for protozoa, 
bacteria and yeasts the former (As“‘) is generally much more toxic 
than the latter (As^). This is also true of organic compounds con- 
taining ionizable arsenic. The toxicity^ of arsenic upon cells has 
been shown quite conclusively to be due to a “tying up'' effect 
that it has on — SH (sulfhydryl) groups in the tissues. These 
sulfhydryl compounds, of which thioglycollic acid and glutathione 
are typical examples, are essential to normal oxidation-reduction 


in the tissues. 
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This knowledge led research workers to the idea that possibly the 
use of simple dithiol compounds (those which contain sulfhydryl 
groups) as competitors for the arsenic might serve to prevent a toxic 
reaction. 'I'his idea proved to be successful and subsequent work 
brought out 2,3-dimercapto-propanol (also known as BAL which 
is the abbreviation of British Anti-Lewisite) as an effective neu- 
tralizing agent for arsenical war gases, e, g., “lewisite.” Following 
its use for this purpose, the compound w as used w ith marked success 
in the treatment of arsenic poisoning from other causes. Its use 
has been extended to the treatment of gold and mercury poison- 
ing wnth encouraging results. 

The fact, brought out above, that protozoa are much more sus- 
ceptible to trivalent arsenic than are mammals, explains the wide- 
spread use of arsenic in the treatment of syphilis, a protozoan 
infection. It w ill be noted that the inorganic arsenicals are unsuited 
for antisyphilitic treatment because they cannot be administered 
in sufficient quantity to kill the protozoa without harming the host, 
h'urthermore, it is important to note that pentavalent arsenicals 
must be reduced to the trivalent form in order to exert the charac- 
teristic arsenic effects. 

Arsenic is eliminated from the system by the urine, feces, perspi- 
ration, milk and epithelium. Long-continued use of arsenic results 
in a resistance of the intestinal mucosa to the inflammatory action 
of arsenic. Consequently, there is much less absorption. Indi- 
viduals w^ho have developed such a tolerance for the drug can 
take with impunity doses wdiich wmuld produce very serious toxic 
reactions in ordinary persons. 

1 Am. Piof. Pharm., 13. 251 (1947). 
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Inorganic arsenic compounds cause dilatation and increased per- 
meability of the capillaries, particularly in the visceral region. 
This action results in circulatory changes which disturb the normal 
functions of various organs. Small doses of arsenic compounds 
induce these reactions in a very mild form and, therefore, may be 
stimulating to the formation of new tissue. Hence, arsenic prepa- 
rations are used for their supposed alterative or tonic effects and 
in the treatment of anemias, skin diseases, etc. 

Because arsenicals are not precipitants for albumin, local appli- 
cations produce only slight irritation. However, the cells are slowly 
killed by continuous exposure to them. These facts are responsible 
for the use of arsenicals to kill nerves in teeth and for the treatment 
of epitheliomas, rodent ulcers, warts, etc. 

Uses. - Arsenic is used in making drugs, dyes and glass. It forms 
alloys with many metals. Lead containing about 0.5 per cent of 
arsenic has been used for making harder and more spherical shot. 


Official Arsenic Compounds 

ARSENIC TRHODIDE 

Arsenic Triiodide y N. F. VHI 
Formula, Asia. Molecular Weight, 455.G7 

Physical Properties.— Arsenous Iodide occurs in shining orange to 
red crystalline scales or powder. It has a specific gravity of 4.39 
at 13° C., melts at 146° C., and boils at 400° C. 

One Gm. of arsenous iodide dissolves with almost complete 
hydrolysis in about 12 cc. of water at 25° C. It is soluble in alcohol, 
in chloroform, in ether, and in carbon disulfide. 

Chemical Properties.— Arsenous iodide is slowly hydrolyzed by 
water to form arsenous acid and hydriodic acid (1). Its aqueous 
solutions gradually turn yellow, due to the liberation of iodine (2). 

(1) AsL + 3H2 O -> As(OH )3 + 3111 

(2) 12HI 4- 3O2 -> 6H2O 4- 6I2 

Arsenous iodide is stable at 100° C., but at higher temperatures it 
volatilizes. 

Official Tests for Identity. — 1. To a 1 in 50 aqueous solution of 
the compound add 10 cc. of hydrogen sulfide T.S. A yellow pre- 
cipitate of arsenic trisulfide forms (see p. 513). 

2. The addition of ferric chloride T.S. to an aqueous solution of 
the compound (1 in 50) causes the liberation of iodine which is 
detected with starch T.S. 

The HI which is formed by the hydrolysis of arsenic triiodide (1) 
acts as an efficient reducing agent toward the ferric ion which is 
an oxidizing agent. This causes the formation of free iodine (3). 

(3) 2Fe+++ 4- 21“- 2Fe++ 4- I2 
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Commercial Manufacture. — 1. Arsenous iodide is made by fusing 
together 1 part of arsenic and 5 parts of iodine and pouring the 
melt upon a porcelain slab to cool. The resulting product does 
not have a uniform chemical composition. Therefore, it is either 
powdered, extracted with chloroform and the resulting solution of 
arsenous iodide evaporated, or it is heated above 100° C. in a retort 
and the volatilized arsenous iodide condensed in a suitable vessel. 

2. It is also made by gradually adding arsenic to a solution of 
iodine in carbon disulfide and digesting the mixture until the purple 
color of the iodine has disappeared. The carbon disulfide is dis- 
tilled off and the arsenous iodide recrystallized from alcohol. 

3. When a 4 per cent solution of arsenous oxide in concentrated 
hydrochloric acid is poured into a concentrated aqueous solution of 
potassium iodide (51 Gm. in 40 cc.), arsenous iodide is precipitated. 
The precipitate is washed with hydrochloric acid (specific gravity, 
1.12) and dried. 

Pharmaceutical Preparations and Uses. — 1. Arsenic Triiodide 
(Arseni Triiodidum, Arsenous Iodide), N. F. VIII.—'' Arsenic Tri- 
iodide, when dried to constant weight over sulfuric acid, contains 
not less than 99 per cent of Asia/' The N. F. cautions: Arsenic 
Triiodidc is exlrcmcjy jjoiwnovs. It is used principally as an altera- 
tive tonic. 

Despite niimeroiis researches the mechanism whereby arsenic 
compounds act is not well understood. However, it is believed by 
many that compounds of inorganic arsenic, particularly when ad- 
ministered in small doses over a period of time, will bring about 
improvement in appetite and an increase in weight. This is the 
basis for its use in tonics and is supported more by popular opinion 
than by any scientific evidence. For want of a better or more specific 
term, this type of preparation is usually termed an “alterative.’' 
Average dose— 5 mg. (approximately grain). 

2. Arsenic and Mercuric Iodides Solution (Liquor Arseni et 
Ilydrargyri lodidorum, Donovan’s Solution), N. F. VIIL — (See 
p. 406.) 

ARSENIC TRIOXIDE 

Arsenic Trioxide, l^. S. P. XIII 
Formula, AsoO.t. Molecular Weight, 197.82 

Physical Properties.— Arsenic Trioxide occurs as a white powder, 
or in irregular masses of two varieties, mz.\ (1) amorphous, trans- 
parent, colorless, odorless, glassy masses, sometimes called the 
“vitreous^’ or “glassy” variety; and (2) crystalline (octahedral), 
opaque, white, odorless masses known as the “porcelain” variety. 
When the “glassy” variety is exposed to moist air, it gradually 
becomes opaque, due to crystallization. At 800° C., the vapor 
density of arsenic trioxide corresponds to the formula AS4O6, but 
for convenience and because this molecule dissociates into AsoOx 
at 1800° C., the formula is written AS2O3. 
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Arsenic trioxide is very poisonous y hence, great care should be 
exercised in tasting and handling it. 

All forms of arsenic trioxide are slowly soluble in water, xhe 
amorphous variety is slightly more soluble than the crystalline 
variety, 1 part of the former dissolving in about 27 parts of water, 
whereas 1 part of the latter dissolves in about 59 parts of water. 
Because of the formation of orthoarsenous acid, both solutions give 
faintly acid reactions to litmus. Arsenic trioxide is slightly soluble 
in alcohol and in ether, and freely dissolves in glycerin. Hydro- 
chloric acid and solutions of alkali hydroxides and carbonates 
dissolve arsenic trioxide. 

Chemical Properties.— When this oxide is dissolved in water it 
forms orthoarsenous acid as indicated above (1). 

,(1) AS2O3 3H2O 2H3ASO3 

This oxide can be converted to orthoarsenic acid by heating it 
with dilute nitric acid (2). 

( 2 ) 3AS2O3 “f" 4HNO3 7H2O — > t)Il 3 As 04 “|~ 4 iSO I 

As would be expected of an anhydride of an acid, it is acted 
upon by alkali hydroxides such as sodium hydroxide (3). 

(3) AS2O3 4" GN^aOII — > 2Na3As03 H- 3H2O 

Hydrochloric acid reacts with it to form arsenic trichloride (4) 
(see also p. 512). 

(4) AS2O3 “h GHCI ^ 2Asd3 “f" 3H2O 

Official Tests for Identity. — 1. Dissolve arsenic trioxide in water 
with the aid of heat and add hydrogen sulfide T.S. 4'he solution 
becomes yellow. A few drops of hydrochloric acid added to the 
yellow mixture causes precipitation of arsenic trisiilfide (yellow) 
(see also p. 513). 

Commercial Manufacture.— Arsenic trioxide is usually obtained 
as a by-product in the roasting iof copper, tin, cobalt and nickel 
ores. The fumes are passed through a series of chambers in which 
the arsenic trioxide collects as a dirty powder. It is purified by 
resublimation from iron vessels, connected by flues with condensing 
chambers. The arsenous oxide condenses in the first part of the 
apparatus as the amorphous variety and in the chamber as a 
crystalline powder. 

Pharmaceutical Preparations and Uses.— 1. Arsenic Trioxide 
(Arseni Trioxidum, Arsenious Acid, Arsenious Oxide), U. S. P. 
XIII.— Arsenic Trioxide, when dried at 100° C. for three hours, 
contains not less than 99.5 per cent of AS2O3. The U. S. P. cau- 
tions: Arsenic Trioxide is extremely poisonous. Arsenic trioxide is 
employed as a tonic and alterative. 

2. Arsenic Trioxide Tablets (Tabellse Arseni Trioxidi, Arsenous* 
Acid Tablets), N. F. VIII.— ‘"Arsenic Trioxide Tablets contain 
not less than 92.5 per cent and not more than 107.5 per cent of 
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the labeled amount of AS2O3/' These tablets provide a convenient 
means of orally administering arsenic trioxide, and are usually 
supplied as 2-mg. tablets. Average dose— 2 mg. (approximately 

grain) of Arsenic Trioxide. 

3. Arseniom Acid Solution (Liquor Acidi Arseniosi, Hydrochloric 
Solution of Arsenic, Arsenic Chloride Solution)^ N. F. VIII.— 
“Arsenious Acid Solution contains, in each 100 cc , the equivalent 
of not less than 0.975 Gm. and not more than 1.025 Gm. of AS2O3.’' 
It is made by adding diluted hydrochloric acid (50 cc.) to distilled 
water (250 cc.), and then adding arsenic trioxide (10 Gm.) to the 
acidified water. The mixture is boiled to dissolve the oxide, cooled, 
and made up to 1000 cc. with distilled water. As previously shown 
(see p. 512), arsenic trioxide dissolves in the acid to form arsenic 
trichloride (4), which in turn is hydrolyzed by water to form arsen- 
ous acid and hydrochloric acid. A mixture of arsenic trichloride, 
orthoarsenous acid, and hydrochloric acid is probably present in 
this solution. If it is heated to remove the water, the equilibrium 
is disturbed and the final product will be arsenic trioxide. 

This preparation is an aqueous solution that can be used to 
obtain the therapeutic effect of arsenic. Pharmaceutically, it is 
important to note that it is acidic in nature, and for this reason 
lends itself to use with acidic medicaments without incompatibility. 
In case an incompatibility is encountered it may be advisable to 
use the pharmaceutical antipode of this preparation, namely Potas- 
sium Arseniie Solution, U. S. P. XIII. (See immediately below.) 
Average dose— 0.2 cc. (approximately 3 minims). 

4. Potassium Arseniie Solution (Liquor Potassii Arsenitis, Fow- 
ler’s Solution, Solutio arsenicalis seu Fowleri P.I.), U. S. P. XIII.— 
‘‘Potassium Arsenite Solution contains, in each 100 cc., the equiva- 
lent of not less than 0.95 Gm. and not more than 1.05 Gm. of As-^Os.” 
It is made by boiling potassium bicarbonate (7.6 Gm.) and arsenic 
trioxide (10 Gm.) with distilled water until solution is effected. A 
small amount of alcohol is added (30 cc.) and the solution made up 
to 1000 cc. with distilled water. As noted above, this preparation 
may be used for the therapeutic effect of the arsenic present, and 
may be u.sed, because it is alkaline, wherever incompatibility exists 
with an acid solution. The interchanging of the two solutions to 
avoid incompatibilities, of course, requires the approval of the 
physician. Average dose— 0.2 cc. (approximately 3 minims). 

DISODIUM HYDROGEN ORTHOARSENATE 

Exsiccated Sodium Arsenate, N. F VIII 

.ONa 

Formula, Na2HAs04; 0=As;~OH 

^ONa 

Molecular Weight, 185.91 

Physical Properties.— Exsiccated Sodium Arsenate is an odorless, 
amorphous, white powder. It is slightly hygroscopic. 
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One Gm. of Exsiccated Sodium Arsenate is soluble in about d.5 cr, 
of water at 25° C. and in about 1.5 cc. of boiling water. The salt is 
slightly soluble in alcohol at 25° C., and is nearly insoluble in boiling 
alcohol. 

Sodium arsenate may be crystallized in colorless, transparent, 
odorless, monoclinic prisms having 7 molecules of water of crystal- 
lization. In dry air the crystals effloresce, and in a moist atmosphere 
they deliquesce slightly. 

Because of its very poisonous character, the salt should be tasted with 
caution. 

Chemical Properties. — At high temperatures the dried salt fuses 
and is gradually converted into sodium p^Toarsenate (1). 

(1) 2 Na 2 lIAs 04 — > Na 4 As 207 “f* H 2 O 
Because it is a salt of a strong base and a relatively weak acid- 
solutions of it have a slightly alkaline reaction due to hydrolysis* 
For a more extended discussion of the reactions of the arsenate 
ion see p. 514. 

Official Tests for Identity . — 1 . It responds to all of the tests for 
Sodium 1 071 (q. v.). 

2. It also responds to all of the tests for Arsenic Ion {q. v.). 
Commercial Manufacture.— Finely powdered arsenic trioxide, 
sodium nitrate, and dried sodium carbonate are thoroughly mixed 
and heated to dull redness in a large, clay crucible provided with 
a cover (2). When effervescence has ceased and complete fusion 
has taken place, the melt is poured on stone slabs to cool. While 
still warm the solidified mass is dissolved in hot water and the 
solution boiled with constant stirring (3). The solution is filtered 
and allowed to crystallize. The crystals are separated from the 
mother liquor and washed in a centrifuge with a fine spray of 
water, and rapidly dried. The crystals are heated to constant 
weight at 150° C. to remove the water of crystallization (4). 

( 2 ) AS 2 O 3 + 2NaN03 + Na2C03^Na4Aj207 + N.O., T + CO. j 

(3) Na4As207 + 15H20->2Na2HAs04.7H20 

(4) Na2HAs04.7Il20 Na2HAs04 + 7II2O 

Laboratory Preparation of Crystalline Salt.- Dissolve 17.7 Gm. of 
sodium hydroxide (90 per cent) in 100 cc. of distilled water, add 
20 Gm. of arsenic trioxide and boil the solution until the latter is 
dissolved (5). Evaporate the liquid to dryness and mix the residue 
thoroughly with 17 Gm. of sodium nitrate. Fuse the mixture at dull 
red heat (6) and pour the melt on a stone slab to cool. While still 
warm, dissolve it in 200 cc. of hot water and boil for one-half hour 
(7), replacing from time to time the water lost by evaporation. 
Filter the solution and evaporate to crystallization. Separate the 
crystals and dry them rapidly between sheets of bibulous paper. 

(5) AS2O3 + 4NaOH -> 2Na2HAs03 + H2O 

(197.82) (160.04) 

(6) 2Na2HAs03 + 2NaN03 Na4As207 + N2O3T + 2Na()H 

(170.02) 

(7) Na4As207 + I5H2O 2Na2HAs04.7H20 
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Pharmaceutical Preparations and Uses.— 1. Exsiccated Sodium 
Arsenate (Sodii Arsenas Exsiccatus, Dried Sodium Arsenate), N. F. 
VIII. — “Exsiccated Sodium Arsenate, when dried to constant 
weight at 150° contains not less than 98 per cent of Na2HAs04.’’ 
As previously pointed out, the compound is exceedingly poisonous 
and, therefore, should be handled with care. 

This salt represents a pentavalent inorganic arsenic compound, 
but in all likelihood the arsenic is reduced in the body to the tri- 
valent form prior to exerting its action. 

Because of its poisonous nature, sweetened solutions of the salt 
are used to kill flies and ants. 

P"or further information on the inorganic arsenicals, see p. 521. 
Average dose— 3 mg. (approximately grain). 

2. Sodium Arsenate Solution (Liquor Sodii Arsenatis), N. F. 
VIIL — “Sodium Arsenate Solution contains, in each 100 cc., not 
les^^ than 0.95 Gm. and not more than 1.05 Gm. of Na^HAs 04 .” It 
is prepared by dissolving 10 Gm. of exsiccated sodium arsenate in 
enough distilled water to make 1000 cc. of finished solution. Its uses 
are the same as given above for I^xsiccated Sodium Arsenate. 
Average dose— 0.2 cc. (approximately 3 minims). This represents 
approximately 2 mg. of Exsiccated Sodium Arsenate per dose. 

SODIUM CACODYLATE 

Sodium Cacodylate, N. V. VIII 
P'ormiila, Na(CH3)2As02.3Il20. Molecular Weight, 214.02 

Physical Properties.- Sodium Caeodylate occurs in white crystals, 
or as a white granular powder. It is odorless and deliquescent. 

One Gm. of the salt dissolves in about 0.5 cc. of water and in 
about 2.5 cc. of alcohol, at 25° C. 

When heated to 60° C., it melts in its water of hydration and at 
120° C. it becomes anhydrous. When ignited, the salt burns with 
a bluish flame and evolves fumes having a garlic-like odor. 

Chemical Properties.— Sodium caeodylate, being a salt of a strong 
base and a weak acid, gives aqueous solutions which are alkaline to 
litmus paper. However, they are nearly neutral to phenolphthaleiii. 

Sodium caeodylate in solution is readily reduced with hypophos- 
phorous acid (1) to yield cacodyl. 

(t H3)2 As 

(1) 4(CIl3).>AsOONa + 3 IIPH 2 O 2 2 j + Na:HP 04 + 

(CH3)2As 

2NaIl2P04 + 2 H 2 O 

Official Tests for Identity. — 1. Sodium Caeodylate burns with 
a bluish flame, emitting a garlic-like odor, and to a non-luminoiis 
flame it imparts a yellowish-orange color. 

2. When a few drops of a dilute solution of the salt are added to 
2 cc. of hypophosphorous acid test solution, and the mixture allowed 
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to stand in a stoppered flask for an hour, an odor of cacodyl will 
develop. This reaction involves the reduction of the sodium 
cacodylate by the hypophosphorous acid to cacodyl (!)• ^ 
Commercial Manufacture. — When a mixture of arsenic trioxide and 
potassium acetate is distilled, a heavy, poisonous, vile-smelling, 
fuming oil, Cadet’s liquid, is formed.^ This distillate is composed 
chiefly of cacodyl oxide (dimethyl arsine oxide) together with some 
cacodyl (dimethyl arsine) (2). The oxide inflames in an atmosphere 
of oxygen but not in air. When cacodyl oxide is oxidized with 
mercuric oxide, cacodylic acid separates out in odorless prisms (3), 
which are freely soluble in water. The aqueous solution of the acid 
is neutralized with sodium carbonate or hydroxide (4), concentrated, 
and either crystallized or evaporated to dryness. 


As(CH3)2 

\ 

(2) AS2O3 + 4CH3.COOK 0 + 2K2CO3 + 2CO2T 


As(CH3)2 


As(CH3)2 


\ 

(3) O + 2irgO + 1120 2 (CH 3 ) 2 As .OOH + 2Hg 

As(CH3)2^ 

(4) 2(CH3)2 As.OOH + 2NaOH 2(CH3)2As.OONa + 2II2O 


Pharmaceutical Preparations and Uses.— l. Sodium Cacodylate 
(Sodii Cacodylas), N. F. VIII.— ‘'Sodium Cacodylate contains not 
less than 72 per cent and not more than 75 per cent of Na(CH3)2As02, 
the remainder consisting chiefly of water.” Although sodium caco- 
dylate is in reality an organic compound of arsenic, it is inorganic 
in the sense that it slowly liberates inorganic arsenic in the body. 
Consequently it is used in cases for which inorganic arsenic com- 
pounds are indicated (see p. 521). For a given amount of arsenic, 
it is comparatively much less toxic than the inorganic compounds. 
This drug presents an unusual feature in that its hypodermic dose 
(0.3 Gm.) is greater than the oral dose (0.060 Gm.). This apparent 
inconsistency is explained by the fact that in the acid contents of 
the stomach the salt reverts to the more toxic inorganic form much 
more readily than in the slightly alkaline blood and tissues. It 
has been used in the treatment of anemia, psoriasis and leukemia. 
Average dose— 60 mg. (approximately 1 grain). 

2. Sodium Cacodylate Am/puls (Ampullae Sodii Cacodylatis, Sod- 
ium Cacodylate Injection), N. F. VIII. — “Sodium Cacodylate 
Ampuls contain a sterile solution of sodium cacodylate in water 
for injection, and yield Na(CH3)2As02, equal to not less than 
71 per cent and not more than 77 per cent of the labeled amount of 
Na(CH3)2As02.3H20.” It is interesting to note that sodium caco- 
dylate is almost the only drug with an inorganic arsenical action 
that can be injected. Average dose— 0.3 Gm. of Sodium Cacodylate. 

* See also, J. A. C. S., 69 . 659 (1947). 
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Non-official Compounds of Arsenic 

Lead Arsenate.— Formula PbHAs04, Molecular Weight, 347.13. 
This is a white compound which occurs as monoclinic leaflets or 
more commonly as an amorphous, heavy powder. It is insoluble 
in water, but soluble in nitric acid and in solutions of alkali hydrox- 
ides. 

When heated to about 280° C. it is converted to lead pyroarsenate 

(1) through loss of 1 molecule of water. 

(1) 2PbHAs04 Pb2As207 + HoO 

It is prepared commercially by the interaction of litharge, arsenic 
pentoxide, and acid (2). 

(2) AS..O5 + 2T^bO + H2O 2PbHAs04 

Whenever '‘lead arsenate” is mentioned without qualification, 
this is the salt referred to. F. C. Moulton, a chemist employed by 
the (jypsy Moth Commission in Massachusetts, was the first to 
suggest this compound as an insecticide against the gypsy moth 
(Porthetria dispar). Subsequent experience has shown it to be 
very efi*ective and as a result it has come into widespread use as 
an insecticide. 

Hydrides.- Arsenic Hydride, Hydrogen Arsenide, Arsine (AsHs).— 
Like nitrogen and phosphorus, arsenic forms a gaseous hydride, 
which is analogous to ammonia (Nils) and phosphine (PH3). It 
may be made by reducing arsenic trioxide or its compounds with 
nascent hydrogen (1) or by the action of dilute hydrochloric acid 
upon zinc or magnesium arsenide (2) (3). The gas has a garlic-like 
odor, is slightly soluble in water and is very poisonous when inhaled. 
It is decomposed into its constituent elements by passing it through 
a heated tube. (See Marsh’s Test, p. 515.) (4.) 

(1) AsoOa "b fill2 — ^ 2 ASII 3 T “f" 31120 

(2) ZnaAso + GIK’l 3ZnCL + 2ASH3T 

(3) Mg3As2 + OIICl ^ 3MgCl2 + 2ASH3T 

(4) 2Asn3 2As + 3H2t 

Sulfides of Arsenic.— Arsenic Disulfide (AS2S2, 213.94),— Arsenic 
disulfide is found in Nature in ruby-red monoclinic prisms, known 
as realgar. It is also called red orp-hnent, ruby arsenic and red arsenic 
glass. It is made by roasting a mixture of mispickel (FeAsS) and 
iron pyrites and then subliming the product. When obtained in 
this manner, it is an orange-red, poisonous powder that is insoluble 
in water but soluble in acids and in alkalies. It is used as a depila- 
tory in the leather industry, in pyrotechny (blue fire), in shot 
manufacture, in the textile industry, and as a pigment. 

Arsenic Trisulfide (AS2S3, 246,00).— Arsenic trisulfide is native in 
yellow rhombic prisms known as Orpiinent or King's Yellow or 
34 
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King’s Gold. It may be made by passing hydrogen sulfide into a 
hydrochloric acid solution of arsenic trioxide (1). 

(1) 2AsCl3 + 3H2S AssSa + 6HC1 

The precipitate is yellow to orange-yellow in color and is insoluble 
in water. It dissolves in the sulfides or carbonates of sodium, 
potassium, and ammonium. Arsenic trisulfide is used chiefly as a 
paint pigment and as a depilatory for hides. 

Arsenic Pentasulfide (AS2S6, 310.12).— This compound is obtained 
as a yellow or orange powder when thioarsenates arc decomposed 
with an acid (2) (3), or when hydrogen sulfide is rapidly passed 
into an acidified (HCl) solution of arsenic acid (4). 

(2) Na,AsS4 + 3IIC1 IUSS4 + 3NaCl 

(3) 2H3ASS4 ^ AS2S5 i + 3II2S t 

(4) 2Il3As04 -h 5II2S AS2S5 i + 8H2O 

Arsenic pentasulfide is insoluble in water, but dissolves in the 
reagents that dissolve the trisulfide {q. v.). It is used as a paint 
pigment. 

Thio Salts of Arsenic.- .\rscnic trisulfide (AS2S3) and arsenic 
pentasulfide (AS2S6) are the anhydrides of thmiT.'tv.nous rte7(/(II.4AsS;i) 
and thioarsrnic acid (H;iAs.S4), respectively, and hence are analogous 
to arsenous oxide (AsoOs) and arsenic pentf)xide (As>Or,) which art' 
the respective anhydrides of arsenous acid (IbAsOa) and arsenic 
acid (H;iAs04). The thio acids of arsenic are known only in the form 
of their salts. Their salts may be prepared by dissolving either 
of the arsenic sulfides in a solution of a soluble sulfide, such as 
(NIl4)2S, NaoS or NallS (1) (2). When solutions of these salts 
are acidified, the acids immediately give ofl‘ hydrogen sulfide and 
the sulfides iire precipitated (3) (4). 

(1) AS2S:, + GNaSII -> 2Xa:,AsS;, + 3IIoS t 

(2) AS2S5 + fiNaSII 2Na:,AsS4 + 3II2S j 

(3) 2Na3AsS,., + fiHCl -> (JXaTl + As.,S4 j + 3I1.S t 

(4) 2Xa3AsS4 + (ilK'l C.XaCl + AS2S4 + 3H.>.S j 
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ANTIMONY AND ANTIMONY COMPOUNDS 

ANTIMONY (STIBIUM) 

Symbol, Sb. Valence, III, V. Atomic Weight, 121.76; 

Atomic Number, 51 

History.— This metallic chemical element, in the form of its sulfide 
(Sb 2 S 3 ), has been known from very early times. It is quite evident 
that, aside from using the sulfide as a cosmetic, the metal itself 
was obtained by the Chaldeans and used for making ornamental 
vessels. The Arabic and Hebrew name for native antimony sulfide 
was hohl, and Pliny mentions it as stibmin. Geber and Basil Valen- 
tine called it antimonivvi. About the middle of the fifteenth century, 
Valentine not only described the metal and its method of prepara- 
tion, but also discussed a number of its compounds. He also de- 
scribed some of the alloys of this metal and indicated the use of 
antimony compounds in medicine. 

Occurrence.— Native free antimony is occasionally found in lamel- 
lar or granular masses in limestone or in mineral veins often asso- 
ciated with silver ores. The principal source of antimony is anti- 
1)1 ony glance or dibnite (SboS.^). Other antimony minerals are ccr- 
vaniiie (Sb 204 ), senarmontife (SbvO.s) and valeniinite (Sb^Oa). Many 
of the native sulfides of copper, nickel, lead, and silver contain 
small amounts of antimony. Most of the world’s supply of anti- 
mony comes from (’hina. Mexico, Bolivia, Czechoslovakia and 
France each })roduce a small amount of the metal. 

Physical Properties.- Antimony is a sih ery-white, crystalline 
brittle solid, having a high metallic luster. It crystallizes in rhombo- 
hedrons and its granular or coarsely laminated crystalline structure 
ac(*ounts for its brittleness. When molten antimony or its alloys 
are allowed to cool, they crystallize and, in doing so, expand; hence, 
their use in making tyi>e or sharp castings. Antimony has a specific 
gravity of 6.08 at 25° C., melts at 630° C. and boils at 1440° C, Its 
vapor density at 1640° C. corresponds to the formula 862 , but at 
lower temperatures it is apparently a mixture of Sbo and 81)4 mole- 
cules. 

Antimony exists in se\'eral allotropic forms. Besides the one just 
described, a modification called (wplodve antimony is known. When 
a solution of antimony trichloride in hydrochloric acid is electro- 
lyzed, using an antimony anode and a copper or platinum cathode, 
this form is deposited on the cathode. This allotropic modification 
is so unstable that when it is scratched, it instantaneously and with 
explosive violence passes into the more stable form. This change 
is accompanied b}^ the evolution of a large quantity of heat. 

( 531 ) 



532 


ANTIMONY AND ANTIMONY COMPOUNDS 


Chemical Properties.— At ordinary temperatures, pure antimony 
is quite stable in air. When heated in air or oxygen, it burns, evolv- 
ing white fumes of the trioxide (SbiO^O. Water does not act upon 
the metal, but when the latter is heated to redness it decomposes 
steam. Antimony combines directly with sulfur, phosphc^u^ and 
the halogens. Dilute hydrochloric acid will not dissolve antimony. 
When the metal is heated with eeneentrated hydrochloric acid, 
antimony trichloride is formed. Concentrated sulfuric acid slowly 
attacks antimony to form the sulfate Sbo(S04)3 and sulfur dioxide, 
(concentrated nitric acid oxidizes antimonv to solid antimonic acid 
(HaSb04). 

Antimony in its trivalent state acts both as a metal and as a 
non-metal, whereas in the j)eiitavalcnt condition, it acts only as a 
non-metal. The oxides and hydroxides of antimony are amphoteric, 
those of trivalent antimony having more pronounced basic properties 
than those of the pentavalent element. 

Antimonous compounds in solution exhibit the following types of 
reactions: 1. When hydrogen sulfide is passed through a solution 
of an antimonous compound (SbCl.j), an orange-red precipitate of 
antimony trisulfide is formed (1). The })recipitate dissolves in con- 
centrated hydrochloric a(‘id (2), and in fixed alkali hydroxides (3). 

(1) 2Sb+++ + ms H- (iH20 SlvS:, i + 6I-I3O+ 

(2) shs, + -> ms t + 2Sb(i, i + gh^o 

(3) SboSs + 2011- -> SbOS- + SbSo- + FI,0 

2. When an antimonous coinj)ouiKl is converted into the trichlo- 
ride and the resulting solution concentrated and poured into water, 
a white, almost insoluble precipitate of antimonous oxychloride is 
formed (4). This is due to the hydrolysis of the trichloride. This 
hydrolysis is incomplete as long as any hydrochloric acid is present. 
The addition of more water causes further hydrolysis (5). When 
this latter precipitate is boiled with water, it changes to antimonous 
oxide (6). 

(4) SbCl3 + 3H.,0 SbOCl i + 2IT.,0+ + 2C\~ 

(5) 4SbOCl + 3H2O -> Sb40.Cl2 i + 211.30+ + 2C1~ 

(6) Sb405Cl2 + 3II2O 2SbA i + 2II.3O+ + 2C1- 

3. The addition of iron to a solution of antimony trichloride 
produces a brownish-black precipitate of metallic antimony. When 
a solution of tartaric acid and a few drops of nitric acid are added, 
soluble antimonyl tartrate is formed. When this solution is diluted 
with water to the point where the nitric acid will not oxidize hydro- 
gen sulfide (1 to 3), and hydrogen sulfide passed into the solution, 
an orange-red precipitate of antimony trisulfide is produced. This 
test also gives a positive reaction with pentavalent antimony. 

4. Sb+++ is reduced in acid solution by tin (or copper) and forms* 
a coal-black metal scale which is not soluble in freshly prepared 
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NaBrO reagent.^ For further tests, see Marsh’s Test for Arsenic, 

p. 516. 

Pentavalent antimony may be identified by the use of potassium 
iodide. About 0.5 (iin. of the material is dissolved in 10 cc. of 
hydrochloric acid and the mixture warmed for several minutes at 
()0° to 100° C. The material is filtered and the filtrate evaporated to 
a volume of about 0.5 ee. The concentrated liquid is mixed thor- 
oughly with 5 cc. of water, the i)recipitate allowed to settle (4), and 
then separated by filtration. The oxychloride is dissolved in a 
small amount of hydrochloric acid and a few drops of a solution 
of potassium iodide are added to the resulting solution (7). If 
pentavalent antimony is present, iodine will be set free (distinction 
from stannic tin) (8). Trivalent antimony will not liberate iodine 
in the above solution because it cannot be further reduced. 

(7) KI + HCl III + KCl 

(8) SbCb + 2HI SbCb + 2IIC1 + U 

Commercial Manufacture.- 1. Antimony is o})taincd by reducing 
finely powdered stibnite (81)283) with scrap iron. The molten 
metal is drawn off from beneath the slag of ferrous sulfide (9). 

(9) 81)283 + 3Fe 2Sb + 31AvS 

2. I>arge quantities of antimony are obtained by roasting the 
ore in air to remove sulfur and to convert the antimony into its 
oxides (81)203 and 81)204). The oxides, in turn, are reduced b,v 
fusion with coal or charcoal (10). 

(10) 281)003 + 3(^ Na> C03 48b -f- 3(X)2 1 

3. 8ulfide ores are often reduced by fusion with sotlium carbonate 
and coke (11), thus: 

(11) 281)283 + ()Na2r03 + 3('’. 481) + 6Xa28 + OC^Oo T 

Pharmacological Action of Antimony Ion.— Antimony differs in its 
action from arsenic by being less readily absorbed and by pro- 
ducing topical irritation. Otherwise, the actions of antimony very 
closely resemble those of arsenic. It is more caustic to the skin 
than arsenic, causing papular eruptions which develop into vesicular 
and pustular sores. The irritant action is also exerted upon the 
gastro-intestinal mucosa, and this results in an emetic action. 
When given orally in small quantities it exliibits an expectorant 
and a nauseant action. The salivary and bronchial glands are 
reflexly stimulated. Although, antimony compounds are toxic and 
are dangerous to use as expectorants, they are present in V. 8. l\ 
XIII and N. F. VIII preparations. 

In organic combination, e. g,y Antimony Sodium Thioglycollate, 
U. S. P., and Antimony Thioglycollamide, N. N. R. 1947, antimony 
is used in the treatment of protozoan infections, i. e., schistosomiasis, 

^ Noye3 and Swift: Qualitative Chemical Analysis, p. 212 (1942). 
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leishmaniasis (kala azar), etc. These organic combinations liaA c 
been found to be less toxic and less irritating than antimony potas- 
sium tartrate. 

Uses.— Antimony is used in the preparation of its compounds, 
some of which {e. g., tartar emetic) are used in medicine. By far 
the largest amount of antimony is used in the form of its alloys, 
of which type metal (Pb, 82 per cent; Sb, 15 per cent; Sn, 3 per cent), 
Babbitt metal (Sn, 80 per cent; Sb, 20 per cent), pewter (7. v.) and 
antifriction metal (Sn, 75 per cent; Sb, 12.5 per cent; (a\, 12.5 per 
cent) are examples. Black metallic antimony obtained by the 
action of zinc upon solutions of antimony tric‘hloride is c'alled anfi- 
mony-black and is used to give a metallic iron or steel appearance to 
plaster of Paris or papier inache figures. 

Official Antimony Compounds 

ANTIMONY POTASSIUM TARTRATE 

Antiinony Poiassivvi Tartrate ^ U. S. P. XIII 
Formula, lv(Sb0)C4H406. ^IPO. Molecailar Weight, 333.94 

Physical Properties.— Antimony and Potassium Tartrate occurs 
as colorless, odorless, transparent crystals, or as a white powder. 
The crystals effloresce upon exposure to air. One Gm. of Antimony 
and Potassium Tartrate is soluble in 12 cc. of water and in about 
15 cc. of glycerin, at 25° (\ One Gm. of it is soluble in about 
3 cc. of boiling water. It is insoluble in alcohol. 

Chemical Properties. — In aqueous solution the salt turns litmus 
paper red (acid). This solution responds to the tests for trivalent 
antimony (7. v.) and for tartrate ion (see p. 230). 

Official Tests for Identity. 1. Antiinony potassium tartrate chars 
when heated, develops an odor of burning sugar, and leaves a 
blackened residue. This residue contains potassium carbonate and 
antimony trioxide which imparts an alkaline reaction to water. 
A piece of the residue held in a non-luminous flame produces a 
violet color due to the potassium. 

2. A solution of the salt gives the insoluble orange-red antimonv 
trisulfide with hydrogen sulfide (see p. 532, e. 7., 1, 2 and 3). 

Method of Manufacture. -It is prepared by boiling a mixture of 
antimony trioxide and potassium bitartrate with water for some 
time. The solution is filtered, concentrated and crystallized. 

Pharmaceutical Preparations and Uses.-l. Antimony Potassium 
Tartrate (Antimonii Potassii Tartras, Antimonyl Potassium Tar- 
trate, Tartar Emetic), U. S. P. XIII. -Antimonv Potassium Tar- 
trate contains not less than 99 per cent of KOOC . CHOP! CIIOH - 
C00(Sb0) .iH20. Because of its solubility and definite composi- 
tion, antimony and potassium tartrate (tartar emetic) is of the 
greatest interest to pharmacists and physicians. 

When employed as an emetic, the action (which is largely reflex) 
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is slow and marked depression follows. For these reasons, its former 
extensive use to produce emesis has been largely discontinued. It is 
used largely as a depressant expectorant. The nauseant dose is 
about one-tenth that of the emetic dose. 

Intravenous injections of antimony and potassium tartrate are of 
great value in the treatment of kala-azar and some other tropical 
diseases caused by animal parasites. Average dose— Oral, as expec- 
torant, 3 mg. (approximately grain); Intravenous, for tropical 
diseases, 30 mg., increasing to 150 mg. (approximately | to 2| grains). 

2. Compound Opium and Glycyrrhiza Mixture (Mistura Opii et 
Olycyrrhizie Composita, Brown Mixture), N. F. VIII.— Antimony 
and potassium tartrate (0.24 (iin. to 1 liter of product) is dissolved 
in a small quantity of hot distilled water and the solution added 
to glycyrrhiza fluidcxtract which has previously been diluted with 
glycerin and distilled water. Camphorated opium tincture and 
ethyl nitrite spirit are added, and, lastly, sufficient distilled water 
to make the product up to the recpiired volume. It is extenisvely 
used alone and in combination with ammonium chloride as an 
expectorant cough mixture. Average dose— 4 cc. (approximately 
1 huidrachm). 

3. Compound S(piUl Syrup (Syrupus Scillte Compositus, Hive 
Syrup), N. F. VIIL— Antimony and potassium tartrate (0.2 per 
cent) is dissolved in distilled water. The fluidextracts of squill and 
senega are added to the solution and the mixture allowed to stand 
for twelve hours with occasional shaking. The material is filtered 
and the sucrose dissolved by agitation in the filtrate, sufficient dis- 
tilled water being added to make the required volume. The product 
is then mixed and strained. 

The original Cox’s Hive Syrup contained honey instead of syrup. 
The preparation is used as an expectorant and emetic. Average 
dose -2 cc. (approximately 30 minims). 

Non-official Antimony Compounds 

Acids of Antimony.— Ortho-antimonous Acid [H 3 Sb 03 or Sb(()H) 3 ]. 
— Ortho-antimonous acid is obtained as a white precipitate when 
very dilute nitric or sulfuric acid is added to a solution of antimony 
and potassium tartrate (1). 

(1) 2K(Sb0)C4H406 + HoS() 4 + 4H,0 2Sb(OH)3i + 2Ho- 

C4H4O6 + K2SO4 

Meta-antimonous Acid (HSb02 or SbO.OH).— Meta-antimonous 
acid is formed as a white precipitate when antimony trichloride is 
treated with a solution of an alkali carbonate or hydroxide (2). It 
is readily decomposed by hot water into the trioxide (3). 

(2) 2SbGl3 + 3 Na 2 C 03 + H,0 2SbO.OHi + (iXaCl + 

3CO2 T 

(3) 2SbO.OH -> SbA. + H 2 O 
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Ortho-antimomc Acid [H3Sb04 or SbO(OII)3].-Ortho-antimonic 
acid is prepared by oxidizing antimony trichloride to the pentachloride 
with concentrated nitric acid and then diluting the solution wit 
water (4). It is also made by the action of aqua regia upon metallic 
antimony (5). The gelatinous precipitate is washed and dried. It 
has a metallic, astringent taste and forms salts (p} ro- and meta- 
antimonates) with fixed alkali hydroxides. 

(4) SbClfi + 4H2O H3Sb04 + 5HC1 

(5) 6Sb + IOIINO3 + 4H2O -> 6H3Sb04 + lONO T 

Diantimonic or P3rroantimonic Acid (H4Sb207).— This acid is ob- 
tained when ortho-antimonic acid is heated at 100° C. (6). It is 
also made by the action of hot water on antimonic chloride (7). 

(6) 2Il3Sb04 Il4Sb207 + II2O 

(7) 2SbClB + 7II2O H4Sb207 + lOHCl 

When antimony is fused with potassium nitrate, potassium metanti- 
monate (KSbOs) is formed. When this is dissolved in water, it is 
converted into acid potassium pyroantimonate (8). When this is 
added to a concentrated solution of a sodium salt, acid sodium pyro- 
antimonate is precipitated (9), which is unique by being one of 
the few almost insoluble salts of sodium. 

(8) 2KSb03 + II2O K2ll2Sb207 

(9) K2ll2bb207 -f- N^a2S04 — > Na2ll2Sb207 1 -I- 1^2804 

Meta-antimonic Acid (IlSbOs or Sb02. Oil).— Metantimonic acid is 
prepared by heating the pyroantimonic acid to 200° (\ It is a white 
solid that is insoluble in water but soluble in hydrochloric acid. 
A basic lead metantimonate is known as Napleff yellow. It is .used 
as a pigment. 

Halogen Compounds. -All of the halides of antimony, with the 
exception of the pentabromide, are known. They may be prepared 
by the direct union of the respective halogen with antimony. 

Antimony Trichloride (SbCb, 228.13).— Antimony trichloride oc- 
curs as a colorless, deliquescent, crystalline solid. It is known as 
butter of antimony, mineral butter, etc. It has a specific gravity of 
3.140 (-^o), melts at 73.4° C. and boils at 225° C. It is soluble in 
alcohol and carbon disulfide. It may be prepared by dissolving 
antimony trioxide or trisulfide in concentrated hydrochloric acid 
and then evaporating the solution, or by distilling a mixture of 
powdered antimony and bichloride of mercury. 

Antimony trichloride is readily hydrolyzed by water to white 
amorphous oxychlorides whose composition depends upon the de- 
gree of hydrolysis. When these basic or oxychlorides are dried, 
some Sb203 is formed. This mixture is known as Powder of Algaroth, 
in alhision to its use during the sixteenth century by a famous 
Veronese physician, Victor Algarotus. 

Antimony Pentachloride (SbCh, 299.045). -Antimony pentachlo- 
ride is a colorless, hygroscopic, fuming liquid, having an unpleasant 
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odor. Crystals of the compound melt at 2.8° C. Its specific gravity 
is 2.336 at 20° C. It is made by heating the trichloride in an atmos- 
phere of chlorine. It is hydrolyzed by an excess of water into ortho- 
antimonic (q, v,) and hydrochloric acids. When heated, it decom- 
poses into the trichloride and free chlorine, hence its use as a chlo- 
rinating agent in organic chemistry. 

Antimony Tribromide (SbBrs, 361.508).— Antimony tribromide 
occurs in colorless, deluiuescent crystals, which fuse at 96.6° C. and 
boil at 275° C. It is made by the action of bromine upon antimony 
in carbon disulfide solution. lake the trichloride, it is readily 
hydrolyzed by water to oxybromides. The pentabroviide of anti- 
mo7iy is unknown. 

Antimony Tri-iodide (Sbis, 502.52).— Antimony tri-iodide is formed 
as red-colored crystals when iodine acts upon antimony in carbon 
disulfide solution. It melts at about 171° C. and boils at 401° C. 

Antimony Pentaiodide (Sbl 5 ).— Antimony pentaiodide is formed 
when antimony and an excess of iodine are heated in a sealed tube 
to about 100° C. It is a dark brown solid, melting at 79° C. 

Antimony Trifluoride (SbFa, 178.76).— Antimony trifluoride is 
obtained in the form of colorless or grayish-white, deliquescent 
prisms when antimony trioxide is dissolved in hydrofluoric acid. 
It melts at 292° C. The pentafluoride is obtained by dissolving 
metantimonic acid in hydrofluoric acid and evaporating the solu- 
tion. It melts at 7° C. 

Hydride of Antimony.— Antimony Hydride, Sblls (Stibiiie). — An- 
timony hydride is a colorless, poisonous, unpleasant smelling gas. 
It is made by the reduction of antimony compounds with active' 
hydrogen which is produced by the action of zinc and diluted sul- 
furic or hydrochloric acids. (See Marsh’s Test, etc., p. 515.) It 
burns with a bluish-white flame to the trioxide. Heat decomposes 
stibine into its constituent elements more rapidly than it does arsine. 
In all other respects, however, its chemical proi)erties closely resem- 
ble those of arsine (r/. v.). 

Oxides of Antimony.— There are three known oxides of antimony. 
The trioxide (Sb-iO^), which is amphoteric, e. g., is capable of uniting 
with either acids or bases to form salts; the tetroxide (Sb 204 ) and 
the pentoxide (SboOs) which is entirely acidic. 

Antimony Trioxide.— Antimony trioxide occurs in Nature as the 
minerals valentinite and senarinontite. Antimony trioxide is a white 
or slightly gray microcrystalline powder. It is odorless and taste- 
less, and is isomorphous with arsenic trioxide (q. v.). Its vapor 
density corresponds to the formula Sb406. When heated, it turns 
yellow, but on cooling, it becomes white again. At red heat (656 ° C.) 
it fuses to a yellowish liquid and volatilizes at higher temperatures. 
When its vapor is condensed, very small octahedral or prismatic 
crystals are formed. 

It is very slightly soluble in water, but insoluble in alcohol, nitric 
acid and sulfuric acid. It dissolves in the halogen acids, in glycerin. 



538 ANTIMONY AND ANTIMONY COMPOUNDS 

in warm solutions of tartaric acid, in boiling solutions of potassium 
bitartrate and in solutions of the caustic alkalies. 

It forms two series of salts. In one of them, tri valent antimon\ 
is found as a simple cation in normal salts [Sb(NO;03], whereas in 
the other, the antimony occurs in the form of the anhvionyl radfcal 
(SbO)+ [K(SbO)C4H466]. , , . I 1 

When antimony oxide is dissolved in hydrochloric acid, the soJu- 
tion responds to all tests for tri valent antimony (fj.v.). 

It is usually prepared by burning antimony in air or oxygen and 
subliming the product. 

A hydrochloric acid solution of the tri(*hloride is diluted with 
a large volume of water and the precipitated oxychlorides collected 
and digested with a 2 per cent solution of sodium carbonate until 
alkaline. The precipitate is then dried and ignited until free from 
chlorides. 

The oxide can be prepared also (a) by heating antimony to a 
bright red heat in a current of steam, (b) by the action of nitric^ acid 
upon the metal and (c) by oxidizing the molten metal with litharge. 

Antimony trioxide was official in N. F. V. It is infrecpiently 
used as a diaphoretic in febrile diseases and in treating trypano- 
somiasis. Its insolubility discourages its use. Average dose — 
Metric, 60 mg,; Apothecaries, 1 grain. Its chief technical use is 
as a powerful reducing agent. 

Antimony Tetroxide (86204).— Native as antimony ocher (cernm- 
tite), antimony tetroxide is a non-volatile, amorphous, white powder 
formed by heating the metal, the trioxide or pentoxide, the sulfide, 
or nitrate of antimony at about 780° to 920° (\ for some time. It 
has a density of 6.69 and is insoluble in water and most acids. 
It dissolves in caustic alkalies and in hydrochloric acid. This oxide 
is often considered to be the antimony salt of ortho-antimonic acid 
(SbSb04.) 

Antimony Pentoxide (Sb.205).— Antimony pentoxide is a pale yel- 
low, insoluble powder obtained by heating antimoiiic acid to 275° C. 
or by treating the metal or the other oxides with concentrated nitric 
acid. When strongly heated (above 450° (b), it slowly gives up 
oxygen and is converted into the tetroxide. It is insoluble in water, 
but dissolves slowly in hydrochloric acid. Like arsenic oxide (AS2O5) 
it is acidic and upon hydrolysis forms the antimonic acids (g. v.). 

Antimony Sulfides. — Three sulfides of antimony are known, viz.^ 
antimony trisulfide (86283), antimony tetrasulfide*^ (86284) and anti- 
mony pentasulfide (86285). 

Antimony Trisulfide (86283, 339.70).- Antimony trisulfide occurs 
in Nature as a black, lustrous, crystalline mineral known as stibnite 
or antimonite. Native antimony trisulfide is very soft and stains 
the hands like graphite. The trisulfide is formed when metallic 
antimony and sulfur combine and also when hydrogen sulfide is 
passed into an acid solution of antimony chloride or tartar emetic 
(1). By the latter method, an orange-red precipitate is produced 
which is soluble in concentrated hydrochloric acid and in alkali 
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sulfides. When the red sulfide is heated to above 200° C., it is 
changed into a gray crystalline form. An amorphous, reddish- 
brown variety {kervieft mineral) may be obtained by digesting the 
native crystalline sulfide for several hours with a 5 per cent solu- 
tion of caustic, soda (2). The solution is then strained and decom- 
posed with an excess of diluted sulfuric acid (3). The precipitate 
is washed thoroughly with water and dried at alxnit 100° C. 

(1) 2SbCl:, + 3II.,S ^ SlhS,, i + OHCl 

(2) SboSs + 4NaOH ^ Nall^SbO., -h Na;,SbS:, -h II/) 

(.3) Nall^SbOs + Na>SbS3 + 2IbS04 ^ Sb.,S., i + 2Na..S04 + 
3 II 2 O 

Antimony trisulfide is the source of a niunber of antimony com- 
pounds. It is used in pyrotechny and in the match industry. The 
orange-red variety is used in vulcanizing and coloring rubber. 

Antimony Pentasulflde (SboS 5 , 403.82).— Antimony pentasulfide is 
souK'times called golden antimony enlfide or golden enlfuret of anti- 
mony. It is a deep orange-red powder obtained by passing hydrogen 
sulfide into an acidulated solution of an antimonic compound (4) 
or by decomposing a solution of sodium thioantimonate with hydro- 
chloric acid (5). It is insoluble in water but dissolves in hydrochloric; 
acid (()) and in soluble sulfides (7). When heated, it decomposes 
into antimony trisulfide and free sulfur. 

(4) 2Sb(lr, + 5H.,S Sb.>S5i + 101 in 

(5) 2Na,iSbS4 + 01 in — > 81)2^5 1 + 0Na(’l + 3 H 28 | 

(0) 81)28, + Olin ^ 28 bn, + 28 I + 3II28 t 

(7) 81)28, + ().\a8H 2Xa,-)8bS4 -h 311.8 I 

8odium thioantimonate (7) cry.stallizes with 9 molecules of water 
of hydration and in this form is known as Schlippe’fi salt. It is 
usually made by boiling antimony trisulfide with sulfur and sodium 
hydroxide. 

Antimony pentasulfide is used as a pigment, in the match and 
fireworks industries, and for vulcanizing and coloring rubber. 



CHAPTER XXXVIII 
BISMUTH AND BISMUTH COMPOUNDS 

BISMUTH 

Symbol, Bi. Valences, III, V. Atomic Wei^^ht, 201); 

Atomic Number, 83 

History. — In 1450, Basil Valentine described this metallic chemical 
element, and referred to it by the name of “wisiniit. Because of its 
brittleness, Paracelsus later designated it as a ‘^semi-metal and 
called it “ wissmat.’^ In 1546, Georgius Agricola described bismuth, 
suggested it as a true metal and used the names “wissmuth’’ and 
“ bisemutum” and “plumbum cineareum” to designate it. Because 
the elementary character of bismuth was not clearly understood, it 
was confused with a number of other better known metals, e. g., 
lead, zinc, tin, antimony, etc. The investigations of Johann Hein- 
erich Pott (1739) and the accurate descriptions by Torbern Olof 
Bergman definitely placed the element among the metals and gave 
a fairly clear idea of its reactions. 

Occurrence.— Bismuth occurs free in Nature. The element, both 
free and in combination, is found disseminated in pegmatite veins 
and in some contact-metamorphic deposits. Most of the bismuth is 
obtained from the muds produced in the refining of blister copper 
((/. V,). Some of the more important bismuth minerals are biwiuili 
ocher or hismite (Bi^Oa + (H20)n), usually containing 3II2O, bisvn/- 
tite (Bi2Oa.CO2.H2O), hismuthhiite or hisimdh glance (BLiSa) and 
tetradymite (Bi2Te2S). The United States produces very little bis- 
muth. One of the world’s most important deposits is located near 
Sehneeberg, Saxony, where the bismuth is associated with cobalt 
minerals. Bolivia is the principal producer, although England, 
France, Scandinavia, Australia, United States, and Hungary also 
produce some of the metal. 

Physical Properties.— Bismuth is a hard, brittle, lustrous, grayish- 
white metal having a reddish tint. It is usually covered with a 
superficial film of bismuth oxide. It has a specific gravity of 9.78 
(20° C.), melts at 271° C. and boils at about 1450° C. When the 
molten metal is cooled it crystallizes in cube-like rhombohedrons; 
while doing so it expands quite materially. This expansion is due 
to the fact that crystals of bismuth are lighter (density ,9.8) than 
the molten metal (density, 10.055). Therefore, they must occupy 
a greater volume than that occupied by the same weight of the 
fused metal. On account of its internal crystalline structure, the 
metal can be powdered easily. Bismuth is a good conductor of 
electricity, but a poor conductor of heat. 

Chemical Properties.— Only a thin film of oxide is formed when 
bismuth is exposed to moist air. However, when bismuth is heated 
( 540 ) 
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in air, it is converted into the trioxide (Bi20j). The metal decom- 
poses steam and combines directly with the halogens and sulfur. 
Only the oxyacids attack metallic bismuth to form salts. Solutions 
of bismuth exliibit the following types of reactions. 

1. When a bismuth salt is dissolved in the least amount of diluted 
nitric or hydrochloric acids and water added, a white precipitate 
of the basic chloride or nitrate is produced (1) (2). Basic bismuth 
chloride loses water and is converted into the oxychloride (3). The 
precipitate dissolves upon the addition of acids. The presence of 
citric, tartaric, acetic, or other organic acids prevents the precipita- 
tion of Bi+++ when water is added in excess. 

( 1 ) BiCl;i “b 4II2O 4^ Bi(OH) 2 Cl J, - 1 - 2H30'^ 2 ( 1 ” 

(2) Bi(N03)3 + 4 H 2 O ^ Bi(0Il)2N03 + 2 H 3 O+ + 2 XO 3 - 

(3) Bi(OH)2Cl BiOCl + H2O 

2. Wlien hydrogen sulfide is passed into an acid solution of a 
bismuth salt, a brownish-black precipitate of bismuth sulfide is 
formed (4). This is soluble in a warm mixture of equal parts of 
nitric acid and water (5). 

(4) 2Bi-+^+ + 3H2S + fiH20-> BbS;, i + 6II3O+ 

(5) Bi..S3 + SITsO^ -f 2NO3- 2Bi+++ -b 2NO T + 121120 

+ 3Si 

3. Alkali hydroxides precipitate white bismuth hydroxide (Bi- 
[04]]3) from solutions of bismuth salts ((0* The precipitate is 
insoluble in an excess of the precipitant. 

(6) Bi+++ + 3011“ Bi(OH)3 1 

4. When potassium or sodium hydroxide is added in excess to a 
solution of stannous chloride, potassium or sodium stannite is 
formed. Wlien an excess of this solution is added to a solution of a 
bismuth salt, a black precipitate of metallic bismuth is produced (7). 

(7) 3Sn02= + 2Bi+++ + fiOH" -> 3II2O + 3Sn03= + 2Bi j 

5. Solutions of soluble iodides precipitate brownish-black bismuth 
tri-iodide from solutions of bismuth salts (8). Wdien the precipitate 
is boiled with water, it is converted into the scarlet-red basic iodide 
( 9 ). 

(8) Bi+++ + 31“ — > Bila 

(9) Bils + 31120 BiOI i + 21130+ + 21- 

Commercial Manufacture. — 1. Native bismuth is obtained from 
its ore by heating the latter in inclined iron pipes. The easily 
fusible metal (271° C.) runs off into suitable receiving vessels. 

2. Oxide and sulfide ores usually contain one or more of the fol- 
lowing impurities: arsenic, antimony, sulfur, selenium, cobalt, 
nickel, iron, tin, lead, copper, etc. Such ores are first roasted to 
drive off sulfur and then heated in small furnaces with iron (to 
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combine with the remaining sulfur), charcoal (to reduce the oxides) 
and a flux to facilitate the operation. Metallic bismuth melts and 
is drawn off from underneath the lighter materials. This impure 
metal is usually purified by fusing it with a flux of sodium nitrate 
or a mixture of sodium carbonate and potassium chlorate, whereb}^ 
the As, Sb, Fe, Pb, S, etc., are removed. 

3. Bismuth is usually present as an impurity in lead ores, from 
which it is separated by an electrolytic process. All of the metallic 
bismuth produced in the United States is a by-product from the 
manufacture of electrolytic lead. 

Pharmacological Action of Bismuth Ion. Soluble, inorganic bis- 
muth compounds are j)rotoplasmic poisons and, therefore, are not 
used in medicine. 

Because of their fineness, insolubility, and density, the insoluble 
bismuth compounds adhere to mucous surfaces and inflamed areas. 
They are employed as protectives. When taken internally, a v(Ty 
small amount of the bismuth goes into solution and then exerts a 
mild astringent and antiseptic action. The basic bismuth salts 
are very efficient, non-irritant intestinal antiseptics. Intestinal 
hydrogen sulfide acts upon basic bismuth salts to form bismuth 
sulfide; hence the black stools during bismuth treatment. Tht' 
slight astringent and antiseptic properties, together with the pro- 
tective action, make the insoluble basic carbonate and nitrate very 
helpful^ ill the treatment of diarrhea, gastritis, hyperacidity, etc. 
There is no evidence to show that bismuth is constipating to normal 
individuals. 

Because ()f their opacity, basic! bismuth salts were used for Roent- 
gen-ray diagnosis. They have been largely displa(‘ed by barium 
sulfate (q. v.). 

Insoluble bismuth com[)ounds arc used as dusting powders or in 
the form of ointments (30 per cent) on irritated and inflamed mucous 
membranes or open wounds. When applied in this manner, the 
secretions are absorbed and the wound heals under an aseptic 
protective coating. 

Uses.— Bismuth is used in the preparation of its compounds and 
for inaking alloys. Colloidal metallic bismuth in an isotonic, sterile 
medium is available for use as an antisyphilitic. Alloys contain- 
ing bismuth are distinctive in that they are rather hard and fusible, 
and expand when changing from the liquid to the solid state. The 
latter property makes them admirably adapted for use as type 
metal, for taking impressions of moulds and for stereotyping. The 
low melting-points of bismuth alloys are easily understood when it 
is recalled that solutions (alloys) freeze below the freezing-point 
of the pure solvent.^^ In the case of bismuth alloys (‘‘solid solu- 
tions”), the metallic bismuth may be considered as the “solvent,” 
whereas the other constituents of the alloy are “solutes ” Thus 
^ood/^ metal, containing 50 per cent of bismuth (melting-point! 
71 C .), 25 per cent of lead (melting-point, 327.5° C) 12 5 per 
cent of tin (melting-point, 231.8° C.) and 12.5 per cent of cadmium 
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(melting-point, 320.9° C.), melts at 60.5° C., or considerably below 
the boiling-point of water. Other similar alloys are Rose's metal 
(melting-point, 93.75° C.), hipowitz alloy (melting-point, 65° C.) and 
Newton's alloy (melting-point, 94.5° C.). 

Official Bismuth Compounds 

BISMUTH POTASSIUM TARTRATE 

Bismuth Potassium Tartrate, U. S. P. XIII 

Physical Properties.-- Bismuth Potassium Tartrate is a granular, 
white, odorless powder, having a sweetish taste. It darkens on 
exposure to light. One (jin. is soluble in 2 cc. of water. It is 
insoluble in alcohol, in ether, in chloroform and is decomposed by 
mineral acids. 

Chemical Properties.- Bismuth potassium tartrate is a compound 
of indefinite molecular composition. Tartaric acid has two hydroxyl 
groups and two carboxyl groups each of which may be attacked 
by bismuth. When the bismuth is located at the hydroxyl group 
the radical, BiO, replaces the hydrogen of the hydroxyl group. 
BiO is known as the hismuthyl or bismutho radical. A compound 
thus formed may be named bismuthotartaric acid or bismuthyl tar- 
taric acid (note synonyms). Bismuth also replaces hydrogen in 
the carboxyl group in the conventional manner. The type of 
conij)oun(l formed and the amount of bismuth present in a molecule 
depends upon the conditions of preparation. 

A solution of the salt in water will give the reactions of the 
potassium ion (see p. 223) and the bismuth ion (see p. 541). Silver 
nitrate T.S. added to a solution of the compound produ(*ed a white 
precipitate (Ag‘2C4ll406). When the mixture is boiled the precipi- 
tate darkens and a silver mirror is formed. 

Official Tests for Identity. — 1 . A brownish-black precipitate is 
produced when ammonium sulfide T.S. is added to a solution of 
bismuth potassium tartrate (r/. v.), 

2. An aqueous solution imparts the violet color of potassium to 
a non-luminous fianie. 

3. A silver mirror is formed when silver nitrate T.S. is added to 
a solution of the compound and the mixture boiled {q. v.). 

Commercial Manufacture. — This compound may be prepared either 
by treating a mixture of bismuth nitrate and tartaric acid with suffi- 
cient potassium hydroxide solution to dissolve the precipitate that 
has formed, or by dissolving bismuth tartrate in the correct amount 
of potassium hydroxide solution. In either case, the solution is 
carefully evaporated to crystallization. 

Pharmaceutical Preparations and Uses. — 1. Bismuth Potassium 
Tartrate (Bismuthi Potassii Tartras, Potassium Bismuth Tartrate, 
Potassium Bismuthyl Tartrate), U. S. P. XIII.— Bismuth Potassium 
Tartrate contains the equivalent of not less than 60 per cent and 
not more than 64 per cent of Bi. A solution of the compound is 
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used intramuscularly in the treatment of syphilis. It is thought to 
be effective by (combining with the sulfhydril group (SI I) in the 
protein of the syphilis spirochete. Av4?rage dose Intramuscular, 
0.1 Gm. (approximately I 2 grains). 

2. Hismvth Pot(us\siiim Tartrate Injection (Injectio Bismuthi Po- 
tassii Tartratis), U. S. P. XIII. -Bismuth l\)tassium Tartrate 
Injection is a sterile solution of bismuth potassium tartrate in water 
for injection or a sterile susj)ension of bismuth ])otassium tartrate 
in oil. It contains an amount of bismuth (Bi) equivalent to not 
less than 57 per cent and not more than (>(> per cent of the labeled 
amount of bismuth potassium tartrate. 

Sterilize Bismuth Potassium Tartrate Injection, when an oil sus- 
pension, preferably by Process (\ Sterilize Bismuth and Potas- 
sium Tartrate Injection, when a water solution, preferably by 
Process (\ or by Process F. (See Sterilization Pro(‘esses, U. S. P. 
XIII, p. ()92.) Average dose -Intramuscular, 0.1 (on. (approxi- 
mately 1'2 grains). 


BISMUTH SUBCARBONATE 

Bismnfh Snhcarbonate, \ . S. P. XIII 

Approximate Formula, [(Bi()) 2 (X);i|‘ 2 . IIjG. Molecular Weight, 

1088.04 

Physical Properties. Bismuth Sul)(‘arl)()nat(' is a white or pale 
yellowish-white, odorh'ss and tastless powder having a density of 
0.80. It is permanent in air but is slowly affected by light. 

It is insoluble in water and in alcohol, but dissolves with copious 
efl‘ervf^sc(‘nce in nitric and hydrochloric acids. 

When ignited, the salt (le(‘omposes into yellow bismuth trioxide, 
(‘arbon dioxide and water. 

Chemical Properties. - 4 he salt is of indefinite chemical composi- 
tion and, therefore, the purity rubric is liased upon Bi 203 . It is 
very insoluble and shows only the chemical reactions of carbonates 
when tre^ated with a(*ids (see p. 1()7). The resulting acid solutions 
contain the bismuth ion and will produce reactions wdiich are 
characteristi(! of bismuth. 

Official Tests for Identity.-]. Bismuth subcarbonate is com- 
pletely soluble in nitric or hydrochloric* acid with copious efferves- 
cence. 

2. The solution in nitric acid or hydroehlorie acid yields a white 
precipitate when diluted with water (1). 

(1) BiCb + 4 II 2 O ^ Bi(OII)2Cl i 4- 211,0+ + 2C1- 

3. When hydrogen sulfide is passed into an acid solution of a 
bismuth salt, a brownish-black precipitate of bismuth sulfide is 
formed (2). 

(2) 2Bi+++ + 3 II 2 S + 6 H 2 O BbS, i + 6 H 3 O+ 
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This black sulfide is soluble in a warm mixture of equal parts of 
nitric acid and water (3). 

(3) Bi2S3 + 8H3O+ + 2NO3- 2Bi+++ + 2N0 T + I2H2O 

+ 3Si 

Commercial Manufacture.— Bismuth subcarbonate is made by add- 
ing an acid solution of a bismuth salt (normal bismuth nitrate) with 
constant stirring to a warm (not hot) solution of sodium carbonate 
(4). The precipitate is washed with an equal volume of cold water 
and dried at a temperature not above 60° C. Repeated washing 
of the precipitate will decompose the subcarbonate into hydroxide 
and therefore, should be avoided. 

(4) 4Bi(N03)3 + 6Na2C03 + H2O -> [(Bi0)2C03]2.H20 i + 

12NaN03 + 4(^02 T 

Pharmaceutical Preparations and Uses. — 1. Bismuth Suhcarbonaie 
(Bismuthi Subcarboiias, Basic Bismuth Carbonate), U. S. P. 
XIII. - Bismuth Subcarbonate is a basic salt which, when dried over 
sulfuric acid for eighteen hours, yields on ignition not less than 
90 per cent of Bi203. Bismuth subcarbonate, bismuth subnitrate 
and bismuth subgallate comprise the most important compounds 
of bismuth. Except for slight differences they all have the same 
therapeutic action. The compounds are used as protectives, mild 
astringents, dusting powders and antiseptics. Externally they are 
used dry or in ointment form in the treatment of ulcers and skin 
diseases. Internall}^ these salts find use in gastric disorders, ulcers, 
diarrhea, dysentery, ulcerative colitis, etc*. The subearbonate is 
prescribed (either with or without supplementary antacuds) when 
an antacid action is desired. Average dose— 1 Gm. (approximately 
15 grains). 

2. Bvtmidh Subearbonate Tablets (Tabellje Bismuthi Subcarbo- 
natis), N. F. VUI.— These tablets yield an amount of bismuth 
oxide, Bi203, not less than 83 per cent and not more than 97 per 
cent of the labeled amount of bismuth subearbonate. Average 
dose— 1 Gm. (approximately 15 grains). 

BISMUTH SUBGALLATE 

Bismuth Subgallate, N. F. VIII 
Approximate Formula, C6H2(OH)3.COO(BiO) 

Physical Properties. — It is an amorphous, bright yellow powder. 
It is odorless and tasteless, and is stable in the air. 

Bismuth Subgallate is practically insoluble in water, in alcohol, 
and in ether. It is readily dissolved with decomposition by warm, 
moderately dilute hydro(*hloric, nitric, or sulfuric acid, but is insol- 
uble in very dilute mineral acids. It is readily dissolved by solutions 
of alkali hydroxides, forming a clear, yellow liquid, which rapidly 
assumes a deep red color, 

35 
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When ignited it chars leaving a yellow residue of BM- 

Chemical Properties.— Bismuth suhgtilkte is a compound or inden- 
nite composition containing bismuth and gallic acid (3, 4, o-tri- 
hydroxy benzoic acid). Here again bismuth may react with hydroxyl 
or carboxyl groups (see Bismuth Potassium Tartrate).^ 

Acid solutions will respond to the reactions for bismuth ion. 
(See Hydrogen Sulfide Test, p. 541.) By treating the compound 
in water with hydrogen sulfide a small amount of bismuth sulfide 
is precipitated, releasing some gallic acid. The filtrate will give the 
characteristic purplish-blue color of the tannin test when ferric 
chloride T.S. is added. 

Official Tests for Identity .— 1 . When heated to redness, bismuth 
subgallate chars, leaving yellow^ Bi-iO.j. 

2. Bismuth subgallate responds to the test for gallic acid when 
treated with hydrogen sulfide T.S., filtered, aiul ferric chloride 
added to the filtrate (q. v.). 

Commercial Manufacture.— It may be made l)y adding a warm 
aqueous solution of gallic acid to a solution of normal bismuth 
nitrate in glacial acetic acid. 

Pharmaceutical Preparations and Uses.- 1. Bismvih Sjibgallafe 
(Bismuthi Subgallas, Basic Bismuth (hallate, Dermatol), N. F. VITI. 
—Bismuth Subgallate is a basic salt which, when dried at 105° 
for three hours, yields not less than 52 per cent and not more than 
57 per cent of BbO^. It is used similarly to bismuth subcarbonate 
but is employed when greater astringent action is needed. Inter- 
nally it finds some application in treating diarrhea. Average dose— 

1 (rin. (approximately 15 grains). 

2. Bismuth Subgallate Tablets (Tabelhe Bismuthi Subgallatis), 
N. F. VIII— These tablets yield an amount of bismuth oxide, BijOa, 
not less than 48 per cent and not more than 01 per cent of the 
labeled amount of bismuth subgallate. Average dose— 1 Gm. 
(approximately 1 5 grains) . 

BISMUTH SUBNITRATE 

Bismuth Subnitrate, N. F. VIII 

Approximate Formula, Bi(0H)2N03. Molecular Weight, 305.02 

Physical Properties. — Bismuth Subnitrate is a w hite, amorphous, 
slightly hygroscopic powder. It is nearly insoluble in water and 
insoluble in alcohol. It is dissolved by hydrochloric or nitric acids. 

When bismuth subnitrate is heated to redness, it is decomposed 
into yellow bismuth trioxide and oxides of nitrogen (1). 

(1) 2Bi(0H)2N03 -> BbOs + 2HNO3 + H2O 

Chemical Properties. Bismuth subnitrate is a basic bismuth 
nitrate of unknown composition. The structure must be fairly 
constant since ignition of various batches of the salt yield between 
79 and 82 per cent of BbOs. 
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When moistened blue litmus paper is brought in contact with 
basic bismuth nitrate, it turns a faint pink. This is caused by the 
further hydrolysis of the salt to the hydroxide and free nitric acid (2) . 

(2) Bi(0II),N03 + II2O -> Bi(OII)3 + IINO3 

A hydrochloric or nitric acid solution exhibits the reactions of the 
bismuth ion {q. v.). 

When the compound is heated with sulfuric acid and metallic 
copper, brownish-red fumes (NO2) are evolved. A hydrochloric 
acid solution of the salt gives the tests for the nitrate ion (see Nitric 
Acid, p, 120). 

Official Tests for Identity. —Bismuth subnitrate responds to all 
tests for Bismuth ion (p, 540) and for Nitrate ion (p. 120). 

Commercial Manufacture. — One part of bismuth trinitrate is 
rubbed to a smooth paste with 4 parts of water, and then added 
with constant stirring to 20 parts of boiling water. The white pre- 
cipitate is allowed to subside and the supernatant liquid decanted. 
The precipitate is washed with an equal volume of cold water. 
The mixture is filtered and the basic bismuth nitrate dried at a 
temperature of 30° C. If repeatedly washed w ith water, bismuth 
subnitrate will be converted into bismuth hydroxide (3) (4). 

(3) Bi(N03)3 + 2II2O ^ Bi(0H)2N03 + 2HNO3 

(4) Bi(0Il)2N03 + H2O -> Bi(OH)3 + IINO3 

Laboratory Preparation.— Add a mixture of 4 cc. of nitric acid and 
1 cc. of water to about 2 Gm. of metallic bismuth contained in a 
beaker. Heat gently until solution is effected. Evaporate the 
solution to about one-half its volume and add it with constant stir- 
ring to about 200 cc. of hot w\ater. Allows the precipitate to settle, 
decant the supernatant liquid, and w^ash the salt with about its 
volume of cold w^ater. Collect the precipitate and dry it at 30° C. 

Pharmaceutical Preparations and Uses. — 1. Bismuth Suhnitratc 
(Bismuthi Subnitras, Basic Bismuth Nitrate), N. F. VIII.— Bis- 
muth Subnitrate is a basic salt which, when dried over sulfuric acid 
for eighteen hours, yields upon ignition not less than 79 per cent of 
bismuth oxide (BbOs). Like all of the basic bismuth salts, the 
subnitrate is a most effective non-irritant intestinal antiseptic. No 
doubt, its antiseptic action is due to a small amount of ionized 
bismuth. By virtue of a purely mechanical action, it has a marked 
healing effect on inflamed mucous surfaces and hence, it is used as 
a dusting powder for w-ounds. Bismuth subnitrate not only exerts 
this influence in the intestines, but also combines with hydrogen 
sulfide to form bismuth trisulfide, therefore the brownish-black color 
of bismuth stools. It is employed in treating gastric ulcers, etc. 
(See Bismuth Subcarbonate.) Average dose— T Gm. (approxi- 
mately 15 grains). 

2. Bismuth Subnitrate Tablets (Tabellae Bismuthi Subnitratis), 
N. F. VIII.— These tablets yield an amount of BbOa, not less than 
73 per cent and not more than 85 per cent of the labeled amount 
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of bismuth subnitrate. Average dose— -I Gm. (approximately 15 
grains). 

3 . Bismuth Magma (Magma Bismuthi, Milk of Bismuth, Bis- 
muth Cream), N. F. VIII. — Each 100 cc. of this preparation con- 
tains bismuth hydroxide and bismuth subcarbonate in suspension 
in water, and yields not less than 5.2 per cent and not more than 
5.8 per cent of BioO^. It is made by quickly adding an acidulated 
solution of normal bismuth nitrate to a solution of ammonium 
carbonate in diluted ammonia solution ( 5 ) (6) ( 7 ) (8). The magma 
is then washed with distilled water until free of ammonium nitrate 
and ammonium hydroxide. 

( 5 ) Nn4NIEC02.NH4nC03 + NH4OH ^ 2 (NH 4 ) 2 C 03 

(6) 3(Nn4)oC03 + 2Bi(N03)3 Bi.>(C03)3 i + 6NH4NO3 

( 7 ) Bi,(C 03)3 + 211,0 (BiO).,C 03 . 2 HoO + 2 CO> T 

(8) Bi(N03)3 + 3NH4OII Bi(OH)3 i + 3NH4NO3 

The N. F. Mil permits of varying the method of preparation, 
provided the product meets the standards and tests for identity, 
purity and quality specified in the N. F. 

It is used internally like the subcarbonate but, as a rule, is less 
effective. Average dose — 4 ce. (approximately 1 fluidrachrn). 

4 . Biwndli Paste (Pasta Bismuthi, Beck’s Bismuth Paste), N. F. 
\ III— This is a mixture of white wax, paraffin, and white petrola- 
tum with 30 per cent bismuth siibnitrate. This preparation is used 
but little, although it has lieen employed in tuberculous fistulas by 
surgi(;al injection. 

5 . Compovnd Resorcinol Ointment (Unguentum Kesorcinolis Com- 
positum), N. F. VIIL— This ointment contains (> per cent each of 
bismuth subnitrate, resorcinol, zinc oxide, and rectified birch tar 
oil, incorporated in an ointment base composed of petrolatum, 
yellow wax, wool fat, and glycerin. It is used to allay irritation. 

6. Bismuth Paste Surgical, N. N. H.— This preparation contains 
bismuth subnitrate, 1 part, in yellow petrolatum, 2 parts. 

BISMUTH SUBSALICYLATE 

Bismuth Subsalicylate, U. S. P. XIII 
Approximate Formula, C6H4(OH).COO(BiO) 

Physical Properties.— Bismuth Subsalicylate is a white or nearly 
white, amorphous, or microcrystalline, odorless powder. It is stable 
in air, but is affected by light. It is practically insoluble in cold 
water. When heated it becomes soft and chars, leaving a residue 
of yellow BbOs. 

Chemical Properties.— Bismuth subsalicylate is a basic salt having 
an indefinite structure of bismuth and salicylic acid. When mixed 
with water and particularly hot water, a slow hydrolysis takes 
place that liberates salicylic acid and forms a more basic salt. 
The salicylic acid thus formed will give a deep violet-blue color 
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upon the addition of a few drops of ferric chloride T.S. Alcohol 
and glycerin cause a similar reaction. If the bismuth oxide, Bi 203 , 
that results after ignition is dissolved in nitric acid, the solution 
exhibits all of the reactions of the bismuth ion (g. v.). 

Commercial Manufacture. —It is made by precipitating bismuth 
hydroxide from a solution of the trinitrate with ammonium hydrox- 
ide and then digesting the precipitate with salicylic acid on a water- 
bath (1, 2). 

( 1 ) Bi(N 03)3 + SNIbOn Bi(OH)3 + 3 NH 4 NO 3 

(2) Bi(OII )3 + C 6 H 4 ( 0 H).C 00 H i\}U{OU).COO(B\()) + 

2 H 20 

Pharmaceutical Preparations and Uses. — 1. Biwrufh SulmdicyJaie 

(Bismuthi Subsalicylas, Basic Bismuth Salicylate), V . S. P. Xlll.~ 
Bismuth Subsalicylate is a basic salt which, when dried over sul- 
furic acid for eighteen hours, yields upon ignition not less than 
62 per cent and not more than GG per cent of Bi^Ox. It is used to 
allay intestinal irritation and to check diarrhea, particularly in cases 
of hypergastro-intestinal fermentation. A sterile suspension in a 
suitable fixed oil is used intramuscularly for the systemic effect of 
the bismuth against syphilis. Average dose— Oral, gastro-intestinal, 
1 (im. (approximately 15 grains); Intramuscular, in oil, anti-syphil- 
itic, 0.1 dm. (approximately \\ grains). 

2. Bisnnith Sukmlicylate Injection (Injectio Bismuthi Subsal- 
icylatis), U. S. P. XIII.— Bismuth Subsalicylate Injection is a sterile 
suspension of bismuth subsalicylate in a suitable fixed oil. It con- 
tains an amount of bismuth (Bi) equivalent to not less than 53 per- 
cent and not more than G2 per cent of the labeled amount of bismuth 
subsalicylate. It meets the requirements of the Sterility Test for 
Liquids. Average dose— Intramuscular, 0.1 Gm. (approximately 
\ \ grains). 

Non-official Bismuth Compounds 

Bismuth Nitrate [Bi(N 03 ) 3 . 5 Il 20 ].— Bismuth nitrate crystallizes in 
large, transparent, asymmetric prisms, having a specific gravity of 
2.83 at 20° C. At 73° C., the crystals melt in their water of crystal- 
lization and upon continued heating at 80° C. the anhydrous salt 
decomposes into a basic nitrate, water, and oxides of nitrogen, ^^ hen 
strongly heated, the nitrate is converted into the trioxide (g. i?.). 
The normal nitrate is soluble in alcohol and in acetone. It is readily 
hydrolyzed by water to basic bismuth nitrate, whose composition 
depends upon the degree of hydrolysis, (See p. 541.) 

Normal bismuth nitrate is made by dissolving 1 part of coarsely 
powdered metallic bismuth in 4 parts of 33 per cent nitric acid, 
which has been warmed previously to about 30° C. The solution 
is filtered through an asbestos filter (Gooch crucible) and then 
allowed to crystallize (1). 

(1) 2Bi + 8HNO3 2Bi(N03)3 + 2 NO t + 4H2O 
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-Normal bismuth nitrate is used chiefly in the manufac ture 
of bismuth salts, e. g., the subnitrate, subcarbonate, subgnlldto mid 

subsalicylate (q. a;,). _ • i*, . , 

Sodium lodobismuthite.-This is sodium bismuth iodide formed 
by the interaction of bismuth chloride and sodium mlicie in ethyl 
acetate solution. It is mainly Na 2 Bil 6 , having some inorganic salts 
mixed in the preparation. It contains approximately 21 per cent 
bismuth (Bi), 62 per cent iodide (I~) and 11 per cent water of 
hydration. Sodium iodobismuthite occurs as a red crystalline com- 
pound. It is odorless or has only a faint acetic or ethyl acetate 
odor. It is permanent in dry air and possesses an astringent taste. 

It is used intramuscularly for spirochete infections. 

Sodium Bismuthyl Citrate.— This preparation is similar to potas- 
sium bismuth tartrate both in chemi(‘al formation and structure 
and is used similarly in therapeutics. 

Bismuth Sodium Tartrate, N. N. R.— 'i'his is basic bismuth tar- 
trate containing 72.7 to 73.9 per cent of bismuth. It is used for 
the systemic effect of bismuth and has been reported to be a specific 
for tularemia. 

Sodium Potassium Bismuthyl Tartrate, N. N. R.- This is a 
basic water-soluble sodium potassium bismuth tartrate containing 
from 40.75 to 41.25 per cent of bismuth. It is a white, heavy 
powder, soluble in water and insoluble in organic solvents. Chemi- 
cally, it is similar to potassium bismuth tartrate and has the same 
use. 

Halogen Compounds.— Bismuth Tribromide (BiBra, 448.75).— 
Bismuth tribromide is a yellow crystalline powder which is readily 
soluble in diluted IICl and in 10 per cent solutions of potassium 
chloride, bromide, or iodide. It is decomposed by water to form 
basic bromides. 

Bismuth Dichloride (BiCb or Bi 2 ri 4 ).— Bismuth dichloride may 
be made by fusing the trichloride with the metal, by slowly passing 
a current of chlorine over the fused metal, or by heating a mixture 
of powdered bismuth and calomel to 250° C. It is a brownish-black 
crystalline solid. Water decomposes it into the oxychloride and 
metallic bismuth. 

Bismuth Trichloride (BiCb, 315.37).— Bismuth trichloride was 
obtained by Robert Boyle by heating metallic bismuth with mer- 
curic chloride. It may be prepared by allowing dry chlorine to act 
upon heated bismuth, by the action of concentrated hydrochloric 
acid upon bismuth trioxide, or by dissolving the metal in nitrohydro- 
chloric acid, evaporating the solution and subliming the residue. 
The salt is a deliquescent, white or yellowish-white solid and is 
often called butter of bismuth. It has a specific gravity of 4.7 at 
C. and melts at 230° C. It is decomposed at 300° C. 

It is soluble in alcohol and in acetone. The parent compound of 
all bismuth salts is the trioxide. This oxide is very feebly basic, a 
fact that indicates that its salts would be readily hydrolyzed by 
water. This is the case and the hydrolysis is further stimulated 
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by the formation of difficultly soluble basic compounds. (See Tests 
for Identity, p. 544.) Therefore, when a large quantity of water 
is added to bismuth trichloride, a white, crystalline oxychloride 
(BiOCl), known as pearl white y is formed. It is used as a pigment 
and in the manufacture of artificial pearls, etc. 

Bismuth Tri-iodide (Bila, 589.76). —Bismuth tri-iodide occurs in 
the form of grayish-black, glistening, hexagonal crystals, having a 
density of 5.70 and melting at 439° C. It may be obtained by 
fusing together the metal and iodine, or by adding a solution of a 
soluble iodide to an acid solution of bismuth nitrate. Bismuth tri- 
iodide is not affected by cold water. Boiling water changes it to 
the scarlet-red bismuth oxyiodide (BiOl). It is completely soluble 
in HCl and in a 10 per cent solution of KI. 

Oxides and Hydroxides. — Bismuth forms four oxides, viz., BiO, 
BLiOii, Bi204, BiiiO.^. Its principal hydroxide is Bi(OH);i. 

Bismuthyl (BiO).— Bismuthyl is a slightly basic oxide said to be 
formed upon the limited oxidation of the metal. This oxide enters 
into compounds as a univalent radical (BiO"’"), and hence is desig- 
nated as bismuthyl. 

Bismuth Trioxide (Bi203).— Bismuth trioxide is b}’ far the most 
important oxide of bismuth. It is native as the mineral bh^viuth 
ocher or hi.smite (BioO.j. SIIoO). It may be prepared by the oxidation 
of the metal at red heat, or by the ignition of the nitrate, carbonate, 
or hydroxide. When so made, it is a heavy, yellowish to brownish 
basic powder (specific gravity, 8.9 at YlC.). At about 820° (\, it 
fuses to a reddish-brown liquid, which cools to a yellow crystalline 
mass. It is insoluble in water, but dissolves in mineral acids to 
Form soluble normal salts which are readily hydrolyzed by water. 

Bismuth trioxide is used in the preparation of bismuth salts. It 
is employed also in making optical glass, to which it gives even 
greater hardness and refractive power than is obtained by using lead. 

Bismuth Tetroxide (BbOi).— Bismuth tetroxide is a slightly acidic 
oxide formed when bismuth trioxide and potash are fused together or 
when bismuth trioxide, potash and potassium chlorate are ignited. 
It is a heavy, yellowish-brown powder (density, 5.6). The hydrate 
(Bi*204. 2H2O) is known. 

Bismuth Pentoxide (Bi20u).— Bismuth pentoxide is a brownish 
powder (density, 5.1) obtained by heating metabismuthic ficid 
(HBiOa) (of which it is the anhydride) to 130° C. The potassium 
salt of metabismuthic acid (KBiOs) is formed as a scarlet-red 
precipitate when bismuth trioxide is suspended in a concentrated 
solution of potassium hydroxide and then oxidized electrolytieally 
or by passing chlorine through the mixture. 

Bismuth Hydroxide [Bi(OH)3].— Bismuth hydroxide is formed as 
a white amorphous precipitate when an acid solution of a bismuth 
salt is treated with an alkali hydroxide. Also, when basic bismuth 
nitrate is repeatedly washed with water, the hydroxide is formed (1). 

(1) Bi( 0 H) 2 N 03 + H 2 O Bi(OH)3i + HNO 3 
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When the trihydroxide is heated at 100® C., it loses water and is 
converted into BiO(OH), a white, amorphous powder having weak 
basic properties. When ignited, bismuth trihydroxide is converted 
into the trioxide. 

Sulfides. — Two sulfides of bismuth are known, viz., BijSj and 
BijSs. 

Bismuth Disulfide (BijSj). —Bismuth disulfide is formed when an 
excess of metallic bismuth and sulfur are fused together. 

Bismuth Trisulfide (BisSs).— This sulfide occurs native as bismuth 
ghnce or hismuthinite. It may be prepared by the d irect combina- 
tion of the elements (sulfur in excess) or by passing hydrogen sul- 
fide into a solution of a bismuth salt (see p. 541). It is insoluble in 
water and nearly so in sodium or ammonium sulfides. (See Arsenic 
Sulfide and Antimony Sulfide, pp. 5.30 and 539.) It dissolves in 
nitric acid. When heated to 200° (’., it assumes the crystalline form 
of native sulfide. 
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VANADIUM, COLTjMBII M AND TANTALUM AND 
THEIR COMPOUNDS 

VANADIUM 

Symbol, V. Valence, II to V. Atomic Weight, 50.95; 

Atomic Number, 23 

History.— A. M. del Rio (1801) showed the existence of a new 
metal in a lead ore found at Zimapan, Mexico. He called it erytkro- 
niuin, because its salts became red when heated with acids. Four 
years later, Collet-Descotils suggested that Rio had obtained an 
impure oxide of chromium. The element was rediscovered and 
first described by Sefstrom in 1830. He found it in an iron ore 
occurring in Sweden and named it vanadium from Vanadis, a cog- 
nomen of the goddess Freia. A year afterward he published the 
results of his investigation, described a large number of compounds 
of vanadium and called attention to the similarity in chemical 
behavior of this element to that of chromium and molybdenum. 

Occmrence.- Vanadium is somewhat rare and forms the main 
part of but few minerals. It, however, is fairly widely distributed 
in the earth’s crust and its presence has been shown in some meteo- 
rites and in the sun. The chief vanadium minerals are 'paironite^ a 
complex vanadium sulfide, vanadinite (3rb;i(V04)2 . PbCb), dechenite 
(Pb, Zn) (V03)2, descloizite (Pb2V207) and vSeveral others. The 
principal commercial source is Minas Ragra in the Peruvian Andes. 

Physical Properties.— Pure vanadium is a grayish powder or crys- 
talline mass having a silver-white luster. The metal takes an excel- 
lent polish and is permanent in air. It does not decompose water at 
ordinary temperatures, but the powdered metal burns like iron 
when heated in oxygen. Vanadium has a density of 5.87, melts at 
1715"^ C. and boils at 3000"^ C. It is the hardest of all metals (about 
7 on Moll’s Scale). 

Chemical Properties.— Solutions of vanadates yield with ammo- 
nium sulfide T.S. a brown precipitate which is moderately soluble 
in an excess of the reagent to produce a reddish-brown solution 
(NH4VS3). 

Vanadium forms five compounds with oxygen. These are V2O, 
VO (gray), V2O3 (black), VO2 (dark blue), and V2O6 (dark red to 
orange-red). Each of these oxides forms salts. The first three are 
entirely basic, the last two are acidic, but also possess weak basic 
qualities. Metavanadic acid (HVO3) was first obtained by Gerland. 
It is a yellow pigment, sometimes called vanadium bronze, and is 
used instead of gold bronze. It results as fine golden or orange 
scales when copper vanadate is treated with sulfurous acid. Vana- 

( 553 ) 
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dium bronze is obtained also by the action of copper sulfate, con- 
taining an excess of ammonium chloride, on ammonium vaiicidate. 
Vanadium also forms pyrovanadic add (n 2 V 207 ) and hexavanadic 
acid (H 4 Vfl 07 ). Salts of all these acids are known, as are also the 
salts of orthovanadic add, such as Naa^ O 4 . 

Vanadium forms three chlorides, VCI 2 , and VCb, and also 
the oxychlorides VOCl, VOCI 2 and VOCI 3 . Some of the correspond- 
ing compounds of the other halogens are known, i he vanadyl 
compounds, such as (V 0 ) 2 (S 04 ) 3 , have been prepared, \anadium 
forms the nitrides VN and VN 2 and the carbide \ C. 

Commercial Manufacture.— Vanadium in the pure state was first 
obtained by reducing its dichloride with pure hydrogen, but it is 
very difficult to prepare it by this method. The metal, usually in 
the form of an alloy , ferrovanadium (from 30 to 40 per cent V), is 
obtained by introducing the sulfide ore mixed with iron into an 
electric furnace, where carbon reduces the ViSs to V, which com- 
bines with the molten iron to form the alloy. It is also obtained by 
roasting the sulfide ore to drive off sulfur, fusing with sodium car- 
bonate and leaching out the sodium vanadate so formed. By the 
addition of concentrated sulfuric acid, the pentoxide is precipitated, 
mixed with iron and, at a very high temperature, reduced to ferro- 
vanadium. 

Uses. “ Vanadium salts have been recommended for the treat- 
ment of anemia, chlorosis, etc. However, it is very rarely, if ever, 
used medicinally. 

It belongs to the group of metals known as the steel elements^ It 
is used in making vanadium steel, which has a high tensile strength. 

It is employed also in the form of its compounds (V0O2CI4. 5H2O; 
VOSO4.2H2O) in the dyeing industry. 

COLUMBIUM AND TANTALUM 

Symbols, Cb and Ta 

Cb: Valence III and V. Atomic Weight, 92.91 ; Atomic Number, 41 
Ta: Valance (III), V. Atomic Weight, 180.88; Atomic Number, 73 

History.— In the year 1801 Hatchett, an English chemist, reported 
to the Royal Society the results of his studies of a black mineral 
from Connecticut. He believed it contained a new metal which he 
named columbium. A year later Ekeberg, in Sweden, investigated 
a mineral from Finland, and found an element which resembled 
titanium, tin, and tungsten, but still was somewhat unlike any one 
of them. He suggested the name tantalum for the metal. Wollaston 
showed that the same element was found by both Hatchett and 
Ekeberg. The distinction between the two elements, columbium 
and tantalum, came in 1865 as a result of the work of Hermann, 
Blomstrand, and Marignac. 

Occurrence.— Both columbium and tantalum are widely distrib- 
uted in Nature. A few deposits are of commercial importance, such 
as the samarskite mineral in North Carolina. The metals occur 
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chiefly as intimate mixtures of columbates and tantalites, Fe(Cb03)2 
and Fe(Ta03)2. The ores are mined mainly for tantalum, since there 
is but little use for columbium. 

Physical Properties. —Metallic columbium is about as hard as 
wrought iron, has a steel-gray color and when polished, possesses 
a brilliant metallic luster. It melts at 1950 ° C. and has a density 
of 8 . 4 . 

Metallic tantalum is somewhat like platinum in appearance but 
not so bright. It is ductile, very tough, and has a tensile strength 
about two and one-half times that of platinum. It melts at 2850 ° C. 
and has a density of 16 . 0 . The pure metal is almost as soft as 
copper, but may be hardened by heat treatment, so that it will 
hold a cutting edge. 

Chemical Properties.- The elements are so much alike in their 
('heniical properties that they have been considered together. 
Columbium is pentavalent in most of its compounds and is some- 
times trivalent. It has a strong tendency to form oxysalts. Tanta- 
lum acts almost entirely as a pentavalent element and is more basic 
than columbium. 

Columbium forms three oxides. They are the monoxide (CbO or 
Cb202), the dioxide (Cb02 or Cb204) and the pentoxide (Cb206). 
The first two are prepared from the last by reducing it with sodium 
and hydrogen, respectively. The pentoxide is a white, infusible 
powder, formed by heating columbic acid. 

Columbic acid (HCbOa) results as a white precipitate when 
potassium hexacolumbate is treated with sulfuric acid. Columbates 
of the formulas K3Cb04, KCbOa, I^CUOt and KgCbeOig are known. 
Percoluinbic acid (HCb04) is formed by treating IlCbO,! with II2O2. 

Normal and oxy fluorides, such as CbFs and CbOFs are known. 
Salts of the type KoCbFr and KiCbOFs have been prepared. Like- 
wise, normal and oxychlorides are known. 

Tantalum forms compounds similar in composition to those of 
columbium. 

Commercial Manufacture.— Columbium may be obtained by the 
thermit process, by the electrolysis of a solution of fluoxy-columbate, 
or by reduction of the chloride (CbCb) with hydrogen. 

Tantalum is obtained by the electrolysis of fused K2TaF6 or of a 
tantalum salt in a 3 per cent solution of sulfuric acid. The metal is 
obtained as a powder which is purified by repeated extraction with 
water and acids. It is then pressed into bars, heat-treated and 
finally fused in a vacuum furnace. 

Uses. — Before the introduction of tungsten, tantalum was largely 
used as filaments for electric lamps. It finds use at present as a 
substitute for platinum for making standard weights and chemical 
apparatus, as electrodes which are not attacked appreciably by 
aqua regia, and as points for steel pens. Because of its valve effect, 
e. g., giving a pulsating direct current when connected in alternating 
lighting circuits, it is used in rectifiers f )r charging storage batteries. 
Certain of its alloys, such as ferrotantalum and nickel and tantalum, 
show promise of industrial use. 



GROUP VI 

Introduction. and sulfur are the short period elements 
belonging to this group (VI). The former has been discussed in 
Chapter I. Sulfur, together with the elements of Division A (selen- 
ium, atomic weight, 78.96, and tellurium, atomic weight, 127.61), 
constitute a family in which the gradations of properties are clearly 
evidenced. ^i"he melting- and boiling-points, densities, and atomic 
volumes increase as the atomic weights become greater. Ihese 
elements exist in different allotropic forms and exhibit valences of 
2, 4 and 6. Sulfur is a non-metal, whereas tellurium possesses all 
of the physical properties of a metal. They form hydrides of the 
general type RH2 (H2O, HoS, H2Te, HiSe). The stability of these 
hydrides decreases as their molecular weights increase. The oxides 
of these elements correspond to the general formula RO2 and RO3 
and are the anhydrides of the acids represented by II2RO3 and 
H2RO4. 

The members of Division B (Croup VI) are chromium (Cr, atomic 
weight, 52.01), molybdenum (Mo, atomic weight, 95.95), tungsten (W, 
atomic weight, 183.92) and uranium (U, atomic weight, 238.07). 
These elements are distinctly metallic. They form oxides of which 
those of higher molecular weight are acidic. These oxides form 
series of compounds, such as the chromates, the molybdates, etc*. 
In this respect they resemble sulfur. The metals of this group have 
a tendency to unite with oxygen and in such combination (CrO'^'^, 
Mo 02'^, 1102'^) replace the hydrogen of acids to form salts. This 
property increases with the atomic weight. Chromium forms two 
basic hydroxides, Cr (011)2 and Cr (011)3, which are the parent sub- 
stances of a great many chromous and chromic salts. Molybdenum 
and tungsten are distinctly acidic, whereas uranium is both acid- 
and base-forming. The similarity in the properties of successive 
horizontal elements in Mendeleeff’s table is here particularly in 
evidence. For example, vanadium, chromium and manganese are 
closely related to one another by virtue of very similar physical 
and chemical properties. Molybdenum and columbium, and also 
tungsten and tantalum, exhibit close relationships. 


( 556 ) 



CHAPTER XL 


SULFUR, SELENIUM AND TELLURIUM AND THEIR 
COMPOUNDS 

SULFUR 

Precipitated Sulfur ^ U. S. P. XIII 
Sublimed Sulfur^ U. S. P. XIII 
Washed Sulfur, N. F. VIII 

Symbol, S. Valence, II, IV, VI. Atomic Weight, 32.066; 

Atomic Number, 16 

History and Occurrence.— This non-metallic element has been 
known since remotest time. On account of its inflammable nature, 
the early alchemists considered it the “principle of combustibility” 
or phlogiston. (See p. 83.) In 1777, Lavoisier classed it among 
the elements. 

Free sulfur is found in the volcanic regions of Sicily (provinces 
of Caltonisetta and Girgenti), in Chile and Peru, in the Ihiited 
States (Utah, Colorado, California, Nevada, Idaho, Texas and 
Wyoming) and, in fact, in all of the volcanic regions of the world. 
In Louisiana, there is a deposit more than J mile in diameter. For- 
merly, it was believed that such deposits were of volcanic origin, 
but it is now generally held that they were formed either by the 
deposition of sulfur from sulfur-bearing waters or by the action of 
organic agencies upon gypsum (CaS04.2H20). In combination, 
the element occurs chiefly as sulfides or sulfates. The sulfides, e. g,, 
copper pyrites (CuFeS2), galena (PbS), zinc blende (ZnS) and cinnabar 
(HgS) are commercially important on account of their metals. 
The sulfates, e. g,, gypsum (CaS04.2H20), barytes (BaS04), celestite 
(SrS04) and kieserite (MgS04.(H20)n), are very plentiful and useful. 
The element occurs also in the animal and vegetable kingdom as 
a constituent of hair and wool, volatile oils of mustard and garlic, 
and in albuminous bodies. About 3,150,000 long tons (long ton 
2240 lbs.) of sulfur were produced in the United States in 1941, 
most of it being obtained from the Louisiana deposits by a process 
described on p. 561. 

Physical Properties. —Sulfur may appear in two distinct and 
characteristic solid forms, in two different liquid forms, and as a 
vapor. These allotropic modifications differ markedly from one 
another in physical properties. The physical properties of each 
allotrope are given below: 

1. Rhombic Sulfur or a-8 n/fwr.— When carbon disulfide is allowed 
to evaporate spontaneously from a solution of commercial sulfur in 
this solvent, rhombic crystals of sulfur are formed. These crystals 
have a density of 2.07 and melt at 112,8° C. to form SX. They 

( 557 ) 
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are nearly insoluble in water and in alcohol. One Gin. dissolves 
slowly and usually incompletely in 2 cc. of carbon disulhde. One 
Gm. is soluble in about 70 cc. of chloroform, in 150 cc. ot ether, 
and in 100 cc. of olive oil. Rhombic sulfur is a yep^ poor con- 
ductor of electricity and becomes nef^^atively electrihed on Iriction. 
It ignites in air at a temperature of 303° C., and burns with a 
blue flame, forming quantities of sulfur dioxide. It is stable at 
temperatures below 90 ° C. Roll sulfur and most flowers of sulfur 
are crystalline in structure and are (‘xamples of this form of the 
element. 

2. Monoclinic Snlfur or (3-8 ulf nr. —This fonii of sulfur may be 
obtained by partially cooling molten sulfur, piercing the crust that 
forms, and pouring off the still liquid portion. The interior of the 
vessel will be found lined with needles of this crystalline form. 
These needles are nearly colorless, have a density of 1.957, melt at 
119.25° C. to form SX, and are different from the rhombic variety 
in all physical respects. This form is stable above 96° C., but 
upon cooling it reverts to the rhombic sulfur, e. g., monoclinic S 
rhombic S at 96° C. 

3. Liquid &///?/r.--When sulfur is heated above its melting-point, 
several interesting phenomena are observed. At approximately 
160° C. a noticeable change takes place. The pale yellow, mobile 
liquid (Sx) gradually darkens and becomes more viscous until at 
about 180° C. the product is dark brown in color and has reached 
a maximum viscosity (Sfx). On continued heating the \Tscosity 
becomes less, until at 444.6° C. the liquid boils and sulfur vapors 
are evolved. When the X-sulfur is allowed to slowly cool, either 
a-sulfur or |3-sulfur result, both of which are soluble in carbon 
disulfide. However, when the viscous variety' is rapidly cooled or 
the more highly heated sulfur poured into water, an elastic sub- 
stance (resembling rubber) insoluble in carbon disulfide is obtained. 
This variety is often called pkuftic snlfur and is considered to be a 
supercooled liquid. This substance becomes hard and brittle upon 
standing for several days and is then found to contain about 70 per 
cent of rhombic sulfur, soluble in carbon disulfide, and 30 per cent 
of another variety which is very nearly insoluble in any solvent. 
This latter is called amorphous sulfur. A. Smith and his collabora- 
tors^ regard molten sulfur as a mixture of two isomers, Sx and S/x, 
in dynamic equilibrium. Sx is light yellow in color and mo})ile, 
whereas S/jl is dark brown and viscous. At the lower temperatures 
of molten sulfur, SX predominates, but as the higher temperatures 
are reached S/x increases (SX ^ S/x). This change from SX to Sju is 
reversible, as shown when sulfur at its boiling-point is allowed to 
cool slowly. 

The physical properties of the official forms of sulfur may be 
summarized as follows: 

Precipitated St^Z/wr.— This is a very fine, pale yellow, amorphous 
or microcrystalline powder, without odor or taste. 

» Abstract Jour. Cheni. Soc., 2, 20, 451, 767 (1907), 
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One (Tin. is practically insoluble in water, and nearly insoluble in 
alcohol. One Gm. dissolves slowly and usually incompletely in 
about 2 cc. of carbon disulfide. One Gm. dissolves in about 100 cc. 
of olive oil. 

Sublimed Sulfur.— This form is a fine, yellow, crystalline powder 
having a faint odor and taste. Its solubility is the same as that of 
Precipitated Sulfur. 

Woffhed Sulfur.— This is a fine, yellow, crystalline powder, with- 
out odor or taste. Its solubility is the same as that of the other 
forms of sulfur. In addition the N. F. VIII notes a solubility of 
1 Gm. in 150 cc. of ether. 

Chemical Properties.— Under reduced pressure and at low tem- 
peratures, the formula of sulfur vapor is Sg. The freezing-point 
depressions of solutions of sulfur also indicate Sg. At 1000° C., 
however, the formula is S 2 . Sulfur is a very active element. It 
unites with most metals (1) and non-metals (2) to form sulfides. 
When sulfur is treated with oxidizing agents in the presence of 
water, sulfuric acid is formed. (See Sulfuric Acid, p. 136.) 

(1) 2Cu + S CU 2 S 

(2) C + 2S CS 2 

When sulfur is oxidized with oxygen (burned), it evolves suffo- 
cating fumes of sulfur dioxide (3). 

(3) S -t- O 2 SO 2 T 

When boiled with a solutioh of calcium hydroxide, sulfur is dis- 
solved with the formation of calcium thiosulfate and calcium penta- 
sulfide (4). It can easily be precipitated from such a solution by 
acidification. (See Preparation of Precipitated Sulfur, p. 562.) 

(4) 3Ca(OII)2 + 12 s -> 2CaS5 + CaSA + SHoO 

Its solubility in calcium hydroxide is very similar to its solubility 
in hot solutions of the alkali hydroxides, e. g., sodium hydroxide (5). 

(5) bNaOII 4S — > 2 Na 2 S -f- Na 2 S 203 -j- 3 H 2 O 

Part of its solubility in alkali hydroxides is probably due to the 
fact that it is also soluble in solutions of alkali sulfides such as 
sodium sulfide (6). Thus, it is reasonable to expect that the reac- 
tion does not contain only the products shown in equation (5) but 
also sulfides of sodium containing more sulfur such as are shown in 
equation (G). 

(6) Na2S + S Na2S2 
or 

NaoS + 4S Na 2 S 5 , 

Sulfur reacts readily with the alkali cyanides (7) to form thio- 
cyanates. 

(7) NaCN + S NaSCN 
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Finally, sulfur reacts with sulfites to form thiosulfates (8). 

(8) Na^SOs + S -> NaaSsQ, 

Commercial Production of Sulfur. -The recovery of sulfur from 
mixtures with limestone, clay, gypsum, etc., depends upon tJie 
liquefaction of the sulfur either by its own heat of combustion or 
by heat from other sources. In Sicily, sulfur is recovered in a crude 
furnace called a ^^calcaronc.” These ‘^calcarones are semicircular, 
stone- walled pits, 35 feet in diameter and 10 feet deep, dug into 
the side of a hill. As the quarried sulfur rock is packed in the 
calcarone, vertical air-passages are constructed by means of which 
the temperature of the crude furnace is regulated (big. 22). The 
kilns are fired from the top and the heat generated by burning some 
of the sulfur is sufficient to liquefy the remainder. The molten 
sulfur is drawn off at the base of the furnace into square stone 
receptacles from which it is ladled into damp poplar wood moulds. 
The truncated cones of sulfur thus produced weigh from 100 to 
130 pounds. On account of the amount of sulfur consumed by 



Fig. 22. — A calcarone. (From Molinari, General and Industrial Clieinistry, courtesy 
of the Blakiston Company.) 


combustion, the yield is approximately 50 per cent. Because of 
the destruction of crops by the immense volume of sulfur dioxide 
evolved, these calcarones are rigidly restricted to certain area.s. 
Other methods ((lill, Gritti, Orlando) of liquefying sulfur are also 
in use. 

The sulfur obtained from these various kilns contains about 3 per 
cent of earthy material and must be refined to meet the commercial 
requirements. The refinery consists of a large stone chamber with 
a safety valve. This valve is usually located in the roof and is 
designed to take care of any developed pressure. The molten sulfur 
is contained in iron retorts (usually two) which communicate with 
the chamber. When the sulfur vapors first enter the stone chamber, 
they Ignite and convert the air into nitrogen and sulfur dioxide. 
The next vapor diffuses through a mass of relatively cold gas and 
condenses on the walls and floors of the chamber in a fine crystalline 
form called flowers of sulfur. By conducting the sublimation so as 
not to raise the temperature of the condensing chamber, all of the 
sulfur may be converted to this form, If “roll sulfur” is desired, 
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the rate of sublimation is increased. When the sulfur condenses in 
the chamber, it is immediately melted to a liquid which is run off 
from the bottom of the condenser and cast in moulds. 



Fig. 23 .- Sulfur Well. (By permission from Inorganic Ciiemical Technology, by 
Badger and Baker, copyrighted, 1941, by McGraw-Hill Book Company, Inc.) 

The Louisiana deposits are worked by a process that was devised 
by Herman Frasch in 1891.‘ A bore-hole is sunk some 700 to 
1000 feet through clay, quicksand and rock until the sulfur bed is 
reached. Three concentric pijjcs of 8, 3 and 1 inch in diameter are 
then lowered into the hole. (See Fig. 23.) Superheated water 
(180° C.) is pumped down the outer pipe to the sulfur bed. When 

^ J. Chem. Education, 6, 129 (1929). 
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the sulfur is melted, compressed air is forced down the l-inch pipe. 
The molten sulfur mixes with the air, its specific gravity is lowered 
and it then rises in the 3-inch tube and flows out above ground into 
large wooden enclosures in which it solidifies. 1 his sulfur is al)out 
98 per cent pure. 

Sulfur may be obtained by heating sulfide ores, e. g., iron pyrites, 
in closed retorts (9 or 10). 

(9) SFeSo -> Fe,S4 + 2S 

(10) 2FeS2 2FeS + 2S 

The U. S. Pharmacopteia XIII recognizes two forms of sulfur, 
viz., Sublimed Sulfur and Precipitated Sulfur. Washed Sulfur is 
recognized by N. F. VIII. Each one of these official forms of 
sulfur, when dried for eighteen hours over sulfuric acid, must con- 
tain not less than 99.5 per cent of sulfur. 

1. Sublivied Sulfur.— SuhVnned Sulfur or “flowers of sulfur” is 
made by the process previously described on p. 5G0. 

2. Preeijntated iS?/ //?//•.— Precipitated Sulfur is a very fine amorph- 
ous or mieroerystalliiie powder having a pale yellow color and no 
odor or taste. It is more readily and completely soluble in carbon 
disulfide than either flowers of sulfur or washed sulfur. It is pre- 
pared by boiling together sublimed sulfur and milk of lime for 
one hour. During the operation both calcium pentasulfide and 
thiosulfate are formed (1 1). 

(11) 3Ca(OII)2 + 12S 2 C^aS 5 + CaSA + 311,0 

The mixture is filtered and diluted hydrochloric acid added with 
constant stirring until the liquid is nearly neutralized but still 
retains an alkaline reaction to red litmus. The precipitated sulfur 
is collected on a strainer and washed with water until the washings 
are neutral to litmus and give no te^ for calcium with ammonium 
oxalate test solution. The produces then dried rapidly. 

It will be noted that during the precipitation of the sulfur (12), 

(12) CaS 5 + 2HC1 -> CaCl, + II, S T + 4S j 

the liquid is kept alkaline and the addition of diluted hydrochloric 
acid is discontinued while the liquid is still alkaline to litmus. 
Although giving a lesser yield of precipitated sulfur than would 
be obtained if the liquid was made slightly acid, this is done for 
several excellent reasons. Most sublimed sulfur contains a small 
amount of arsenic as the trisulfide, and when this is digested with 
hot milk of lime, calcium sulfarsenite [Ca 3 (AsS 3 ) 2 ] is formed. This 
is soluble in the alkaline liquid. However, if the liquid is made 
acid by the addition of hydrochloric acid, the calcium sulfarsenite 
is decomposed into the insoluble arsenic trisulfide which will again 
contaminate the precipitated sulfur. It is quite evident that the 
sulfides of calcium are very much more readily decomposed by 
hydrochloric acid than is calcium thiosulfate, the latter not being 
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materially affected until all of the sulfides have been acted upon 
and only when the liquid is decidedly acid to litmus. Any sulfur 
precipitated by the decomposition of calcium thiosulfate is not only 
much coarser than that obtained from the sulfides but it is also 
insoluble in carbon disulfide; qualities that are most undesirable 
in precipitated sulfur. 

3. Washed Washed Sulfur is a fine, yellow powder 

having a faint odor and taste. Nearly all sublimed sulfur contains 
impurities of arsenic, as the trisulfide (As^S.^), traces of selenium and 
sulfuric acid, formed by the oxidation of the sulfur and the subse- 
quent hydrolysis of the trioxide. These impurities may be removed 
by passing the sublimed sulfur through a No. 30 sieve and macerat- 
ing the uniform fine powder in approximately a 1 per cent solution 
of ammonia for three days. The sulfur is then transferred to a 
strainer and washed with water until the washings do not impart 
a blue color to red litmus paper. The product is allowed to drain 
and then is dried rapidly at a moderate heat. Lastly, it is passed 
through a No. 30 sieve. By this process the arsenic is removed as 
soluble ammonium arsenite or sulfarsenite (13), the selenium is 
likewise converted to soluble ammonium compounds, and the sul- 
furic acid is changed to ammonium sulfate (13). 

(13) As, S3 + II2SO4 + 8NH4OII (NIDaAsOa + (NH4)3 AsS 3 
-f (NIl4)oS04 + 5ILO 

Washed Sulfur, when dried to constant weiglit over sulfuric acid, 
contains not less than 99.5 per cent of S. 

Laboratory Preparation of Precipitated Sulfur.— Slake 12.5 (tiu. of 
Lime (N. F. VTTI) and thoroughly mix it with 125 cc. of water. 
Add 25 (iin. of flowers of sulfur, previously sifted and, after thor- 
oughly mixing, add 250 cc. of water and boil the mixture in a 
porcelain or glass vessel during one hour. The mixture should be 
stirred frequently and the water lost by evaporation replaced. 
Now cover the vessel and allo^v it to stand until the contents are 
cool and the supernatant liquid becomes clear, rarefully draw off 
the clear solution and filter the remainder. To the combined 
licpiids gradually add hydrochloric acid, previously diluted with an 
equal volume of water, until the liquid is nearly neutralized but still 
retains an alkaline reaction and a yellow color. The solution should 
be stirred constantly during the addition of the acid. Collect the 
precipitate on a strainer and wash it until the washings are neutr^ 
to litmus paper and do not give a test for calcium wuth ammoniu’m 
oxalate test solution, "nieii dry the product rapi31y. 

Pharmacological Action of Sulfur.— Sulfur has been used thera- 
peutically since antiquity and during that time, certain well-defined 
uses have emerged. These are (1) cathartic action, (2) parasiticide 
in scabies, (3) stimulant in alopecia, (4) fumigation, and (5) mis- 
cellaneous skin diseases. 

1. Sulfur exerts a mild cathartic (aperient) effect and therefore 
is used to soften the stools, particularly when the patient has 
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hemorrhoids. The classical effect of sulfur and molasses is based 
largely on this action. The reason that it acts as a cathartic is 
because the sulfur reacts with protein to liberate, among other 
things, hydrogen sulfide which is mildly irritant to the intestinal 
tract. This action is very gradual, unless a finely divided form of 
sulfur, such as Precipitated Sulfur, is used. Washed Sulfur is 
preferred for producing this effect. 

2. Although sulfur is an insoluble and practically inert substance 
by itself, it has been shown that in contact with living tissue it 
forms hydrogen sulfide and an oxidation product, pentathionic 
acid, both of which have been shown experimentally to be germicidal 
and fungicidal. These products of interaction between sulfur and 
living tissue are responsible for the effectiveness of sulfur in the 
treatment of various skin conditions caused by fungus infections 
and parasites. For this type of action the sulfur should be in as 
finely a divided state as possible, which makes '‘precipitated sulfur” 
the one of choice. In the form of an ointment or as free sulfur, 
sulfur has been used a great deal for the treatment of scabies (itch). 
A novel method of administration is with the “sulfur foam” appli- 
cator in which the finely divided sulfur is applied to the skin as a 
soapy foam and allowed to dry. Since the itch mite eggs are not 
affected by sulfur, repeated appli(‘ation is nec^essary (usually for 
three successive days) to kill both the grown mites and the mites 
which hatch out. It is of utmost importance to prevent reinfection 
by wearing clean clothes and changing bedclothing. Other medica- 
tions, e. g,, benzyl benzoate, have largely superseded sulfur for this 
type of therapy. 

3. Because sulfur also has a local stimulant and keratolytic action 
on the skin, it helps to overcome congestion and to soften horny 
elements and scaly formations. For this reason it has been used 
in the treatment of seborrheic alopecia (baldness). In the form of 
an ointment, it is applied to the scalp. 

4. Because of the fact that sulfur forms sulfur dioxide when 
burned, it has been used for fumigating. Its use in this capacity 
has not proved too successful, but it has proven to be quite an 
effective insecticide for bedbugs, roaches, mosquitoes, etc. The 
procedure is to burn 2 to 3 pounds of sulfur per 1000 cubic feet 
of room space. Sulfur for this purpose is usually supplied in 
I and 1 pound cakes, usually with a wick in the middle of the 
“candle.” The sulfur cake should be placed on some non-inflam- 
mable object so that the floor does not burn. It works best when 
the air is saturated with moisture, but at the same time it is well 
to remember that under these conditions sulfur dioxide is an effec- 
tive bleaching agent. Therefore, objects that might be bleached 
should be removed from the room. 

5. Because of its keratolytic and fungicidal action, sulfur has been 
used for a multiplicity of skin diseases such as psoriasis, acne, etc. 

Pharmaceutical Preparations and Uses. — 1. Precipitated Sulfur 
(Sulfur Preecipitatum), U. S. P. XIII.— Precipitated Sulfur, when 
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dried for eighteen hours over sulfuric acid, contains not less than 

99.5 per cent of S. This form of sulfur is also known as ''lac 
sulfur” or "milk sulfur,” these names being derived from the fact 
that formerly the precipitated sulfur of commerce was made by 
using sulfuric acid as a precipitant rather than hydrochloric acid. 
This resulted in a deposit of calcium sulfate in the sulfur and im- 
parted an almost white color to it. This form of sulfur is used 
largely for external application. Because of its fine state of sub- 
division, it should be used in ointments. Average dose— 4 Gm. 
(approximately 60 grains). 

2. Sublimed Sulfur (Sulfur Sublimatum, Flowers of Sulfur), 
I'. S. P. XTIl.— Sublimed Sulfur, when dried over sulfuric acid 
for eighteen hours, contains not less than 99.5 per cent of S. 
'Phis form of sulfur is sometimes used internally, although the 
preferable form is Washed Sulfur. It is also used externally in 
ointment form. 

3. Washed Sulfur (Sulfur Lotum), N. F. VIII. —-"Washed Sulfur, 
when dried to constant weight over sulfuric acid, contains not less 
than 99.5 per cent of S.” It is prepared as indicated on p. 563. It 
is the preferable form for internal administration. Average dose— 
4 (hn. (approximately 60 grains). 

4. Sulfurated Lime Solution (Liquor Calcis Sulfurate, Meminckx’ 
Solution, Vlerninckx’ Lotion), N. F. VIII. --(See p. 336.) This 
preparation is used in acne, etc., for the characteristic effect of 
sulfides. 

5. Compound Senna Powder (Pulvis Senme Compositus, Com- 
pound Licorice Powder), N. F. VIIL— This is a preparation con- 
taining 8 per cent of washed sulfur together with 18 per cent senna, 

23.6 per cent glycyrrhiza, a .small quantity of fennel oil and the 
remainder sucrose. It is used as a mild cathartic. Average dose— 
4 Gm. (approximately 1 drachm). 

6. Alkaline Sulfur Ointment (Unguentum Sulfuris Alkalinum), 
N. F. VIIL — (See p. 237.) This preparation contains 20 per cent 
of sublimed sulfur which is mixed with 10 per cent of potassium 
carbonate and 5 per cent water. This mixture is incorportvted into 
a base composed of wool fat, petrolatum and yellow wax. It is 
used in the treatment of scabies, etc. 

7. Compound Sulfur Ointment (Unguentum Sulfuris Compositum, 
Wilkinson's Ointment, Hebra's Itch Ointment),. F. VIIL — (See 
p. 320.) This ointment contains precipitated calcium carbonate 
(10 per cent) and sublimed sulfur (15 per cent) which are incor- 
porated into an ointment base containing juniper tar, soft soap and 
solid petroxolin. It is used in the treatment of scabies, etc. 

Sulfur CompounDvS 

Hydrides."- Hydrogen Sulfide (Sulfuretted Hydrogen, Hydrosul- 
furic Acid), H 2 S.“This compound was first examined by C. Scheele. 

Occurrence.— In Nature, hydrogen sulfide is found in volcanic 
vapors and many mineral waters contain small quantities of it. 
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(See p. 49.) It is always one of the products that results from the 
putrefaction of organic sulfur-bearing materials. For example, 

sewer gas^* is composed of ammonia, methane, carbon dioxide and 
from 1 to 10 per cent of hydrogen sulfide. Small quantities of this 
gas are produced during intestinal putrefaction. 

Physical IVopcr/iV.s*.-- Hydrogen sulfide is a colorless gas hav ing 
an offensive odor (rotten eggs) and a sweetish taste. It is slightly 
heavier than air (density, 1.18; air = 1). One volume of water 
dissolves 4.37 volumes of hydrogen sulfide at 0° ( . (760 mm.) 
and 2.609 volumes of the gas at 25° C. (760 mm.). Its aqueous 
solutions arc feebly acid to litmus and when exposed to air decom- 
pose into free sulfur and water (1). 

(1) 2 H 2 S + Oo 2 H 2 O + 2S i 

Under a pressure of about 17 atmospheres, the gas is converted to a 
colorless liquid which has a density of 0.96 at —60° C. and a boil- 
ing-point of —61.8° C. The liquid solidifies at —82.9° C. 

Chemical Properties. -Heat and light decompose hydrogen sulfide 
into its constituent elements (2). At high temperatures (about 
500° C.) the decomposition is complete. The decomposition of 
hydrogen sulfide in aqueous solutions (1) is accelerated by light, 
hence its solutions should be kept in well-closed (containers in a 
cool dark place. 

(2) ITS^II^T +Si 

Hydrogen sulfide burns in air with a pale blue flame (3). The 
sulfur dioxide is sometimes reduced to free sulfur (4). 

(3) 2 H 2 S + 3 O 2 2SO.> T + 2 H 2 O 

(4) SO 2 + 2 H 2 S 2 H 2 O + 3S i 

Hydrogen sulfide is an activ^e reducing agent. For example, 
sulfuric acid is reduced to sulfur dioxide and sulfur (5), and arsenic 
pentoxide is converted into arsenic trioxide (6). 

(5) H 2 S + H 2 SO 4 -> S i + SO 2 T + 2 H 2 O 

( 6 ) AS2O5 + 2H2S -> AS2O, + 2H2O + 2 S i 

Chlorine, bromine and icxline displace the sulfur of hydrogen sul- 
fide to form the hydrogen halides and sulfur is precipitated (7). 

(7) H 2 S + I 2 2HI + S i 

When hydrogen sulfide is dissolved in water, hydrosulfuric acid 
is formed. This dibasic acid dissociates into hydrosulfide ions (8) 
which, in turn, are only slightly dissociated into sulfide ions (9). 
The fact that at 18° C. only 0.07 per cent of H 2 S in tenth-normal 
solution is dissociated into HS“ accounts for the “weakness” of 
this acid. The percentage dissociation of the HS*" into S~ is even 
less than that of water and, therefore, is practically negligible 

(8) H 2 S + H 2 O H 3 O++ HS- 

(9) HS- + H 2 O ;=± H 3 O+ + 



SULFUR COMPOUNDS 


567 


Hydrosulfuric acid reacts with bases to form salts (sulfides) (10). 
Its hydrogen is displaced by metals (11). The acid enters into 
double decomposition reactions with salts such as lead acetate, zinc 
sulfate, etc. (12). 

(10) 2NaOIl + 1128 -> NbS + 2H2O 

(11) Pb + H2S-^PbS + H2T 

(12) Pb(C2HA)2 + 1X28 Pb8 1 + 2HC2H3O2 

Methods of Preparation, — (a) Hydrogen sulfide may be prepared 
by passing hydrogen through boiling sulfur (13). Combination 
takes place between 200° C. and 358° C. and is practically com- 
plete at 310° C. This method is econoinit^ally impractical from a 
laboratory or commercial standpoint. 

(13) 8 + II2 II28 

(b) The gas is usually prepared by the action of diluted sulfuric 
or hydrochloric acids upon metallic sulfides. Because of its avail- 
ability and cheapness, ferrous sulfide is generally used. A concen- 
trated sulfuric acid should not be used in this reaction because not 
only will the acid be reduced to sulfur dioxide (5), which will con- 
taminate the gas, but also an anhydrous ferrous sulfate will coat 
the iron sulfide and stop any further reaction. Although the hydro- 
gen sulfide obtained in this manner is washed with water, it still will 
be contaminated with many impurities, such as hydrogen, arsine, 
etc. The former results from the action of the acid upon free iron 
present in the ferrous sulfide, whereas, the latter is occasioned by 
the reducing action of hydrogen upon compounds of arsenic which 
are nearly alwa\ s present in commercial grades of ferrous sulfide. 
A hydrogen sulfide that is freed from hydrogen may be obtained by 
allowing hydrochloric acid to act upon antimony or calcium sulfides 

(14) (15). Hydrogen sulfide may be freed from arsine by first dry- 
ing the gas and then passing it over powdered iodine (16). 

(14) 86283 + 6HC1 28bCl3 + 3H>S T 

(15) CaS + 2HC1 H28 T + CaCl, 

(16) AsHa + 3I2 Asia + 3HI 

Detection.— Hydrogen sulfide may be detected by its character- 
istic obnoxious odor. It should be remembered that there is only a 
slight difference in the odor of a harmless concentration of the gas 
and that of a lethal one. 

Pharmmological /I c/ion.-~ Hydrogen sulfide is a great deal more 
toxic than is generally realized. In fact, it closely approaches 
hydrogen cyanide in toxicity. A concentration of 1 part in 10,000 
of air produces conjunctivitis and prolonged exposure may also 
cause an irritation of the entire respiratory tract followed by edema. 
Lethal concentrations (15 to 20 parts in 10,000) produce death by 
direct paralysis of the respiratory center. In vitro, hemoglobin is 
reduced by hydrogen sulfide to sulfheraoglobin, which is a stable 
brown or brownish-green compound, considered to be the cause of 
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the discoloration of cadavers. Cases of acute poisoning may be 
treated by using artificial respiration together with inhalations of 
oxygen containing 5 per cent of carbon dioxide. 

Pharmaceutical Preparations and Uses. —The 1. S. Pharmacopeia 
XIII recognizes a test solution of this gas. It is described as being 
a saturated aqueous solution of h3’drogen sulfide made by passing 
H2S into cold distilled water. The Pharmacopeia directs that the 
solution be kept in small amber colored bottles, filled nearly to the 
top and preserved in a cool, dark place. The test solution should 
have a strong odor of hydrogen sulfide and, when added to an equal 
volume of ferric chloride test solution, it should produce a heavy 
precipitate of sulfur (17). 

(17) 2FeCl3 + H2S 2FeCI> + 2HC1 + S i 

H^^drogen sulfide is used for precipitating certain cations, such 
as As^^, Sb+++, Sn++, IIg++, Bi+++, €11+-^, Cd"^, etc., from acid 
solution. Ammonium sulfide (prepared by saturating ammonium 
hydroxide with hydrogen sulfide) also precipitates another group 
of cations (Fe"^"^"^, Ni++, 00"^+, ]\In++). 

Hydrogen Polysulfides.— Hydrogen disulfide (II2S2), hydrogen tri- 
sulfide (H2S3) and hydrogen pentasnlfide (H2Sr,) are known. They 
may be prepared b}^ adding a cold solution of the alkali or alkaline 
earth polysulfides to a cold concentrated hydrochloric acid. The 
pol.vsulfides of hydrogen have a sharp unpleasant taste and an odor 
similar to that of hydrogen sulfide. Tlu\v readily decom})()se into 
hydrogen sulfide and sulfur. H2S2 is a licpiid having a specific gravity 
of 1.376 at 20° C. It may be converted into a solid having a melting- 
point of —88° C. H2S3 is also a liquid having a specific gravity of 
1.496 at 15° C. In the solid state it melts at —53° C. II2S5 is a 
liquid having a specific gravity of 1.71 at 15° C. 

Oxides.— Four oxides of sulfur are known, viz., the sesquioxide 
(S2O3), sulfur trio.xide (SO3), fudfur dioxide (SO2) and sulfur heptoxide 
(S2O7). 

Sulfur Sesquioxide (S2O3). “-Sulfur sesquioxide is a bluish-green, 
crystalline solid formed by carefully adding sulfur to sulfur trioxide 
(1). When this oxide is warmed, it readily decomposes into SO2 
and S (2). 

(1) SO3 + S -> S2O3 

(2) 2S2O3 -> 3 S 02 T + S i 

Sulfur Trioxide (SO3). — Sulfur trioxide was mentioned by Basil 
Valentine in the fifteenth century. It was first obtained by N. 
Lemery, in 1675, by distilling green vitriol. It is a colorless liquid 
having a specific gravity of 1 .923 at 20° C. When the liquid is kept 
at 16° C., it slowly^ crystallizes in long transparent prisms having a 
melting-point of 16.83° C. When the liquid is allowed to crystal- 
lize at ordinary temperatures, crystalline fibers melting at 40° C. 
are formed. Therefore, it would appear that sulfur trioxide exists 
in two modifications. 
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Chemical Pro'perties.—y^lYitw sulfur trioxide is heated, it decom- 
poses into sulfur dioxide and oxygen (1). It combines with water 
to form sulfuric acid, of which it is the anhydride (2). The com- 
bination is accompanied by an evolution of a large quantity of 
heat. Sulfur trioxide dissolves in concentrated sulfuric acid to 
form a series of compounds of which oleum or fuming sulfuric acid is 
an example (3). Under the heading of Reagents, the U. S. Phar- 
macopoeia XIII describes fuming sulfuric acid as being a heavy, 
fuming, colorless, oily liquid containing at least 84 per cent of total 
SO3, corresponding to about 15 per cent of free SO3. It should 
have a density of about 1.87 and, upon ignition, should not yield 
over 0.02 per cent of residue. It combines directly with a number 
of oxides and hydroxides to form the corresponding salts (4), and 
it frequently acts as an energetic oxidizing agent. 

(1) 2SO3 ^ 2SO2 T + O2 T 

(2) SO3 + H2O H2SO4 

(3) H2SO4 + SO3 II2S2O7 

(4) CaO + SO3 CaS04 
Ca(OH)2 + SO3 CaS04 + H2O 

Methods of Preparation,— Sulhiv trioxide may be obtained by 
distilling ferric sulfate (5). 

(5) Fe2(S04)3 Fe203 + 3SO3 T 

Sulfur dioxide and oxygen slowly and incompletely combine to 
form sulfur trioxide (6). In 1875, C. Winkler effected a more com- 
plete combination by passing the gases over platinized asbestos 
heated to about 400° C. The best conditions for this reaction have 
been carefull}^ studied, and as a result we have the so-called contact 
process for the commercial manufacture of sulfuric acid {q. v.). 

It has been ascertained that with a gas mixture containing 7 per 
cent of SO2, 10 per cent of oxygen and 83 per cent of nitrogen, a 
yield of SO3 equal to 99 per cent of the theoretical may be obtained 
by bringing the gases in contact with finely divided platinum 
heated to 434° C. The yields are less for temperatures above and 
below 434° C. Finely divided and heated oxides of some other 
metals (Fe203, Mn02, etc.) will also catalyze this reaction. 

(6) 2SO2 + 02^ 2SO3 + 2 X 22,600 calories 

Uses.— When perfectly dry, this oxide of sulfur possesses no caus- 
tic properties. However, traces of moisture produce sulfuric acid 
which destroys organic matter. It is used in the manufacture of 
sulfuric acid and various dyes, e. g., alizarin, indigo, etc. 

Sulfur Dioxide (SO2) and Sulfurous Acid (H2SO3).- -This oxide of 
sulfur is present in volcanic gases and in the spring waters of vol- 
canic areas. Coal smoke contains appreciable quantities of sulfur 
dioxide, and hence the atmosphere of large cities is contaminated 
with it. In 1775, ^J. Priestley obtained the pure gas and claimed 
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it to be a definite compound. Later A. L. Lavoisier determined \U 
composition. 

Physwal Properties -Sulim dioxide is a colorless gas j)ossessing 
a characteristic pungent and irritating odor. It has a density oj 
2.264 (air = 1). One volume of water at 0° C. (7()0 mm.) dissolves 
nearly 80 volumes of gas and at 25" C. (760 mm.) :i2.8 volumes. 
The gas dissolves in alcohol and yields about a 26.5 per cejit solu- 
tion. The dry gas is neutral in reaction but its aqueous solutions 
are acid to litmus. The critical temperature is 157.2" C. and the 
critical pressure about 78 atmospheres. The gas is easily liquefied 
to a colorless liquid which boils at — 10" (\ This liquid is an excel- 
lent solvent for iodine, phosphorus and sulfur. Some inorganic? 
salts dissolve in it to form addition products, such as KI. 4 SO 2 , 
KI. 4 i.SO 2 , etc. The rapid evaporation of liquid sulfur dioxide 
converts it into a white solid melting at — 72.7° C. 

Chemical Properties.— SuMm dioxide is stable even at high tem- 
peratures. It does not burn or support combustion. Under the 
influence of a catalyst, it unites with oxygen to form sulfur tri- 
oxide. In the presence of camphor (catalyst) or in direct sunlight, 
vS 02 forms addition compounds with chlorine (1) and fluorine (2). 
Sulfur dioxide forms a hydrate containing 7 molecules of water 
(SO 2 . 7 H 2 O). This may be obtained by cooling a saturated aqueous 
solution of the gas. Sulfur dioxide is a good reducing agent. For 
example, if it is passed into an aqueous solution of iodine, sulfuric 
and hydriodic acids are formed (3). In this case, the iodine is 
reduced (gains 2 electrons), whereas the sulfur of the sulfur dioxide 
is oxidized (loses 2 electrons). Sulfur dioxide also reduces perman- 
ganates to manganous salts (4), iodates to iodine (5), etc. 

(1) SO 2 + CI 2 — > SO 2 UI 2 (sulfuryl chloride) 

(2) SO 2 + F 2 — > SO 2 F 2 (sulfurvi fluoride) 

(3) I 2 + 2 II 2 O + SO 2 H 2 S 6 ., + 2III 

(4) 2KMn04 + 2 II 2 O + 5SO> -> K 2 SO 4 + 2UnSO, + 2II.,S04 

(5) 2 KIO 3 + 4 II 2 O + 5 SO 2 2KnS04 + I 2 + 3 II 2 SO 4 

Preparation.— Sulim dioxide is produced when sulfur is burned 
in air or oxygen (6). A very small quantity of sulfur trioxide is 
also formed. 

(6) 2S -f 2 O 2 2 SO 2 

Ihe gas is usually prepared for industrial purposes by roasting 
metallic sulfides (7) (8) (9). This roasting process is preliminary 
to the recovery of certain metals from their sulfide ores. (See 
Copper, p. 281, and Zinc, p. 372.) 

(7) CU 2 S + 2 O 2 -> 2CuO -f SO 2 T 

(8) 2ZnS + 3 O 2 2ZnO -f 280^ T 

(9) 4FeS2 + IIO 2 2Fe20, + 8S(L T 
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It may be obtained by reducing concentrated sulfuric acid with 
carbon (10), sulfur (11), or metals (12). 

( 10 ) 2H2SO4 + c -> 2SO2 T +CO2 T + 21I2O 

( 11 ) 2TT2SO4 + s -> 3SO2 T + 2H2O 

(12) 2HoS(), + Cii ~> SOot + C11SO4 + 2HoO 

Sulfur dioxide is formed when sulfites arc decomposed with dilute 
acids (13). 

(13) NallSO, + H,S 04 NaHS 04 + SO, t + H 2 O 

Defrcfion of Svlfur Dioxide. ~ \ . Sulfur dioxide may be detected 
by its characteristic acrid odor. 

2. When a piece of paper moistened with a solution of potassium 
iodate and starch test solution is exposed to the gas, the starch turns 
blue, due to liberated iodine (5). Continued exposure of the paper 
to the gas will cause the blue color to disappear (3). 

3. When moistened mercurous nitrate paper comes in contact with 
sulfur dioxide, it turns black due to the reduction of the mercurous 
nitrate to metallic mercury (14). 

(14) 2 lIgN 03 + SO 2 + 2 II 2 O -> 2Hg + 2 HNO 3 + H 2 SO 4 

Sulfur dioxide is too strong a reducing agent to be used 
either in or upon the body. Very dilute concentrations of the gas in 
air lun^e been usenl with variable results in the treatment of colds. 
(See also Chlorine, p. 86.) It finds extensive industrial use for 
bleaching wool, straw and wood pulp; for fumigating; for arresting 
fermentation, and in the manufacture of sugar. Its principal use 
is in the manufacture of sulfuric acid. 

Sulfurous Acid (I I 2 SO 3 ).” Despite the facts that this compound 
has never been isolated and that a solution of SO 2 in water has 
every appearance of being a simple solution of gas in water, there is 
ample evidence that sulfurous acid actually does exist as such in 
solution. 

rro'perties,--N saturated solution of sulfur dioxide in water is a 
colorless liquid having a strong odor of SO 2 . It has a specific 
gravity of about 1.028 at 25° C. and contains between 6 and 7 per 
cent by weight of SO 2 . It is acid in reaction and possesses strong 
reducing properties (1). With several compounds that are easily 
oxidized, it acts as an oxidizing agent (2). Being a dibasic acid, 
it forms both normal and hydrogen salts with bases. Aqueous 
solutions of normal sulfites are feebly alkaline in reaction, whereas, 
solutions of the hydrogen sulfites are slightly acid. Apparently, 
there are several equilibria existing in a solution of sulfur dioxide 
in water. Undoubtedly, the liquid contains a large amount of the 
SO 2 in simple solution in the water. However, some of the SO 2 
combines with some of the water to form undissociated sulfurous 
acid. The ionization of this acid is very slight (8 per cent in tenth- 
normal solution), but nevertheless gives rise to hydronium ions and 
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the hydrosulfite ions (3). The dissociation of the latter ions into 

more hydronium ions and sulfite ions is even less than the primary 

ionization (4). 

( 1 ) H 2 SO .3 + 2 H 2 S 3S i + 3 H 2 O 

( 2 ) 2HgCl2 + H 2 SO, + H 2 O ^ Hg.Ch i + 2IIC1 + H 2 SO 4 

(3) SO 2 (dissolved) + 2 Il 20 ^=iH 2 S 03 + H 20 ;=±IL 0 + + HSO^r 

(4) HSOs- + HoO ^ HsO^ + SO,r 

Both the normal and hydrogen salts of sulfurous acid are decom- 
posed by heat. The former yields the sulfate and sulfide (5), 
whereas sulfur dioxide, water and normal sulfite are the products of 
the decomposition of the latter (0). 

(5) 4Na2S03 Na2S + 3Na2S04 

(6) 2NaHS03 Na 2 S 03 + II 2 O + SO 2 T 

Solutions of sulfurous acid and sulfites are readily oxidized even 
by the air to sulfuric acid and sulfates, respectively. 

Preparations and Uses.— An aqueous solution of sulfur dioxide is 
listed among the Reagents in the U. S. Pharmacopana XIII. It 
should not contain more than 0.5 parts of As in 1 ,000,000 of the 
solution. 

Sulfurous acid is used as a reducing agent and as a i)reservative. 
It is often used as an '‘antichlor^^ because of its property of convert- 
ing chlorine into hydrochloric acid (7). Sulfites are a convenient 
source of SO 2 for laboratory j)urposes. Calcium hydrogen sulfite 
(Ca[IISO.j 2 ) is used as a lignin solvent and bleach in the paper 
making industry, 

( 7 ) SO2 + CI2 + 2H2O -> 2 H (4 + IL2SO4 

Other Sulfur Acids. -There are a number of other thio (sulfur) 
acids which exist either as free acids or in the form of their salts. 
Their names and formulie are given below: 

Thiosulfuric acid, II 2 S 2 O 3 Peroxydisulfuric or Per- 

Hyposulfurous acid, II 2 S 2 O 4 sulfuric acid, H 2 S 2 O 8 

J^ermonosulfuric or Caro's Trithionic acid, H 2 S 3 O 6 

acid, H 2 SO 6 Tetrathionic acid, H 2 S 4 O 6 

Dithionic acid, H 2 S 2 O 6 Pentathionic acid, IRSsOe 

Halogen Compounds. — Sulfur Monochloride (SCI). — Sulfur mono- 
chloride is a light amber to yellowish-red liquid having a specific 
gravity of 1.678 at 20° C. It boils at 138° C. and may be converted 
to a solid which melts at —80° C. It is made by passing dry chlorine 
over melted sulfur (1). Water decomposes this compound into sul- 
fur dioxide, free sulfur and hydrochloric acid (2). Alcohol and 
ether also decompose it. It is soluble in carbon disulfide. 

(1) 2S + CI 2 -> 2SC1 

(2) 4SC1 + 2 H 2 O SO 2 T + 3S i + 4HC1 
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Sulfur monochloride is an excellent solvent for sulfur. A thick, 
syrupy solution of about 65 per cent of sulfur in the monochloride 
is used in vulcanizing rubber. It is used also in the manufacture 
of sulfur dyes and insecticides, in dyeing textiles, and for making 
jSjS'-dichlordiethyl sulfide {''Mustard Gas’'). 

Sulfur Dichloride (SCl 2 ).--This unstable dark red liquid has a 
specific gravity of 1.621 at 15° C. It may be converted to a solid 
that melts at —78° C. It is made by passing dry chlorine into 
sulfur monochloride at 0° C. Water decomposes it into the mono- 
chloride and free chlorine. 

Sulfur Tetrachloride (SCb).- This compound is stable only below 
if C. It is a white powder melting at —30° C. It is made by 
passing dry chlorine into sulfur dichloride at —75° C. 

Sulfur Bromide (SBr).— This is a heavy red liquid having a spe- 
cific gravity of 2.635 at 20° C. It is prepared by treating sulfur 
with an excess of bromine and then driving off the excess of the 
latter with carbon dioxide. This liquid slowly decomposes into its 
constituent elements at its boiling-point of 54° C. It can be con- 
verted into a solid melting at —46° (\ 

Sulfur Iodides.— Sulfur and iodine combine to form a mono- 
iodide (SI) and a hexiodide (Sle). 

SELENIUM AND TELLURIUM 

Symbols, Se and Te. Valences, II, l\\ VI. Atomic Weight: 

Se, 78.96; Te, 127,61 ; Atomic Number: Se, 34; Te, 52 

History.— Berzelius (1817) discovered a new element which he 
called selenium (Gr. selene = ‘‘moon”), because of its close chemi- 
cal relationship to tellurium (L. tellus = “earth”), discovered by 
Reichenstein in 1782 and named by Klaproth in 1798. Selenium 
was first obtained by its discoverer in the slime at the bottom of 
lead chambers used for making sulfuric acid. 

Occurrence. — A small amount of tellurium occurs native. It is 
usually found in combination with silver, gold, lead and bismuth. 
Considerable amounts could be recovered during the refining of 
these metals and also of copper. 

Selenium, on the other hand, is usually associated with sulfur 
and the sulfide ores. In the form of the selenides it may be recov- 
ered from the flue dust of pyrite burners and also in the electrolytic 
refining of copper {q. v.). 

Properties.— Like sulfur, selenium and tellurium have the property 
of existing in different forms or allotropic modification^ A red, 
monoclinic, crystalline form of selenium having a density of 4.47 
and a melting-point between 170° and 180° C. may be prepared. 
When this variety is heated between 200° and 230° C for some 
time, it changes into the gray variety of metallic selenium having a 
density of 4.8. The electrical conductivity of this form especially 
is very small in the dark or at ordinary temperatures but increases 
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markedly when exposed to light or elevations in temperature. Tim 
property is the basis for the action of the very positive selenium 
photoelectric cell. Selenium is used also in making red glass and 
in the rubber industry. The allotropism of tellurium is the lesser 
marked of the two elements, but it does occur in different forms. 
The fused element is metallic in appearance and has a density of 
6.2. It is a good conductor of electricity. A small quantity is used 
in the ceramic industry. 

Pharmacological Actions of Selenium and Tellurium Ions.— 1 he 

actions of selenium, selenate, and selenite ions closely resemble those 
of arsenic and tellurium. The oral administration of large doses 
of selenium salts produces intestinal irritation and paralysis of the 
small blood vessels and blood-forming organs. Selenium compounds 
were suggested by Wassermann as being specific for tumors and 
cancers. It has been shown that non-toxic doses will not destroy 
cancer cells. 

Tellurium, like selenium, resembles arsenics iji its action. Because 
of the ease and rapidity with which tellurium compounds are re- 
duced to the metallic state, they are relatively non-toxic. 

Toxic doses produce paralysis of the blood vessels and also marked* 
changes in the blood-forming organs. Tellurium salts a(‘ts as anti- 
diaphoretics and sodium tellurate has been used to suppress the 
night-sweats of phthisis. The oral administration of tellurium salts 
is followed by the deposition of the metal in all parts of the body. 
All living cells effect the reduction of tellurinm salts to an ultra- 
microscopic form of the rnetal, which is slowly but continuously 
converted into methyl telluride [((TI-O^Te]. I'his alliaceous smell- 
ing substance is excreted in the breath, j)erspiration, urine and 
feces. When taken by mouth, the larger part of a tellurium salt 
is reduced to the metal which is excreted in the feces. 

Compounds of Selenium and Tellurium 

In many respects the compounds of selenium and tellurium remind 
one of the sulfur compounds. We will consider only the hydrides, 
oxides and oxygen acids. 

Hydrides.— Hydrogen selenide (IBSe) is formed by the direct 
union of its constituent elements (1) or, better, by the action of dilute 
hydrochloric or sulfuric acids upon the selenides of the metal (2). 

(1) Ih + Se ^ H^Se 

(2) FeSe -f- H2SO4 — > Il2Se | + FeS04 

Hydrogen selenide is a colorless gas having a very offensive odor 
similar to that of decaying onions. It is less stable toward heat 
than hydrogen sulfide and its aqueous solution is a very weak acid. 

It precipitates selenides in the same manner as hydrogen sulfide 
precipitates sulfides. 

Hydrogen telluride is prepared in the same manner as hydrogen 
selenide. It is the least stable of the three hydrides of the sulfur 
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family. Its odor is likewise offensive. It is slightly soluble in 
water and precipitates tellurides of the heavy metals. Both of the 
hydrides are very poisonous. Because of the fact that these ele- 
ments tend to accumulate in the systems of those working with 
them, they should be handled with care as they will undermine the 
health and cause foul-smelling breath. 

Oxides.— When the metal is burned in air or in the presence of 
nitrogen dioxide and oxygen, selenium forms the dioxide (SeOz). 
Three other oxides are known, having the formulas Se203, Se304, 
and SeOs. The oxides are acidic in nature. 

Tellurium dioxide (TeOo) is prepared in the same way as selenium 
dioxide. The trioxide (TeOa) is obtained as an orange-yellow powder 
by heating telluric acid, H2Te()4.2H20. 

Oxygen Acids.— Selenous acid, IliSeOj, is an unstable white solid, 
formed by heating the dioxide with water. It forms both selenites 
and hydrogen selenites, such as Na2Se03 and NallSeOj. 'i’his acid 
is reduced by sulfurous acid ( 1 ). 

( 1 ) 2H2SO3 -b Il2SeO;, 2II2SO4 -b HoO -b Se i 

Tellurous acid is obtained as a white powder when a solution of 
the element in nitric acid is poured into cold water. It is similar 
to selenous acid but, unlike the latter, is somewhat basic. Its 
properties are illustrated bj' its forming the following compounds: 
tellurium sulfate [Te(SOi)2] and telluryl sulfate {Te0S04). 

Selenic acid (H2Se04) is formed by treating selenous acid with 
active oxidizing agents, such as potassium permanganate and chlo- 
rine (2), or by the oxidation of selenous acid with HCIO3. 

( 2 ) H 2 Se 03 -b CI2 -b H2O ^ 2 HC 1 + Il 2 Se 04 

Selenic acid acts very much like sulfuric acid. It has the distinction 
of being the only single acid which dissolves gold. It may be con- 
centrated to a solution containing 95 per cent of H2Se04. This 
solution decomposes at 265 ° C. 

Telluric acid is formed by oxidizing tellurous acid with a mixture 
of nitric acid and chromic acid. When the resulting solution is 
evaporated, crystals of the formula H2Te04.2ll20 separate. When 
these crystals arc heated above 160 ° (\, H2Te04 is j)roduced. 'I'his 
acid is a good oxidizing agent. 
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CHROMIUM AND CHROMIUM COMPOUNDS 

CHROMIUM 

Symbol. Cr. Valence, II, III, VI. Atomic Weight, 52.01 ; 

Atomic Number, 24 

History and Occurrence.- In 1762, Lehman discovered a red 
mineral in Siberia which he named crocoite. About 1797, Vauquelin 
and Klaproth, working independently, found this mineral to be a 
compound of lead in combination with an acid which they found 
to be an oxide of a new element. The name chromium (Greek, 
xpwjua, color) was assigned to the latter because all of its compounds 
were found to be highly colored. 

Chromium always occurs in combination in Nature. Its principal 
ore is chromite or chrome iron ore (Fe 0 .Cr 203 ), of which the largest 
deposits are found in southern Rhodesia, Turkey, New Caledonia, 
India, and Greece.^ Chromite is widely distributed in and around 
serpentine and other basic rock areas in the rnited States. Such 
rocks are found in Pennsylvania, Maryland, North Carolina, 
western and central California, etc. Native lead chromate, crocoite 
(PbCr 04 ) is found chiefly in Siberia. 

Physical Properties.— Chromium is a very hard, crystalline, silvery 
gray metal having a specific gravity of 6.92 at 20® C. It melts at 
about 161.5° C. and boils at 2200° C. It is non-inagnetic and its 
ductility and malleability are very low. 

Chemical Properties.— The chemical properties of chromium will 
be considered as (1) metallic chromium, (2) divalent chromium, (3) 
trivalent chromium, and (4) hexavalent chromium. 

1. Metallic chromium does not oxidize (tarnish) in air, but when 
heated, it burns with a bright light in oxygen or in the oxyhydro- 
gen flame and gives the sesquioxide (O2O3). Chromium metal 
exists in an active and a passive form. The former is easily soluble 
in dilute acids with the evolution of hydrogen and the formation of 
blue chromous salts which are rapidly changed by the oxygen of the 
air to green chromic salts. However, if the metal is allowed to 
stand exposed to air, or is treated with chromic acid or concentrated 
nitric acid, it is changed to the passive form and as such is not acted 
upon by dilute acids. 

2. Chromous ion is a divalent ion (Cr'^'^) possessing a blue color. 
It is quite unstable, being readily converted to the chromic form. 
It is, therefore, a strong reducing agent. There are relatively few 
stable compounds containing the divalent form of chromium, the 
principal ones being the halogen salts (see Non-official Compounds, 

> Emmons; Principles of Economic Geology, 
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p. 581) and the acetate. This form of chromium is rarely encoun- 
tered and is of little importance. 

3. Chromium exists more commonly in the trivalent form. The 
chromic salts are usually obtained by reducing dichromates in acid \ 
solution (1). 

( 1 ) Cr^Oy"^ + bl- + I4H3O+ 2 Cr-^+ + 3I2 + 2IH2O 

When chromic salts are treated with alkali hydroxides they yield 
chromic hydroxide (2). This hydroxide when treated with acids 
yields chromic salts (3) and when treated with alkali yields chromites 

(4). 

(2) Cr+++ + 30H“ Cr(OH)3 i 

(3) Cr(OH)3 + 3II3O+ Cr+++ + GII2O 

(4) 0(011)3 + OH- Cr02- + 2H2O 

4. Hexavalent (diromium is the form in which it occurs in most 
salts, and as such it exhibits an entirely non-metallie character. In 
the hexavalent form it exists with few exceptions either as chromate 
or dichromate. 

Some of the characteristic reactions of chromates and dichro- 
mates are as follows: 

(a) Chromates. — I . When a neutral or alkaline solution of a 
chromate is treated with hydrogen sulfide or ammonium sulfide, 
chromium hydroxide and sulfur are precipitated (5). 

(5) 2Na2Cr04 + 7(NH4)2S 2Cr(OH)3 i + 4NaHS + 3S I 

+ 21I2O + 14NH3 T 

2. Lead ion precipitates soluble chromates (6) or dichromates (7), 
free from mineral acids, as yellow lead chromate. The precipitate 
is soluble in hydrochloric acid and in fixed alkalies. 

(6) Cr04= + Pb++ PbCr04 

(7) Cr.Or + 2Pb(C2H302)2 + H2O 2HC2H3O2 + 2C2-^ 

H3O2- + 2Pb( TO4 1 

3. When a solution of a chromate is boiled with hydrochloric acid, 
the chromate is reduced to the chloride and chlorine is evolved (8). 

(8) 2Cr04"= + 6C1- + I6H3O+ -> 2Cr+++ + 3CI2 T + 24H2O 

4. In the presence of NaOH, Cr(OH)3 or Cr02“ are readily oxi- 
dized by H2O2 or the halogens to Cr04'^ which may be identified as 
yellow PbCr04 or as red Ag2Cr04. 

(b) Dichromates. — Hydrogen sulfide reduces a dichromate in 
acid solution to a chromic salt and sulfur is precipitated (9). 

(9) Cr207= + 3H2S + 8H3O+ 2Cr+++ + 3S J. + ISH^O 

2. When an acidulated solution of a dichromate is treated with 
hydrobromic or hydriodic acids, the respective halogen is set free 
( 10 ). 

(10) Cr 207 =" + 61- + I 4 H 3 O+ -> 2Cr^+ + 3 I 2 + 2 IH 2 O 

37 
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Official Tests for Identity.— The official compendia do not find it 
necessary to give identification tests for any form of chromium 
except Chromate and Dichromate, Both of these when free of 
mineral acids respond to the same tests. 

]. Chromate and Dichromate respond to the following tests: 

{a) They yield with lead acetate T.S. a yellow precipitate of lead 
chromate ((i) (7), which is insoluble in acetic acid. 

(6) When acidified with diluted sulfuric acid and treated with 
solution of hydrogen peroxide, a transient blue color is produced. 
Upon shaking the solution immediately with ether, the blue color 
passes into the ether layer. (For further discussion see Hydrogen 
Peroxide, p. 57.) 

Commercial Manufacture. — ]. When the mineral, chromite, is 
fused with sodium carbonate, sodium chromate (Na 2 Cr 04 ) is pro- 
duced. This is leached out, converted to the dichromate, and 
electrolyzed to produce the metal. 

2. The commercial production of aluminum made it prac'tical to 
use this metal in the reduction of the oxides of those metals that are 
not only difficult to reduce with carbon but also have a tendency 
to form carbides with the same. The application of ahminothermy 
(Goldschmidt method, q, r.) to the reduction of chromium oxide has 
made it possible to obtain a very high grade of chromium metal (11). 

(11) Cr20.< + 2A1 — > 2Cr + AloCU + 112, ()()() calories 

3. A method first employed by jMoissan in 1894, yields an impure 
product which is unfit for use in hardening steel. The oxide (Cr.C) ) 
is reduced with carbon in an electric furnace (12) and the crude 
metal is freed from most of its carbide by heating with oxide. 

(12) Cr 203 + 3C ^ 2Cr + 3CO j 

4. When chrome iron ore or chromium oxide is reduced with 
carbon or silicon (13) in an electric furnace, an alloy of iron and 
chromium, known ferrochrome, is produced (14). 

(13) 2Cr203 + 3Si 40 + 3Si()2 

(14) FeO.OsOa + 4C ^ (Fe + 20) + 4C0 t 

Pharmacological Action of Chromium Ion. The pharmacodynamic 
actions of chromium salts, chromates, and dichromates are very 
similar. They are destructive to tissue, regardless of whether 
applied topically or administered orally. When taken internally, 
they produce a characteristic nephritis and glycosuria. Persons 
exposed to ‘'chromate dust'’ develop deep ulcers of the skin and the 
nasal mucosa that heal very slowly. 

Chromium trioxide (CrOa) is a powerful oxidizing agent. It is 
used as a caustic. One to 3 per cent solutions are used as local 
astringents, whereas 0.2 to 0.5 per cent solutions are employed 
for urethral injections. The dichromates, especially potassium 
dichromate, have been used in the treatment of cancer. 
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Uses.— Chromium as such is never used in medicine. Chromium 
trioxide (CrOj) is sometimes employed as a caustic; in 2 to 3 per 
cent solution as an astringent; in 5 per cent solution for perspiring 
feet; and in 0.05 to 0.025 per cent solution for urethral injections. 
Potassium dichromate has been used to J grain) internally 
against gastric ulcer. 

One of the principal industrial uses of chromium is in hardening 
steel, less than 1 per cent having a very material influence. High- 
speed cutting tools that will not lose their temper even at red heat 
contain both chromium and tungsten. The recently developed 
stainless steels contain as much as 13 per cent of chromium. Various 
alloys of chromium, e. g., nickelchrome alloy {nichrome, chrovicl, 
etc.) are used for electrical resistances and for heat and acid-resisting 
apparatus. 

Chromium Plating,— Metsih are protected against corrosion in 
either one of two ways: First, they may be coated or ''plated” with 
a thin, dense coating of some other more resistant metal or metals, 
e. g,y copper, nickel, ehromium, which mechanically prevent the 
moisture of the air from penetrating to the base metal. Second, 
they may be protected electrochemically with metals such as zinc 
and cadmium. Because of their higher position in the electromotive 
series than iron, which is usually the base metal, they will con- 
sequently be the first to corrode. 

Because the usual deposit of chromium is so porous, it does not 
afford much mechanical protection and, therefore, an intermediate 
coating of copper followed by nickel is employed. The chief advan- 
tages of chromium as a plating metal are that it is extremely hard, 
has a pleasing appearance, and does not oxidize at ordinary tem- 
peratures, thus remaining free from tarnish. 

Official Chromium Compounds 

CHROMIUM TRIOXIDE 

Chromium Trioxide , U. S. P. XIII 
Formula, CrO.^. Molecular Weight, 100.01 

Physical Properties.-- Chromium trioxide occurs in long, needle- 
shaped crystals, in rhombic prisms having a metallic luster or in 
flakes. The color of the crystals ranges from a scarlet to a dark 
purplish-red. It is deliquescent in moist air. This oxide is a vigor- 
ous oxidizing agent, destroying both animal and vegetable tissues 
and, therefore, should not be brought in intimate contact with 
organic substances (sugar, charcoal, powdered vegetable drugs, etc.) 
as an explosion may occur. 

One Gm. of chromium trioxide dissolves in 0.6 cc. of water at 
25° C., giving a solution that apparently contains dichromic acid, 
a substance unknown in the pure state. One Gm. is soluble in 
0 5 cc, of boiling water, When the hot saturated solution is cooled, 
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rose-red crystals of chromic acid (H 2 Cr 04 ) separate out. C hromium 
trioxide oxidizes organic solvents, e. g., alcohol to acetaldehyde, so 
rapidly that the reaction may become dangerously violent. When 
warmed with hydrochloric acid, chlorine is evolved. 

Chemical Properties— Chromium trioxide darkens when heated 
and at about 196° C. fuses to a reddish-brown liquid. At 250° C., 
it loses oxygen and is converted into chromic chromate (CrOs . Cr 203 ) 

(1). At higher temperatures it loses more oxygen, until a residue 
of green chromic oxide (CroOs) remains (2). 

(1) GCrOs -> 2Cr03.Cr203 + 302 T 

(2) 4Cr03.Cr203 GCroO, + 30. T 

Chromic anhydride (CrO;^) is analogous to sulfuric anhydride (SO 3 ) 
and forms one series of salts (chromates, M 2 Cr 04 ) analogous to 
sulfates, and another series (dichrornates, M 2 Cr 207 ) which corre- 
sponds to the pyrosulfates. 

When chromium trioxide is warmed with hydrochloric acid, 
chlorine is evolved (3). 

(3) 2Cr03 + 6IIC1 Cr203 + 3 H 2 O + 3 CI 2 T 

Ammonia gas reduces chromium trioxidc to chromic oxide (Cr 203 ), 
nitrogen and water (4). 

(4) 2Cr03 + 2Nn3 CroOa + 3 H 2 O + No T 

Official Tests for Identity.— 1. Chromium trioxide yields chlorine 
when warmed with hydrochloric acid (3). 

2. Chromium trioxide responds to the tests for Chromate ion 

{q, V.). 

Commercial Manufacture.— Chromium trioxide is prepared by add- 
ing concentrated sulfuric acid to a cold saturated solution of potas- 
sium chromate (5). The long needle-shaped red crystals are sepa- 
rated from the mother liquor and washed with concentrated nitric 
acid. The excess nitric acid is removed by means of a current of 
dry air. 

(5) K 2 Cr 04 + H 2 SO 4 Cr 03 + K 2 SO 4 + H 2 O 

Pharmaceutical Preparations and Uses. — l. Chroviium Trioxide 
(Chromii Trioxidum, Chromic Anhydride, “Chromic Acid”), 
U. S. P. XIII. — “Chromium Trioxide contains not less than 98 per 
cent of CrOa.” The U. S. P. cautions: Chroinium Trioxide should 
not be brought into intimate contact until organic substances, as serious 
explosions are likely to result. The use has been discussed under 
Pharmacological Action of Chromium Ions, p. 578. 

Non-official Chromium Compounds 

Chromium forms three principal series of compounds, viz., chrom- 
ous salts, corresponding to CrO (chromous oxide); chromic salts, 
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corresponding to Cr203 (chromic oxide), and chromates, correspond- 
ing to CrOa (chromium trioxide or chromic anhydride). 

Halogen Compounds.— Chromous Chloride (CrChi-riiroinous 
chloride occurs in white silky needles. It is made by reducing warm 
chromic chloride with hydrogen. It is readily soluble in water, 
giving a deep blue solution, which rapidly absorbs oxygen to form 
green chromic chloride (CrCb). Nearly all chromous compounds 
are unstable and act as powerful reducing agents. The correspond- 
ing chromous iodide (CrLi) and bromide (CrBr-i) have been made 
by heating the metal in hydrogen iodide or hydrogen bromide. 

Chromic Chloride (CrCb).— (Tromic chloride is made by reduc- 
ing the sesquioxide ((h’203) with carbon in the presence of dry 
chlorine (1). 

(1) Cr203 + 3C + 3CI2 2CrCl3 + 3CO T 

It forms anhydrous reddish- violet, lustrous scales (specific gravity, 
2.76 at 20° C.) that are almost insoluble in water. The scales are 
easily soluble in water containing a trace of a reducing agent, c. g., 
CrCb, SnCdj, etc., and produce green solutions from which blue 
crystals of the hexahydrate (CrCl3.6H20) deposit on standing. The 
blue crystals of the hexahydrate dissolve in water to give a violet- 
colored solution, which changes to deep green on boiling. The work 
of A. Werner and others indicates that the difference in the color of 
solutions of the hexahydrate is due to the relative positions of the 
chlorine and combined water in the molecule. It is thought that 
the blue variety dissociates into Cr(H20)6^‘‘' and 3C1“. This view 
is supported by the fact that silver nitrate acts normally with 
respect to the salt, e. <7., precipitates all of the chloride ions as silver 
chloride. From pale green solutions of the hexahydrate, silver 
nitrate precipitates only two-thirds of the chlorine, a fact which 
would indicate that this form dissociates into CrCl(H20)5'^ and 
2C1~. Likewise, silver nitrate precipitates only one-third of the 
chlorine from solutions of the darker green variety, indicating dis- 
sociation into CrCl2(H20)4^ and Cl“. These reactions with silver 
nitrate suggest the following formulas for the respective hexahy- 
drates: blue hexahydrate [Cr(Il20)6Cl3], pale green form [CrCl- 
(H20)5Cl2.H20] and darker green variety [CrCl2(H20)4C1.2H20]. 

Chromic Bromide (CrBrs).— Chromic bromide is prepared in the 
anhydrous form in much the same maimer as the anhydrous chloride. 
Its properties closely resemble those of the latter. 

Oxyhalogen Chromium Compounds.— Attention has been called to 
the tendency on the part of the members of this group to unite 
with oxygen and in such combination to act as metals to form salts, 
e. g,y Cr02Cl2, M0O2F2, U02(N03)2, et^. Chromium forms such 
oxysalts with chlorine and fluorine, but the corresponding iodide 
and bromide are unknown. The former are apparently halogen 
derivatives of chromic anhydride. The oxychloride or chromyl chlo- 
ride (boiling-point, 117° C., melting-point, 96.5° C.) is obtained 
as a heavy (density, 1.836), blood-red liquid by distilling a dichro- 
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mate with sulfuric acid and sodium chloride (1). It is hydrolyzed 
by water to chromium trioxide and hydrochloric acid (2). 

(1) Na 2 Cr 207 + 3 H 2 SO 4 + 4NaCI 2Cr02Ch + :iNa,S(h + 

31W 

(2) Cr02Cl2 + HoO CrOs + 2HC1 

Oxides and Hydroxides.'— Chromous Oxide (( rO).~ f hromou.s 
oxide is unknown in the anhydrous condition, but its monohydrate 
Cr0.H20 or Cr(OII )2 may be prepared by adding a solution of 
potassium hydroxide in air-free water to a solution of chromous 
chloride. It is a brown, amorphous solid which rapidly oxidizes 
in air and, when heated, is decomposed into hydrogen and chromic 
oxide (1). 

(1) 2Cr(OH)2 (>203 + H2O + II2 T 

Chromic Oxide or Sesquioxide (€1*203). —Tlie native form of this 
oxide is known as chroine ocher. It may be obtained as a green, 
crystalline powder by (a) burning .the metal in oxygen, {b) by 
igniting the corresponding hydroxide (Cr[On]3), (c) by heating , 
dry ammonium dichromate (2), or (d) by heating potassium dichro- 
mate either with (3) or without sulfur (4) and washing out the 
potassium sulfate (3). 

(2) (NH4)2Cr207 Cr203 + N 2 T + 4H2() 

(3) K2Cr207 + S -> K2SO4 + Cr2()3 

(4) 4K2Cr207 2Cr..03 + 4K2Cr04 + 30^ T 

After ignition, the oxide is almost insoluble in water, in acids and in 
dilute alkalies. When fused with silicates, it imparts a green color 
to them, hence its use in making “green” glass and china. The 
anhydrous oxide and its several hydrates are used as paint pigments 
(chrome green, emerald green, etc.). 

Chromic Hydroxide [Cr (OH) 3].— Hydroxides precipitate gelatin- 
ous, blue chromic hydroxide from solutions of chromic salts. The 
blue color of the precipitate varies from a blue-green color when 
hot solutions and alkali hydroxides are used, to a pale blue color, 
when precipitation is effected in cold solutions with ammonium 
hydroxide. It is thought that the formula Cr20(0H)4 or Cr203.2H20 
expresses the composition of the blue-green precipitate, and 
Cr(0H)3.2H20 is the formula for the pale blue form. Ammo- 
nium hydrosulfide (5) and normal ammonium carbonate (6) precipi- 
tate chromium (Cr-^^) as the hydroxide from solutions of chromic 
salts. 

(5) CrCb + 3(NH4)HS + 3H2O -> Cr(0H)3 i + 3NH4CI -f 

3H2St 

(6) 2CrCl3 + 3(NH4)2C03+.6H20-.Cr(0H)3i + (3NH4CI + ' 

3C02> + 3H20 
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C'liroinic liy(lri)xi(le is soluble in acids (7) and in alkali hydroxides (8). 

(7) Cr(0H)3 + 3HCI ^ CrCls + 3 H 2 O 

(8 ) Ct(OH)., + NaOH NaCr02 + 2 H 2 O 

Chromium Salts. Chromous Sulfate (rrS 04 . 7 H 20 ).~ This rather 
unstable salt is isomorphous with ferrous sulfate, magnesium sul- 
fate, etc. It is made by dissolving chromous acetate {q. v.) in dilute 
sulfuric ac*id with the aid of heat. On cooling, bluish crystals of 
chromous sulfate separate out. It is prepared also by dissolving 
metallic cliromiuiii in diluted sulfuric acid. 

Chromic Sulfate [( >j(S( > 4 ) 3 . 151 1.iOJ.—Ohromic sulfate is obtained 
in viol(‘t or gretm colored scales when chromic hydroxide is dis- 
solved in dilute sulfuric acid and the resulting solution carefully 
concentrated to crystallization. The salt is soluble in water, but 
nearly iiisoliible in aU'ohol. It is usually shipped in wooden barrels 
and is used in the' textile industries and for making green varnishes, 
inks, etc. 

Chromous Acetate [( ’r(( ’ 2 I I/) 2 ) 2 . 1 bOJ. - Chromous acetate is pre- 
|)ared by j)onring a solution of chromous chloride into a saturated 
solution of sodium acetate (1). This salt is the most stable chro- 
mous salt and thendbre is used in making other chromous com- 
pounds. As a brownish-\ iolet pasty mass, it is \ ery easily oxidized 
and hence is used in gas analysis as an oxygen absorbent. 

(1) Cv(\ + 2Na(^,Il30i (h*((\>ll3()2>> + 2NaCl 

('hromic acetate [( 'r((bll 3 () 2 );i.H 20 ] is a greenish-gray powder, 
soluble in water. It is used as a mordant and in chrome tanning. 

Chromic Nitrate lCr(X 03 ) 3 ddl 20 J. - Chromic nitrate occurs in the 
form of ])ur])lish-red crystals. Tt is made by dissolving chromic 
hydroxide in nitric acid. 

Chromic Phosphate (CrP() 4 . 31120) (Plessy’s or Arnaudon’s (rreen). 
-Chromic ])hosphate is made by adding a solution of chromic 
chloride to a solution of sodium phosphate (1). It is a bluish-green 
powder and is used as a paint pigment. 

(1) Cvi'l,A\\UO + Na 2 lIP 04 CrP 04 j + 2NaCl + IICl + 

(;Il20 

Chromic Alum or Chromium and Potassium Sulfate [KCr(S 04 ) 2 .- 
I 2 II 2 O]. -(diromic alum occurs in the form of dark, violet-red 
octahedral (crystals. (See Alums.) It is made by reducing potas- 
sium dichromate in dilute sulfuric acid with sulfur dioxide (1). 

(I) K 2 O 2 O 7 + H 2 SO 4 + 3 SO 2 + 23 H 2 O 2KCr(S04)2.12H20 

Chrome alum is used in the textile, dyeing, and tanning industries. 

Chromates." It has already been pointed out (p. 579) that when 
c hromium trioxide (CrOa) is dissolved in hot water and the solution 
cooled, small rose-red crystals of chromic acid (H 2 Cr 04 ) separate 
out. This acid forms salts (chromates) that are analogous to those 
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of sulfuric acid. Unlike sulfuric acid, however, chromic acid does 
not form acid or hydrogen salts, e. g., NaHCr04. A possible explana- 
tion of this behavior is that dichromaks, e. g., (Na2Cr207) are always 
formed in acid solutions of chromates. When an excess of a chrotniuni 
compound is fused with a fixed alkali, trichomates (Naii'eX.): f 
C1O3 -4 Na2Cr30io) and even tetrachromates (NsLiCriOv -f- 2('r()3 - , 
Na2Cr40i3) are formed. 

Chromic acid forms a number of both soluble and insoluble salts. 
The most important soluble chromates are those of potassium and 
sodium. 

Potassium Chromate (K2OO4).— Potassium chromate occurs as 
stable, yellow, rhombic crystals. Its a{jueous solutions are slightly 
alkaline to litmus. It is made by adding a weak alkaline solu- 
tion of potassium carbonate to a hot aqueous solution of potas- 
sium dichromate until the mixture is slightly' alkaline (1). The 
solubility of potassium chromate (1 part in less than 2 parts of 
water) necessitates the cont'cntration of the liquid to a small volume 
before crystallization of the salt will begin. 

(1) K2Cr207 -1- K2CO3 2K2Cr()4 + CO2 f 

Potassium chromate is made in large quantities from chrome 
iron ore. The finely ground ore is iiiixed with potassium carbonate 
and either calcium hydroxide or carbonate, and roasted in a rever- 
beratory furnace (2). All of the iron is converted into oxide and 
potassium chromate is formed. 'I'he lime or chalk is added to 
prevent fusion of the mixture. When the oxidation is complete, 
the mass is lixiviated with water and the solution filtered, acidified 
with acetic acid, and concentrated. 


(2) 4 Fe 0 .Cr 20 ,, -f 8K2CO3 + 70 . 2 Fe 203 + 8 K 2 Cr 04 -1- 

8CO2 T 

It is used as an indicator in volumetric determinations of some silver 
compounds; as a mordant in dyeing; in the leather industry; and 
to harden and preserve anatomical specimens. 

Sodium Chromate (Na2(>04).— Sodium chromate is a yellow, 
crystalline salt obtained in much the same manner as the potas- 
sium salt. It crystallizes with 10 molecules of water (mol. wt. 
234 . 07 ) which are expelled above 08 ° C. Na2Cr04.6H20 is the 
stable form below 19 ° C. On account of its cheapness and greater 
solubility, sodium chromate has largely replaced potassium dichro- 
mate for industrial use. 

Lead, zinc, silver and barium form chromates that are only 
slightly soluble in water. They are colored compounds that are 
usually made by double decomposition. They are used largely as 
paint pigments. 

Lead Chromate (PbCr04).— Lead chromate occurs as a yellow 
powder which is known as I^pzig-, King’s-, Paris-, Cologne- or 
Chrome-yellow. It is nearly insoluble in water but dissolves in 
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strong acids or bases. Several basic lead chromates are of industrial 
importance. For example, when chrome-yellow is boiled with a 
weak solution of potassium hydroxide, or when a fusion of potas- 
sium and sodium nitrates is added in small amounts at a time to 
yellow lead chromate, chrome-red (PbO . PbCr04) is formed. Chrome- 
orange is a mixture of chrome-red and chrome-yellow. 

Zinc Chromate (Znrr04).- Zinc chromate is a yellow salt which is 
especially valuable as a paint pigment because of its being unaffected 
by hydrogen sulfide. 

Dichromates.— It will have been noted that when chromate solu- 
tions are made acid their yellow color changes to the characteristic 
orange color of dichroinates (1). Furthermore, when solutions of 
dichroinates are made alkaline, their orange ‘'dichromate’’ color 
changes to yellow (2). The dichromates are the salts of dichromic 
acid, which apparently is present in concentrated solutions of 
chromic anhydride (3). The dichromates are very powerful oxidiz- 
ing agents, e, g,y 1 molecule of potassium dichromate when treated 
with an acid yields 3 atoms of active oxygen (4). 

(1) 2 K 2 Cr 04 + 112804 K 2 Cr 207 + K 2 SO 4 + H 2 O 

(2) K2Cr207 4- 2K0H - > 2K2Cr04 + I IoO ^ 

(3) 2C?On- H^O’^THoO.Ot 

(4) KjCrsO: + 4 H 2 SO 4 KVSO 4 + Cr2(S04), + 4 H 2 O + 3[0] 

When a solution of a dichromate is added to a solution containing 
an ion which forms an insoluble chromate, a precipitate consisting 
of an insoluble chromate and not a dichromate is produced (5). 

(5) 2Pb(N03)2 + K2Cr2()7 + II2O 2PbCr04 i + 2KNO3 + 
2HNO3 

The most important dichroinates are those of potassium and sodium. 

Potassium Dichromate (I\2Cr207). —Potassium dichromate may 
be made by a process analogous to that used for preparing sodium 
dichromate {q. v.). It is made also by concentrating mixed solu- 
tions of sodium dichromate and potassium chloride. After the 
deposited sodium chloride has been filtered off, potassium dichromate 
crystallizes upon lead rods. 

Potassium dichromate occurs in large, anhydrous, orange-red 
crystals. It is odorless, has a bitter metallic taste and is permanent 
in air. It is soluble in water (1 to 10) giving a distinctly acid solu- 
tion. It is soluble in alcohol. It has a density of about 2.69 and 
melts at 398° C. At about 500° C., it decomposes into potassium 
chromate, chromic oxide, and oxygen (1). 

(1) 4K2Cr207 4K2Cr04 + 2Cr203 + 3 O 2 T 

It is used in tanning (chrome-tanning), bleaching, dyeing, etc. 
It is a valuable oxidizing agent. In the light, it forms insoluble 
compounds with gelatin and gums, hence its use in photography as 
a '‘hardener” for gelatin films. 
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Sodium Dichromate (Na2Cr207.2H20).— Sodium dichroinate is 
made by roasting powdered chrome iron ore in a reverberatory 
furnace with sodium carbonate and lime ( 1 ). The product consists 
of a mixture of iron oxide, calcium carbonate, and sodium chromate. 
The cooled material is lixiviated with a very dilute solution of 
sodium carbonate, the liquid filtered and, after being slightly acidi- 
fied with sulfuric acid, concentrated to crystallization. 

(1) 2Fe0.Cr203 + 4 CaO -f- 4Na2CO.i + 70 -^ FeA + 4 Ca- 
COa + 4Na2Cr04 

Sodium dichromate is a deliquescent, crystalline solid having a 
density of 2 . 52 . At 100° (’., it loses 2 molecules of water and then 
melts at 320 ° C. At higher temperatures it decomposes (see Potas- 
sium Dichromate). 

Because of its lesser cost and greater solubility, sodium dichro- 
mate has replaced potassium dichromate to a large degree for 
industrial purposes. 

Perchromic Acids.— Several perchromic acids, viz., ( 1 ) HvCrOio, 
(2) HsCrO; and ( 3 ) IlaCrOg have been described. These acids readily 
decompose and evolve oxygen. In acid solution (II2SO4), Ipt’rOio 
decomposes into chromic sulfate [1^2(804)3] and o.xygen. Per- 
chromic acid (blue) is formed when hydrogen dioxide is treated 
with a solution of a dichromate acidified with snlfuric acid. It is 
very soluble in ether and in acid solution. 
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MOLYBDENUM, TUNGSTEN AND URANIUM AND 
THEIR COMPOUNDS 

MOLYBDENUM 

Symbol, Mo. Valences, II to VI. Atomic Weight, 95.95; 

Atomic Number, 42 

History and Occurrence.- h\)r many years, graphite, molybdenum 
sulfide, and other substances similar in appearance to lead were 
designated by the Greek word ixoXv^do^ (lead). Cronstedt differ- 
entiated between graphite and molybdenum sulfide and, in 1778, 
Scheele obtained molybdic acid from the sulfide. The pure metal 
was first obtained by Hjchn in 1780. 

The native sulfide, molybdeniic (M 0 S 2 ), is the principal ore of 
molybdenum. It occurs widely distributed in Nature but in rather 
small quantities. In the United States it is found in Maine, Utah, 
Arizona, etc. There is also an apparently inexhaustible source of 
iiiolybdenuiii ores in the mountains of Colorado. Other minerals 
containing molybdenum are mulfenite (PbMo 04 ), vwlybdite (M 0 O 3 ) 
and a hydrated ferric violybdate ocher. Molybdenum is present in 
many iron ores. 

Physical and Chemical Properties.— Molybdenum is a malleable, 
silvery white metal. It is permanent in air. It crystallizes in the 
regular system, has a density of 10.2, melts at 2620® C. and boils 
at d700® C. It is not as hard as glass but is harder than topaz. 

When heated above GOO"" C. in air, molybdenum is converted 
into the trioxide. It forms many compounds in which it exercises 
valences from 2 to 6. Like the other members of this family, it 
forms oxychlorides (M 0 O 2 CI 2 ). The group tendency to form poly- 
salts containing a large excess of acidic anhydride [(NH 4 ) 3 P 04 .- 
I2M0O3] is very pronounced in molybdenum. The metal is soluble 
in nitric or nitrohydrochloric acids. It forms a blue solution when 
dissolved in concentrated sulfuric acid. When this solution is 
heated it becomes colorless, evolves sulfur dioxide and precipitates 
molybdenum trioxide. The metal is insoluble in hydrochloric, 
hydrofluoric, and dilute sulfuric acids. 

Tests for Identity. — 1. When a dry molybdenum compound is 
heated on a platinum foil with concentrated sulfuric acid until 
nearly all of the acid is driven off, a blue residue remains. 

2. Sodium phosphate precipitates yellow ammonium phospho- 
molybdate from warmed solutions of molybdates acidified with 
nitric acid (1). The precipitate is soluble in ammonia T.S. The 
composition of this precipitate varies with the conditions under 
which it is formed. When dried at 130° C., it has the formula 

( 687 ) 
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molybdenum, tungsten and uranium 

(NH4)3P04.12Mo 03. Arsenates, silicates, and tungstates interfere 
with this test as they give analogous precipitates. 

(1) 12 (NH 4 ) 2 Mo 04 + IWU + 2 IHNO 3 (NH4);dY),.. 

12 MoOsl + 2INH4NO3 + I2H2O 

3 . When a solution of a molybdate is treated with zinc and 
sulfuric acid, a blue coloration is produced. The blue color of the 
solution gradually turns a greenish-gray and finally brown. 

Commercial Manufacture . — Metallic molybdenum is made by first 
roasting the disulfide and leaching the resulting trioxide with am- 
monia water to form ammonium molybdate f(NH4)2Mo04] which, in 
turn, is ignited to MoOo. This is reduced to the metal with carbon 
in an electric furnace or by the (mldschmidt process ((/. v.). When 
prepared in this manner, molybdenum metal is a gray powder which 
at a very high temperature (about 2620 ° C.) fuses into a silvery 
white mass. 

Uses.— Molybdenum is never used in medicine. Its principal 
industrial use is in the manufacture of special grades of very tough 
and hard steel. It is also used in catalytic work. Because of the 
great demand for molybdenum metal in electronic tubes as a support 
wire for lamp filaments, lead-in wires, plates, grids, etc., during 
World War II, the production of molybdenum increased sixteen 
times over the period 1938 to 1944 . 

Molybdenum Compounds 

Molybdenum unites with oxygen to form a number of oxides, 
the most important of which are MoO, M02O3, M0O2 and M0O3. 
The first three of these oxides are prepared by processes that involve 
the reduction of molybdates or poly molybdates. 

Molybdemiin trioxide (M0O3) is by far the most interesting because 
it is the anhydride of molybdic acid (H2M0O4) from which the 
various salts and polysalts of this element are obtained. This oxide 
is a white powder that turns yellow on heating and melts at 795 ° C. 
Its density is 4 . 5 . It is only slightly soluble in water, but dissolves 
readily in ammonium hydroxide. When this ammoniacal solu- 
tion is made acid with nitric acid, white, shining, hexagonal crystals 
of molybdic acid (H2M0O4) separate out. Molybdic acid forms 
a number of salts known as molybdates, which have a marked 
tendency to pass into the polymolybdates. These polysalts con- 
tain a large excess of molybdic anhydride and have the property 
of combining with other oxides, e. g.y the oxides of phosphorus, 
arsenic, etc., to form very complex compounds. 

Molybdenum forms di- (MoCh), tri- (M0CI3), tetra- (M0CI4) and 
penta- (Mods) compounds with chlorine, bromine, and iodine. It 
forms halogen derivatives of molybdic anhydride, e. g. (M0O2F2). 

Molybdenum combined with sulfur (M0S2) is found in Nature in • 
the mineral molybdenite. Molybdenum disulfide is a black, crystal- 
line (hexagonal) powder, resembling graphite in appearance. Its 
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density is 4.8 and its melting-point 1185® C. It may be made 
by heating together molybdenum trioxide and sulfur. It is readily 
oxidized to the trioxide by roasting or by treating with nitric acid. 
When strongly heated in a current of hydrogen, it is reduced to 
metallic molybdenum. Molybdenum trisulfide (M 0 S 3 ) is obtained 
as a brown powder by saturating a solution of an alkali molybdate 
with hydrogen sulfide and then adding a mineral acid. It is con- 
verted into the disulfide by heating in air. 

Uses.— Molybdenum oxide (3 mg.) together with ferrous sulfate 
(195 mg.) in a specially co-precipitated complex in the form of 
tablets, are marketed as a hematinic preparation (Mol-Iron). The 
principal use, however, of molybdenum compounds is for the detec- 
tion and quantitative determination of phosphates. When phos- 
phates are added to a warm nitric acid solution of ammonium 
molybdate, they produce a yellow precipitate of complex ammonium 
phospho-molybdate (q. v.). This precipitate dissolves in alkalies 
and in an excess of phosphoric acid. It is insoluble in dilute mineral 
acids. 

TUNGSTEN (WOLFRAM) 

Symbol, W. ^^alence, II to VI. Atomic Weight, 183.92; 

Atomic Number, 74 

History. - In 1781, Scheele and Bergman detected this element in 
scheelite, and in 1783, Juan Jose and d’Elhujar found it in wolfram. 

Occurrence.— Tungsten is found in Nature as wolframite, a ferrous 
manganese tungstate (FeW 04 .MnW 04 ), as wolfram ocher or tung- 
sten trioxide (WO 3 ), as scheelite or calcium tungstate (CaO.WOs) 
and as metallic tungstates, such as lead tungstate (PbO.WO.-?), 
barium tungstate (Ba 0 . 4 W 03 . 9 Il 20 ), copper tungstate (CuO.WOa), 
etc. 

Properties. —Tungsten is a very hard, brittle, silver-white to steel- 
gray, lustrous metal. It has a density of 19.3, melts at about 
3370° C., which is the highest melting-point of any metal. It 
boils at 5900° C. By proper treatment, the metal becomes very 
ductile and then may be drawn into fine wires. The metal resists 
attack by most chemical agents. It is retidily attacked by a mixture 
of hydrofluoric and nitric acids. By fusion with sodium carbonate 
or a mixture of sodium nitrate and sodium hydroxide it is converted 
into the soluble sodium tungstate (Na 2 W 04 . 2 H 20 ). 

Tests for Identity.— Soluble tungstates or phosphotungstates are 
reduced by stannous chloride to the insoluble yellow tungsten tri- 
oxide. When this precipitate is heated with hydrochloric acid, it 
changes to a blue color ( 1 ). 

(1) 3W04 = + Sn++ +8H30+->(W02)2W04 + Sn+^ + 12 H 2 O 

Solutions of tungstates, when evaporated to dryness with hydro- 
chloric acid, leave a yellow residue which is soluble in ammonia 
test solution. 
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Metallurgy.— Tungsten is obtained by fusing its ores with sodium 
carbonate and leaching out the sodium tungstate so produced with 
water. This solution is treated with an acid which precipitates 
tungstic acid (H2WO4.H2O). The tungstic acid is either ignited to 
the oxides which are subsequently reduced by hydrogen in an 
electric furnace or it is reduced to the metal by the Goldschmidt 
process (r/. v.). The gray powder which results is compressed into 
bars and heated to a very high temperature in an electric furnace. 
These heated bars of metal are swaged and worked into slender rods 
which are sufficiently ductile to be drawn out into very fine wires. 

Uses.— The high melting-point of this metal, together with its 
low volatility (less than carbon), makes it admirably suited for fila- 
ments in electric light bulbs. These tungsten filaments require 
only 1.25 watts per candle power, whereas the old carbon filaments 
needed 3.25 watts per candle power. Tungsten imparts great 
hardness to steel. These steels retain their temper even at red heat 
and are used in high-speed cutting tools. A new German product, 
called widia metal, is composed of tungsten carbide, cobalt, and 
carbon. In the United States it is called “Garballoy."’ It is said to 
be very much harder than any of the tungsten steels and to very 
nearly approach the hardness of diamond. The advent of this new 
alloy may revolutionize shop work in the same way that tungsten 
steels (Taylor- White steel) did nearly fifty years ago. Large quan- 
tities of tungsten are used in place of platinum for ele(*trical contact 
points. 

Compounds of Tunc^sten 

The principal compound of tungsten is the trioxide (WO3). It 
is prepared either by decomposing hot solutions of tungstates with 
nitric acid or by igniting tungstic acid. It is insoluble in acids, but 
dissolves in alkalies to form a series of normal tungstates and also a 
series of poly tungstates, which are the salts of simple tungstic acid 
and complex tungstic acid, respectively. 

Tungstic acid, like the corresponding acids of molybdenum and 
uranium, forms complex compounds with phosphoric, arsenic, anti- 
monic, boric, and vanadic acids. The U. S. Pharmacopoeia XIII 
recognizes phosphotungstic acid as a reagent. On account of th(‘ 
insolubility of its alkaloidal salts, this acid is used as a qualitative 
reagent for alkaloids. This complex acid occurs as white or yellow- 
ish-green crystals or as a crystalline powder. The approximate 
formula P206.24W0,}. (H20)n has been assigned to it. It dissolves 
in water and in alcohol but it is only slightly soluble in ether. 

URANIUM 

Symbol, U. Valence, IV, VI. Atomic Weight, 238.07; 

Atomic Number, 92 

History. —In 1789, Klaproth obtained from pitchblende a yellow 
oxide which he considered to be the oxide of a new metal, He name(l 
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the element uranium after the planet, Uranus, which Herschel only 
recently had discovered. In 1823, Berzelius prepared some of the 
uranyl salts. He thought that the radical, uranyl (UO 2 ), was the 
true metal. This misconception was disproven by Peligot in 1840. 

Properties. —Metallic uranium is a white metal resembling nickel 
in appearance. It has a density of 18.7 and a melting-point greater 
than 1850° C. Uranium acts as a true metal by displacing the 
hydrogen of acids. The element and also its compounds are radio- 
active. 

Metallurgy.— A large quantity of uranium is obtained from pitch- 
blende by first roasting the ore to drive off any sulfur and arsenic 
and then converting the metals into sulfates by treating the purified 
ore with hot concentrated nitric acid followed by evaporation with 
sulfuric acid. The residue of mixed sulfates is lixiviated with water 
which dissolves out the soluble uranium and other sulfates but 
leaves the silica, insoluble lead sulfate, etc. After filtration, hydro- 
gen sulfide is passed through the solution. This precipitates any 
arsenic, iron, copper, etc., present in the liquid. The filtrate is 
boiled with nitric acid and uranium, iron, and aluminum are pre- 
cipitated by the addition of an excess of ammonium hydroxide. 
The well-washed precipitate is then digested with a warm concen- 
trated solution of ammonium carbonate. This effects the solution 
of the uranium as ammonium uranate and leaves behind the hy- 
drated oxides of iron, aluminum, etc., which are filtered off. When 
the liquid is concentrated and cooled, crystals of ammonium uranate 
separate out. These (Tvstals yield a mixed oxide when ignited in 
a platinum crucible. ThevSC oxides are usually purified by dissolv- 
ing them in nitric acid and then precipitating the uranium as the 
oxalate with oxalic acid. When uranyl oxalate (UO2 . C2O4) is ignited, 
it yields a much purer mixture of oxides, U^Os or UO2. 2UO.i. When 
the oxide is heated with coke in an electric furnace, a uranium 
metal of about 98 per cent purity is obtained. 

A very pure metal may be obtained also by the reduction of 
uranoiis chloride (UCI4) with metallic sodium. 

Compounds of Uranium 

1 Tanium forms two principal oxides, wz., uranous oxide or uranyl 
(UO2) and uranic oxide (I'O.}). The former is basic in character, 
whereas the latter is both acid- and ^se-forming (amphoteric). 
These two oxides are the sources of several series of salts. When 
the basic oxide is dissolved in acids, it forms normal uranous salts, 
e, (/., UCI4, U(S04)2, UI4, etc. The uranous salts are quite unstable. 
They are active reducing agents. Uranic oxide (UO 3 ) dissolves in 
acids to form the basic uranyl salts in which the UO 2 radical acts 
as a metal ( 1 ). 

(1) I O3 + H2SO4 U02(S04) + II2O 

Uranyl nitrate (U 02 [N 03 ] 2 . 6 ll 20 ) was official as Uranii Nitras in 
the ninth revision of the U, S. Pharmacopoeia, This efflorescent, 
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radioactive salt occurs in light yellow prisms which are odorless but 
have a bitter astringent taste. It is soluble in 1.2 parts of water 
at 25° C. and freely soluble in alcohol and in ether. Because of its 
slight radioactivity, this salt was given in 10-mg. (g-grain) doses 
in the treatment of spreading sluggish ulcers. It was directed to 
be used with caution. 

llranyl nitrate is used in the volumetric determination of phos- 
phoric acid (2). Glass, made by adding uranium nitrate or any 
other uranium salt to the melt, has a greenish-yellow fluorescence. 

(2) Na,HP 04 + U02(N002 U0.,HP04 1 + 2 NaN 03 

Uranic oxide dissolves in alkalies to form uranates (3) and diura- 
nates (4), which correspond to the chromates and dichromates. 

(3) UO 3 -b 2 NaOH NaoU 04 -f H^O 

(4) 2 UO 3 + 2NaOH -> Najl^Oy -b lUO 

In the presence of ammonium chloride, ammonium hydroxide pre- 
cipitates ammonium diuranate from a solution of a uranyl salt (5). 

(5) 2 U 02 (N 03)2 -b 6NH4OH (NH4)2U20, i -b 4NH4NO3 + ■ 

3H20 

Ammonium sulfide precipitates an unstable, brown uranyl sulfide 
(UO 2 S) from solutions of a uranyl .salt (G). 

(G) U02(N03)2 + (NIU).^ U() 2 S i -b 2Nn4N03 
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MANGANESE AND MANGANESE COMPOUNDS 

MANGANESE 

Symbol, Mn. Valences, II, IV, VI, VII. Atomic Weight, 54.93; 

Atomic Number, 25 

History. — Pyrolusite, a naturally occurring manganese dioxide, has 
been known from early times. This substance was thought to be a 
magnetic oxide of iron or magnetite until in 1740, J. H. Pott showed 
that this ore did not contain iron and that a definite series of salts 
could be obtained from it. In 1774, C. Scheele showed it to be an 
oxide of a new element and in the same year, J. G. Gahn isolated 
the rnetal. 

Occurrence.- iVlanganese is chemically and geologically related 
to iron and hence is frequently found in Nature associated with it. 
Average igneous rocks contain about 0.078 per cent of manganese. 
Pyroliidte, native MnOo, is the principal manganese ore. It occurs 
widely distributed. Manganese is the chief constituent of the fol- 
lowing minerals: Pyrochroite (MnO.IUO), wad (impure oxides), 
manganite (MmOa.HiO), polianiie (MnOo), hammannite (Mn;,04) 
and psilmudane (MiioO} + H2O). Manganese occurs as the sulfate 
in mallardite (MnS04. 7H2O), as the sulfide in alabaridite (MnS)3, 
as the carbonate in rhodochrosite (MnCOa), and as the silicate in 
rhodonite (MnSi02). 

Traces of manganese occur in almost all organs of both man and 
animals. The smaller part of this manganese is derived from vege- 
table foods, whereas the larger amount comes from animal sources. 

Physical Properties.— Manganese is a very hard, brittle, lustrous, 
gray-white metal resembling cast-iron in appearance. It has a 
density of about 7.2. It melts at about 1260° C. and boils at about 
1900° C. 

Chemical Properties.- The pure metal oxidizes readily in moist air, 
but its alloys containing iron resist oxidation. Manganese decom- 
poses steam, whereas water at 23® C. is decomposed by the finely 
divided metal. It reacts with dilute acids and liberates hydrogen 
and forms manganous salts. 

Solutions of the manganous salts exhibit the following reactions: 

1 . When a fixed alkali is added to a solution of the manganous salt, 
a white precipitate of manganous hydroxide is produced (1). The 
precipitate soon darkens by absorption of oxygen from the air and is 
converted into hydrated manganic hydroxide [MnO(OH) . Mn203 . - 
II2O]. Manganous hydroxide is soluble in an excess of ammonium 
salts (2). 

(1) Mn++ + 20H- Mn(OH)2i 

(2) Mn(OH)2 + 4NH4CI MnCl2.2NH4Cl + 2NH4OH 

38 ( 593 ) 
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2. Alkali carbonates precipitate white manganous carbonate from 
solutions of manganous salts (3). The precipitate turns brown on 
exposure to air, due to the formation of hydrated manganic h^ drox- 
ide (4). 

(3) Mn++ + C03= MnCOa i 

(4) 2MnC03 + Oo + 2H2O -> 2H2Mn03 + 2CO2 T 

3. Ammonium sulfide precipitates salmon colored manganous 
sulfide from neutral solutions of manganous salts and turns freshly 
precipitated manganous hydroxide into sulfide (5). The i)recipi- 
tate is soluble in acetic and in diluted mineral acids. 

(5) + S“ — ^ MnS i 

4. When a small quantity of a manganese coinpound (not the 
dioxide) is heated to boiling with diluted nitric acid and a little 
brown oxide of lead, the supernatant liquid will have a reddish-purple 
color, due to permanganic acid ((>). 

(6) 2Mn-H- + 5Pb02 + 4H3O+ — 2Mni\ + 5Pb++ + GH2() 

5. When a manganese compound is fused on a porcelain crucible 
cover with a little potassium chlorate and potassium hydroxide, the 
melt becomes dark green (7). When the mass is lixiviated with 
water and the solution acidified, the color changes to a reddish- 
purple (8). 

(7) 2IMn02 + 4KOII + 0> 2K2Mn()4 + 2H.0 

(8) 3MnOr + 2H..0 2Mn()4-- + 4011" + Mn02 i 

G. Sodium bismuthate (approx. NaBiOs) in nitric acid solution 
will oxidize Mn++ to purple ]\In04“ ion (9). Provided nothing is 
present to react with the permanganate ion, this is a very delicate 
test for manganese. 

(9) 21\Tn++ + 5NaBi03 + 5Na+ + 5Bi+++ + 23H2O 

+ 2H]\InOi 

7. Manganese compounds impart an amethyst color to a borax 
bead. 

Commercial Manufacture.— The various oxides of manganese ar(‘ 
difficult to reduce even at high temperatures with hydrogen. A 
very crude metal may be obtained by reducing the oxide with car- 
bon in an electric furnace. Various processes have been recom- 
mended for the reduction of manganese oxides (Brunner, Glatzel, 
Moissan, etc.), but the one most generally used is the '‘thermite” 
method of H. Goldschmidt (q, v,). 

Commercial alloys of manganese and iron are made by reducing 
the respective ores in a blast furnace. Ferromanganese (25 to 85 per 
cent of Mn) and spiegeleisen (12 to 33 per cent of Mn) are examples 
of manganese alloys. 

Pharmacological Action of Manganese Ions.— When orally adminis- 
tered, manganese salts (not permanganates) produce no noticeable 
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effects. A small quantity of the manganese is absorbed from the 
alimentary tract and is deposited principally in the kidneys and 
liver. It is excreted as sulfide in the feces. It has never been shown 
that manganese exercises any hematinic action. It is sometimes 
prescribed with iron because of its possible synergistic action. 

The permanganates are powerful oxidizing agents. Solutions 
containing from 0.02 to 0.1 per cent are used for urethral injections. 
Large doses of permanganates produce very severe gastro-enteritis. 

Uses.- Manganese is used in the preparation of its salts. Man- 
ganese alloys containing less than 7 per cent of this metal are soft 
and ductile but, as the per cent of manganese increases, they become 
hard and brittle. Manganese steel, containing from 7 to 20 per cent 
of manganese, is very hard and hence is used in making burglar- 
proof safes, armor plate, and crushing and grinding machinery. 
\’arioiis alloys of manganese containing copper, zinc, nickel, etc., 
jire of industrial importance. 

Manganese compounds arc used in the manufacture of glass, 
colored bricks, dryer in paints and varnishes, dry cells, chemicals, 
etc. 

Official Manganese ('"ompoi nds 

MANGANOUS CITRATE 

Soluble Manganese Citrate, N. L\ \lll 
f'ornuila, Mn;i(C6H507)2- Molecular Weight, 542.99 

Physical Properties. — Soluble manganese citrate occurs as a pale 
orange or pinkish-white powder, as granules, or as translucent 
scales, and is pcrinaiient in the air. It is odorless, and has a slightly 
bitter, astring(‘nt taste. Normal manganese citrate is only slightly 
soluble in water. However, the official soluble manganese citrate 
includes sodium citrate and is soluble in about four times its weight 
of water at 25® C. It is almost insoluble in alcohol but is soluble 
in boiling water. 

Chemical Properties.- The chemical properties of a solution of 
soluble manganese citrate are characteristic of the manganous ion 
{q, V.). Ammonium hydroxide readily precipitates manganous 
hydroxide (1) which is oxidized to manganic hydroxide with hydro- 
gen peroxi(le (2). The cissay is based upon tliese reactions. 

(1) Mm(CcH507)2 + mum -> 3Mn(OII).a+ 2(NH4)a- 

C0H5O7 

(2) 4Mn(OH), 2H.O, 4Mn(OH)3 

Upon igniting the Mn(OH)3, manganous-mangani(‘ oxide is formed 

(3). 

(3) 4Mn(OH)3 ^ 4MnA + 6H2O 

Solutions of the salt respond to the reactions for citrate. 
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Official Tests for Identity.— 1. Manganous salts in solution 
yield a salmon-colored precipitate with ammonium sulfide T.S. (4). 

(4) MnXC«H507)2 + 3(NH4)2S ->3MnS j + 2(NH4),C6H507 

The MnS is soluble in acetic acid. 

2. Tests for the citrate are discussed under sodium citrate (see 

p. 182). 

Commercial Manufacture.— It is prepared by the interaction of 
manganous hydroxide and citric acid. The excess citric acid is 
neutralized with sodium carbonate and the solution evaporated. 

Pharmaceutical Preparations and Uses. — 1. Soluble Manganese 
Citrate (Mangani Citras Solubilis, Manganese and Sodium Citrate), 
N. F. Vm.— Soluble Manganese Citrate is manganous citrate ren- 
dered soluble by means of sodium citrate, and contains not less than 
48 per cent and not more than 52 percent of [C:<H4. OH . (COO)3]2Mn3. 

Because a trace of manganese is essential to health, it has been 
used for many years as a tonic. The role of manganese in the 
animal body is unknown. There has been some evidence that 
manganese is beneficial in certain types of anemia but it is con- 
sidered by most physicians to have little real value in the treatment 
of disease. Average dose— 0.2 Gm. (approximately 3 grains). 

2. Peptonized Iron and Manganese Solution (Liquor Ferri Pep- 
tonati et Mangani, Solution of Iron Peptonate and Manganese), 

N. F. VI 11. — Peptonized Iron and Manganese Solution yields, 
from each 100 cc., not less than 0.265 Gm. and not more than 

O. 325 Gm. of Fe, The action of manganese in increasing the hema- 
tinic effect of iron has been reported to be similar to that of arsenic^ 
and copper (7. v,). Albumin or protein was also found to be bene- 
ficial, hence the use of peptonized iron. Regardless of some evi- 
dence in favor of manganese, it is prescribed by only a few physi- 
cians. Average dose— 8 cc. (approximately 2 fluidrachms). 

MANGANESE GLYCEROPHOSPHATE 

Manganese Glycerophosphate, N. F. VIII 

Fonmila, MnC3ll5(0II)2P04. Molecular Weight, 225 

Physical Properties.— It is a white or pinkish powder, having no 
odor and almost no taste. In the presence of citric acid (1 in 4), 
normal manganese glycerophosphate is soluble in about five times 
its weight of water at 25° C. It is insoluble in alcohol and slightly 
soluble in water. 

Chemical Properties.- A solution of manganese glycerophosphate 
in diluted hydrochloric acid has the characteristic properties of 
the manganese ion (q. v.) and glycerophosphate ion. 

Official Tests for Identity. — 1 . Manganese glycerophosphate (1 in 
20) in diluted hydrochloric acid responds to the reactions for man- 
ganese (see Manganese Citrate, p. 596), and for Glycerophosphate 
(see p. 186). 

J, Am. Med. Assn., 93, 1210 (1929). 
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2. Potassium bisulfate dehydrates and decomposes the glycero- 
phosphate portion of the compound when mixed with it and heated, 
producing pungent vapors of acrolein (1). 

( 1 ) MijC,H5(0H)2P04 + KHSO4 ^ CH2=-CH- CHO T 

Commercial Manufacture. Manganese glycerophosphate is ob- 
tained from manganese carbonate and glycerophosphoric acid (3). 
This acid is prepared by heating together glycerin and metaphos- 
phoric acid (2). 

(2) CallsCOII), + HPO:, H2C3H,(0H)2P04 

(3) n2C3H6(OII)2p04 + Mn(:03-^MnC:,H5(0H).,P04 + C02T 

+ H2O 

Pharmaceutical Preparations and Uses.— 1. M (ingane.se Glycero- 
phosphate (Mangani Glycerophosphas), N. P. MIL— Manganese 
Glycerophosphate, when dried to constant weight at 1K)°, con- 
tains not less than 98 per cent of MnC:{Il 5 ( 0 H) 2 p 04 . The use of 
glycerophosphates is discussed under sodium (see p. 180). Because 
of the therapeutic reputation (doubtful) of manganese and glycero- 
phosphate, these two ai)peared to be a logical tie-up for use as a 
tonic. The product is considered of little value, however, and finds 
practically no medical use except in proprietaries. Average dose— 
0.2 Gm. (approximately 3 grains). 

2. Compound GUjecrophosphates Elixir (h'lixir Glycerophosphatum 
Compositum, Gompound (dycerophosphates Solution), N. P. VIII. 
—This elixir (‘ontains 2 (bn. of Manganese Glycerophosphate per 
liter of elixir. (Set* also, p. 188.) Average dose— S cc. (approximately 
2 fluidrachms). 


MANGANESE HYPOPHOSPHITE 

Mang(in(\se ll ypo phosphite y N. P. A III 
Pormula, Mn(ILP02)_>. ILO. Molecular Weight, 202.94 

Physical Properties. Manganous Ih pophosphite is an odorless 
and nearly tasteless, granular or crystalline, pink powder. ’ It is 
stable in air, dissolves in about ().5 cc. of water at 25'^ C., or in 
about 6 cc. of boiling water. It is insoluble in alcohol. 

Chemical Properties. A water solution of manganous hypophos- 
phite exhibits the chemical ])roperties of the manganous ion (r/. v,) 
and the hypophosphite ion. 

Official Tests for Identity.— An aqueous solution of manganese 
hypophosphite (1 in 20) responds to the test with ammonium 
sulfide (q. v.) for manganous ion. The solution, heated, responds 
to the test with mereuric chloride T.S. and copper sulfate T.S. for 
hypophosphite ion (see p. 195). 

Commercial Manufacture.— It is made by mixing a solution of 
calcium hypophosphite with a solution of manganous sulfate (1). 
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The mixture is allowed to stand in a warm place to permit tin 
calcium sulfate to crystallize out, filtered, and either evaporates 1 
to crystallization or granulated. 


(I) MnS 04 + Ca(PHA)2 + IW Mi^PTWOo fU) + 

CaS 04 

Pharmaceutical Preparations and Uses. -I. Manganese Hypophos- 
phite (Mangani Hypophosphis), N. F. VIII.— Manganese Hypo- 
phosphite, when dried for two hours over sulfuric acid, contains 
not less than 97 per cent of Mn(Il2p02)2.IlL>0. Caution should he 
observed in compounding this salt with oxidizing agents such ns 
nitrates and chlorates, as explosions may occur if it is triturated 
or heated. 

Hypophosphites, like the glycerophosphates, have enjoyed con- 
siderable unwarranted medicinal popularity. The compound is 
used for the supposed tonic benefits of manganese and hypophos- 
phite (see p. 190). 

2. Compound Hypo phosphites Syrup (Synipus Hypophosphituin 
(canpositus), N. F. VIII.— The syrup contains 2.2 Cm. of man- 
ganese hypophosphite in 1 liter (see p. 197). Average dose — 8 cc. 
(approximately 2 fluidrachins). 


Non-official i\lAN(;ANE8E Compounds 

Oxides and Hydroxides.— Manganous Oxide (MnO).— Mangan- 
ous oxide is formed as a greenish-gray powder when manganous 
carbonate or oxalate is heated, or when one of the higher oxides 
of manganese is carefully reduced with hydrogen or carbon mon- 
oxide. It is decidedly basic and dissolves in acids to form the 
corresponding manganous salts. When heated, it is converted into 
dull red mangano-manganic oxide (Mn304) which is native as haus- 
rnannite. It is used in the preparation of manganous compounds, 
in analytical chemistry, and in the textile industry. 

Manganous Hydroxide [Mn(OII)2].— Manganous hydroxide is 
formed as a white flocculent precipitate when an alkali hydroxide is 
added to a solution of a manganous salt. The precipitate is unstable 
and gradually absorbs oxygen from the air to form brown, hydrated 
manganic hydroxide [Mn(OH)3, MnO(OII), or MnO.MnOs. (n20)n, 
or a mixture of all three]. Manganous hydroxide is insoluble in an 
excess of the precipitant but readily dissolves in a solution of an 
ammonium salt. (See p. 593.) Colloidal manganese hydroxide 
(0.25 per cent) in an emulsoid colloid medium is available and 
recommended in the treatment of acne, boils, furuncles, impetigo, 
etc. 

Mangano-mangamc Oxide (Mn 304 ; MnO.MugOa; Mn 2 Mn 04 ).- 
This oxide occurs in Nature as hausmannite. It may be made by 
heating any one of the other oxides of manganese at 1000° C. for 
six to eight hours. It is a brownish-black powder which, when 
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heated with hydrochloric acid, evolves chlorine and forms man- 
ganous chloride. 

Manganic Oxide (Mn203).— This feebly basic oxide. is sometimes 
called the sesquioxide. Hydrated manganic oxide occurs in Nature 
as manganite (Mn203.H20) and psilomelane (Mn203.H20). It may 
be prepared as a brownish-black powder by heating manganese 
dioxide in air for twenty hours at 700® C. The hydrated form 
loses water at 100® C., and is converted in hot nitric acid to the 
soluble nitrate and insoluble manganese dioxide (1). 

( 1 ) MiioOa .H^O + 2HNO3 Mn(N03)2 + Mn 02 + 2H2O 

Manganic Hydroxide [Mn203.H20, MnO(OH)].— This brownish- 
colored hydroxide is formed when precipitated manganous hydrox- 
ide is exposed to the air. This compound differs from manganous 
hydroxide by being insoluble in solutions of ammonium salts. It 
dissolves in cold hydrochloric acid. When this solution is heated, 
manganous chloride is formed and chlorine is evolved. 

Manganese Dioxide (i\In02).— '^llns amphoteric compound is by 
far the most important oxide of manganese. It occurs as such 
in Nature in the ore pyrolusife which is found in large quantities in 
Russia, Germany, Fraiu^e, the United States, Chile, Cuba, etc. It 
comes into the trade in black or steel-gray masses, as black amor- 
phous granules, or as a powder. It can be made artificially by the 
oxidation of manganous oxide with potassium chlorate or nitric 
acid. A product containing about 80 per cent of Mn02, together 
with other oxides of manganese, was recognized in the ninth revision 
of the S. riiarmacopoeia under the title Mangani Dioxiduni 
Prxcipifatum, It was prepared by first precipitating manganous 
hydroxide by the action of ammonium hydroxide upon manganous 
sulfate (2) and then oxidizing the hydroxide at the moment of its 
formation with hydrogen dioxide (8). 

(2) MnS04 + 2 Nri 40 II Mn{Ollh i + (NH4)2S04 

(3) Mn(OII)2 + IbA MiA + 2H2O 

Precipitated manganese dioxide is a very fine, heavy, black 
powder. It is odorless, tasteless, and permanent in air. It is insol- 
uble in water, in alc(diol, in nitric, and in diluted sulfuric acids. 
When heated with hydrochloric acid, chlorine is evolved and man- 
ganous chloride formed. (See Weldon Process.) Hot concentrated 
sulfuric acid acts upon manganese dioxide and oxygen is liberated. 
When heated to low redness, it gives off one-fourth of its oxygen and 
is converted into IVIn^Oi and at higher temperatures, it is converted 
into M113O4. 

With some basic oxides, manganese dioxide forms salts called 
vmngayiites (CaMnOs or CaO.MnOj). The manganites are amor- 
phous, brown, water-insoluble solids. They react with hydrochloric 
acid and chlorine is liberated. Manganese dioxide is of great im- 
portance because it is a very powerful oxidizing agent. It is used 
as a “depolarizer’’ in electrolytic cells and as a “drier” in paints and 
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varnishes. Artificially boiled linseed oil often contains manganese 

dioxide. • j i 

Manganese dioxide was thought to possess tonic and alterative 
properties similar to iron, but at present it is seldom employed. It 
is sometimes used in 0.25 Gm. (4 grain) doses in the treatment of 
amenorrhea. 

Manganese Trioxide (Manganic Anhydride) (MnOa). "Manganese 
trioxide is formed as a deliquescent, unstable, red powder when a 
solution of potassium permanganate in sulfuric acid is dropped 
upon dry sodium carbonate.^ It is the anhydride of manganic acid. 

Manganese Heptoxide (Permanganic Anhydride) (Mn204).— Man- 
ganese heptoxide is a dark green, oily, very unstable liquid that is 
strongly acidic. It dissolves in water to form a deep red solution 
containing permanganic acid (HMn04). At ordinary temperatures, 
it continually evolves oxygen and decomposes violently when heated 
or upon being brought in contact with hydrogen, sulfur, phosphorus, 
etc. It can be prepared by adding potassium permanganate to well- 
cooled concentrated sulfuric acid. 

Halogen Compounds.— Manganous Chloride (Mnri2).— Anhydrous 
manganous chloride is obtained as a red, crystalline solid by passing 
hydrogen chloride over manganese carbonate. It has a specific 
gravity of 2.977 (V®) melts at 050® C. The deliquescent, rose- 
red tetrahydrate (MnCl2.4Il20) may be obtained by dissolving man- 
ganese or its carbonate in hydrochloric acid and evaporating the 
solution to crystallization. The crystals have a density of 2.01 and 
melt at 58.01 ® C. The chloride forms double salts with the alkali 
chlorides. 

Manganous bromide (MnBr2.4H20, rose-red), manganous iodide 
(Mnl2.4H20, yellowish-brown, deliquescent cr\^stals) and manganous 
fluoride (MnF2, reddish powder) are known. 

When manganese dioxide is dissolved in one of the strong halogen 
acids, the corresponding manganic salt is formed. Manganic tetra- 
chloride (MnCh) and the tetrafluoride (Mnh^) are examples. 

Salts of Oxyacids.— Manganous Carbonate (MnCOg).— Mangan- 
ous carbonate occurs in Nature as red, trigonal crystals of rhodo- 
chrosite (impure MnCOa). A white flocculent precipitate of a 
hydrated manganese carbonate can be obtained by adding sodium 
carbonate to a solution of manganous sulfate. Like all of the man- 
ganese salts of the weaker acids, it oxidizes readily upon exposure to 
air to hydrated manganic hydroxide (brown). Sometimes it is used 
in 0.6 to 2 Gm. (10 to 30 grains) doses in the treatment of anemia. 

Manganous Nitrate [Mn(N03)2.4H20.]— Pink deliquescent crys- 
tals of manganous nitrate are made by dissolving manganous 
carbonate in nitric acid and evaporating the solution to crystalliza- 
tion. The hexahydrate [Mn(N03)2.6H20] separates out in long 
colorless needles which melt at 25.8® C. The trihydrate (Mn- 
[N03]2.3H20) melts at 34.81 ® C. 


‘ Franke. B.: ,J. Prak. Chem , 36. .31 (1887) (2) 
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Manganous Phosphate [Mn3(P04)2.7H20].— Manganous phosphate 
is a white or pinkish-white powder obtained by adding disodium 
hydrogen phosphate to a solution of manganous sulfate. It is 
sometimes used in 1 to 5 grain doses in the treatment of chlorosis. 

Manganous Sulfate (MnS04). — Manganous svilfate occurs in the 
form of pale, rose-colored, slightly efflorescent crystals. Depend- 
ing upon the temperature of the solution, this salt crystallizes 
with different amounts of water of hydration. The temperature 
of the solution also affects its crystallographic form. Thus, between 
20° and 30° C., rhombic prisms of the tetrahydrate are formed; 
between 15° and 20° C., the triclinic pentahydrate is produced; 
whereas below 6° C., a salt having 7 molecules of water of hydration 
and inonoclinic structure is formed. The salt containing 4 molecules 
of water is soluble in an equal weight of water and forms a neutral 
solution. It is insoluble in alcohol. With alkali sulfates, manganous 
sulfate forms double salts. 

It is prepared by heating a thick paste of manganese dioxide and 
concentrated sulfuric acid to dull redness. When white fumes of 
sulfur trioxide cease to be evolved and when an aqueous solution of 
a test sample fails to give a test for ferric or ferrous ions, the melt 
is cooled or crushed and extracted with hot water. This liquid is 
treated with manganous carbonate to remove traces of iron that 
have not been rendered insoluble during fusion, again filtered and 
slowly evaporated to crystallization. A salt that is free from lead, 
copper, and zinc may be prepared by saturating the solution with 
hydrogen sulfide, first alone and then in the presence of sodium 
acetate and acetic acid. 

Manganous sulfate is used in the preparation of manganese com- 
pounds, in textile dyeing, and in the ceramic industry. 

Manganic Sulfate [Mn2(S04)3]- —Manganic sulfate is a dark green, 
deliquescent solid. It is decomposed by moist air, heat, and dilute 
acids. It is prepared by gradually heating a mixture of manganese 
dioxide and concentrated sulfuric acid to about 140° C. When the 
material has acquired a dark green color, it is spread on a porous 
plate. The residue is stirred for some time with nitric acid and, 
after having been separated from the acid solution, is quickly dried 
at about 130° C. Manganic sulfate combines with alkali sulfate 
to form alums, e, g., KMn (804)2. 12H2O. 

Sulfides.— Manganous Sulfide (MnS).— Manganous sulfide occurs 
in Nature as the mineral alabandite. It may be made as a green 
powder by heating the monoxide, sesquioxide or the carbonate in 
a current of either hydrogen sulfide or carbon disulfide vapors. 
It can be prepared also by adding an alkali sulfide to a neutral 
solution of manganous salt. (See p. 594.) The salmon-colored 
precipitate of hydrated manganous sulfide rapidly absorbs oxygen 
from the air and turns brown. The precipitate is soluble in dilute 
acetic acid and in dilute mineral acids. 

Manganese Disulfide (MnS2).— Manganese disulfide occurs in 
Nature as reddish-brown, cubic crystals of haneriie. It may be pre- 
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pared as a reddish powder by heating manganous sulfate and potas- 
sium polysulfide, contained in a sealed tube, to between 160 and 
170" C. 

Manganese Butyrate [Mn(C4H702)2]--' This is used intramuscu- 
larly in the treatment of carbuncles and other skin infections. 

Manganates.— The manganates are salts of mangaivic acid 
(H2Mn04). This acid is unknown in the free state, although its 
anhydride MriO.? has been prepared. When an oxide of manganese 
is fused with an alkali or alkali carbonate, the corresponding man- 
ganate is formed (1). The salt can be lixiviated out of the cooled 
mass and forms a green solution. Potassium chlorate, potassium 
nitrate or other oxidizing agents are often added to stimulate the 
reaction (2). 

(1) 2Mn02 + 4KOH + O2 -> 2K2]Mii04 + 2II2O 

(2) 3Mn02 + 6KOH + KCIO3 3K2lVIn()4 + KCl + 3ll2() 

Reducing agents, e. g., sugar, paper, sulfur dioxide, etc., decolorize 
manganate solutions. The manganates are stable only in alkaline 
solution. They are employed as oxidizing agents. 

Permanganates.— The permanganates are salts of permanganic 
acid (IIMn04) which, like manganic acid, is known only in the form 
of its salts. When a green solution of a manganate is poured into a 
large volume of water (1) or when it is treated with chlorine (2), 
bromine, carbon dioxide (3), nitric acid, etc., the color changes to 
a purplish-red, thus showing the formation of the corresponding 
permanganate. 

(1) 3K2Mn04 + 2H2O -> 2K]Vrn04 + 4K()II -f MnO. J 

(2) 2K2Mn04 + CI2 -> 2KMn04 + 2KC1 

(3) 3K2Mn04 + 2CO2 2KMn04 + MnO. j + 2K2CO3 

Permanganates are made also by the electrolytic oxidation of inan- 
ganates at the anode. 

Potassium and sodium permanganates (KI\In04; NaMn04.6ll20) 
are the most important salts. The former occurs in purplish-black, 
rhombic prisms, which are stable in air. Both salts are very power- 
ful oxidizing agents. In alkaline solution and in the presence of 
reducing agents, they are first converted into green manganates 
and then into a brown, hydrated manganese dioxide (4) ; 2 molecules 
of the permanganate giving 3 atoms of available oxygen. In acid 
solution, permanganates are reduced to manganous salts; 2 mole- 
cules of the permanganate yielding 5 atoms of oxygen (5). 

(4) 2KMn04 + 3H2O 2Mn02 .H20 i 4- 2KOH + 3[0] 

(5) 2KMn04 + 3H2SO4 2MnS04 + K2SO4 + 3H2O + 5[0] 

The alkali permanganates are used as deodorants, disinfectants 
and as oxidizing agents. They are employed in analytical chemistry, 
in the synthesis of organic chemicals, in the textile industry, in the 
cannisters of gas masks, etc. 



IRON, COBALT AND NICKEL 

Introduction.— Iron, cobalt, and nickel are very definitely mag- 
netic. This property distinguishes them from the other metals. 


CHAPTER XLIV 
IRON AND IRON COMPOUNDS 

IRON 

Iron, N. F. VIII 
Reduced Iron, N. F. VIII 

Symbol, Fe. \"aleiice, II, III. Atomic Weight, 55.85; 

Atomic Number, 26 

History. — Iron tools, vessels and ornaments, fashioned by pre- 
historic man have been found in Egypt. The discovery of iron ore 
and the development of methods for recovering the metal therefrom 
exercised a very marked influence on the civilization of a certain 
early period known as the Iron Age, Ancient Persian and Assyrian 
cuneiform inscriptions show that iron was used by these people. A 
teacher (Tubal-cain) of workers in iron and copper is mentioned in 
the Old Testament. The earliest source of iron ores was in India 
and undoubtedly the Hindus were the first to develop processes for 
making malleable and wrought iron. Steel was manufactured by 
the Creeks, and the Chalybes, a people living on the south coast 
of the Black Sea, were noted for producing high-grade steels. The 
Romans obtained their iron ore from the Chah beans and also from 
Spain, Elba, etc. It is said that the first blast furnace was operated 
in Germany about 1350 a.d. The symbol Fe is derived from the 
Latin, Ferrum. The name "'iron'' is derived from the Anglo-Saxon, 
isen. 

Occurrence. -Metallic iron is found in Nature only in meteorites 
that have fallen upon the earth. The metal found in meteorites is 
associated with from 3 to 9 per cent of nickel. With the exception 
of aluminum, iron in combination occurs more widely distributed 
and in larger quantities than any other metallic element. It oceurs 
in soil and in small quantities in natural waters and plants (chloro- 
phyll). Iron is a necessary constituent of the blood (hemoglobin) 
and of the oxidases. It is found in all chromatin and therefore 
should be found in all cells. 

The principal ores of iron consist of the oxides and carbonate. 
These ores may be reduced by smelting with carbon and yield a 
metal that invariably contains either free or combined carbon or 
both, and whose properties are dependent upon the amount of such 
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carbon present. In the United States (Minnesota) the most iinpcjr- 
tant source of iron is the red oxide, hematite^ (he203). A compara- 
tively small amount of black magnetic oxide of iron, magnehir 
(Fe304), is mined in some of the eastern states, but in Norway and 
Sweden this is the principal iron ore. Germany and h ranee are 
dependent upon a brown hydrated oxide known as limonite (2h e‘j03 - 
3H2O). An admixture of native ferrous carbonate {sidente)f^Q\n.y 
and shale, known as iron stone (FeCOa) is the chief iron ore of (xreat 
Britain. Iron 'pyrites, native iron sulfide and sometimes called 
“fools’ gold,” is widely distributed in shining golden yellow crystals. 
The oxidized residues obtained by roasting this sulfide are not easily 
reduced and consequently this ore is never worked for iron. It can 
be used as a source of sulfur dioxide for sulfuric acid manufacture. 

Physical Properties.— Pure iron is a silvery-white metal having a 
density of 7.84 to 7.88 and a melting-point of 1535° =*= 1 ° C. It 
boils at 3000° C. It is attracted by a magnet and may be tem- 
porarily magnetized. Pure iron is very soft and is not much 
stronger than lead. 

The physical properties of the official forms of metallic iron are 
as follows: 

1. /ron.— It is described as elementary iron (Fe) in the form of 
fine, bright wire, filings or powder. It is almost chemically pure 
metallic iron and its description is essentially that given above for 
iron. 

2. Reduced /rrm.— This is an odorless, grayish-black powder, all 
of which must pass through a No. 100 sieve. It has no luster or 
not more than a slight luster. If it is examined under a microscope 
capable of magnifying 100 diameters it appears as an amorphous 
powder, free from particles having a crystalline structure. It is 
stable in dry air. 

Chemical Properties.— The chemical properties of iron will be 
considered as (1) metallic iron, (2) ferrous ion, and (3) ferric ion. 

1. The pure metal is very active chemically. It burns brilliantly 
in an atmosphere of oxygen, although pure iron is quite resistant to 
atmospheric oxidation. Rusting of iron is probably due to the 
presence of impurities in the iron. Carbon dioxide greatly stimu- 
lates the formation of hydrated ferric oxide (ferric hydroxide or rust). 

Iron combines directly with sulfur to form ferrous sulfide (1). 

(1) Fe + S FeS 

It also reacts more or less readily with the halogens to form first 
the ferrous halide and then the ferric halide. 

Since iron is above hydrogen in the electromotive series it will 
react with dilute acids to liberate hydrogen and form the correspond- 
ing ferrous salt. Hydrochloric acid, for example, dissolves metallic 
iron to form ferrous chloride and hydrogen (2). 

(2) Fe + 2HC1 FeCb + H2 T 

The reaction of nitric acid with iron is dependent upon the con- 
centration of the nitric acid. Dilute nitric acid dissolves iron to 
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form ferrous nitrate ( 3 ), but at the same time reduces the nitrogen 
of the nitric acid from a valence of 5 to 3 . 

( 3 ) 4 Fe + IOHNO3 4Fe(N03)2 + NH4NO3 + SH^O 
More concentrated acid causes the formation of ferric nitrate ( 4 ). 

( 4 ) Fe + 4HNO3 -> Fe(N03)3 + 2H2O + NO t 

Iron forms two series of salts, the ferrous (Fe"’"^) and the ferric 
(Fe-*^^). It forms, however, three oxides, FeO, Fe203 and Fe304. 

^ /O-Fe-^O 

The last oxide, magnetite y is probably ferrous ferrite, Fe 

O^Fe --0 

rather than a mixture of Fe-iOs and FeO. 

2 . Ferrouif salts are colorless when anhydrous, but wheii they have 
water of crystallization they are green in color. 

When in the solid state, the ferrous salts are only slowly oxidized 
by atmospheric oxygen, but when in solution the transformation to 
the corresponding basic ferric salts ( 5 ) is much more rapid. 

( 5 ) 4FeS04 + 2II0O + Oo -> 4 Fe( 0 H)S 04 1 

These basic salts are insoluble and usually are brown in color. This 
accounts for the brown precipitate and scum which slowly form in 
ferrous sulfate solutions. 

Ferrous compounds have a strong tendency to be oxidized to 
ferric compounds. For this reason they are effective reducing 
agents. Ferrous sulfate, for example, is readily converted to ferric 
sulfate by means of nitric acid together with some sulfuric acid to 
supply sulfate ion (O). 

( 6 ) 6FeS04 + 3H2SO4 + 2HNO3 3Fe2(S04)3 + 2NO T + 

4H2O 

Ferrous ion is readily precipitated from solution by alkali carbo- 
nates to form white ferrous carbonate ( 7 ), which on contact with 
air turns green and on further oxidation turns brown due to loss of 
CO2 and consequent formation of ferric hydroxide ( 8 ). 

( 7 ) Fe-^-+ + C 03 "=->FeC 03 i 

(8) 4 FeC 03 + 6H2O + O2 4Fe(OII)3 + 400 . T 

Ferrous ion is also precipitated more or less completely by alkali 
hydroxides as white ferrous hydroxide ( 9 ). Contact with the air, 
however, converts this rather quickly to brown ferric hydroxide. 

( 9 ) Fe+-^ + 20 H- Fe(OH)o i 

Potassium cyanide precipitates ferrous ion as ferrous cyanide ( 10 ), 
the precipitate being soluble in excess potassium cyanide to form 
potassium ferrocyanide ( 11 ). Potassium ferrocyanide is sometimes 
known as yellow prvssiafe of potash which distinguishes it from red 
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prussiate of potash (potassiuna ferricyanide). I otassium ferricyaiiide 
reacts with ferrous ion to form a dark blue precipitate known as 
Turnbuirs blue (12). This reaction is utilized as a sensitive test 
for ferrous ion, since ferric ion does not react with ferricyanide ion. 

(10) Fe++ + 2CN- -> Fe(CN)2 1 

(11) Fe(CN)2 + 4CN- ^ [Fe(CN)6j " " 

(12) 3Fe++ +, 2[Fe(CN)6]^ Fe3[Fe(CN)6]2 i 

3. Ferric salts are usually brown or yellow in color with few ex- 
ceptions. As a rule, they react acidic because of hydrolysis, the 
hydrolysis being increased with dilution and heating. It follovys 
then that dilution and heating are apt to cause a deposition of basic 
ferric salts from aqueous solutions (13). 

(13) Feo(S04)3 + H 2 O -> Fe20(S04)2 j + IhSO, 

Ammonia and alkali hydroxides precipitate ferric ion as a brow n, 
gelatinous ferric hydroxide (14). 

(14) Fe+++ + 3011- Fe(OH)3 j 

'rhe reaction of ferric ion with thiocyanate ion has been previously 
discussed (see p. 215). 

Ferric ion is precipitated as an intense blue prec*ipitjite by potas- 
sium ferrocyanide (15). This precipitate is known as Prussian blue 
and is used as a sensitive test for ferric ion. 

(15) 4Fe+^ + Fe(CN)rr ^ Fe4[Fe(CN)j3 i 

Sodium phosphate precipitates ferric ion as ferric phosphate 
especially when sodium acetate is added (lb). 

(16) Fe+++ + HP04== + CIW^OO- - > FelU 1 + 11 

In the presence of sodium thiosulfate, ferric ion in neutral solu- 
tion is reduced to ferrous ion (17), forming sodium tetrathionate 
simultaneously. 

(17) 2Fe+++ + 2820.3^ 2Fe^ + 8406'" 

Ferric salts give dark-colored precipitates with tannins (see 

p. 620). 

Official Tests for Identity. — 1 . Both ferrous and ferric salts yield a 
black precipitate with ammonium sulfide T.8. (18). This precipi- 
tate dissolves completely in cold diluted hydrochloric acid with the 
evolution of hydrogen sulfide (19). 

(18) Fe++ + (NH4)2S FeS i + 2NH4+ 

and 

2Fe+++ + 3(NH4)2S -> Fe2S3 i + 6NH4+ 

(19) FeS + 2HC1 FeCb + H2S T 

and 

Fe^Ss + 6HC1 2FeCl3 + 3H2S T 
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The official compendia further supplement the sulfide test with 
specific tests for the two kinds of Fe ions. 

(a) Ferric Salts,—], Acid ferric salt solutions give a dark blue 
precipitate with potassium ferrocyanide T.S. (15). 



Fig. 24. "Blast furnace. (Courtesy of United States Steel Corporation.) 


2. Excess sodium hydroxide T.S. pnKhices a reddish-brown pre- 
cipitate of ferric hydroxide (14). 

3. With ammonium thiocyanate T.S. a deep red color (not 
destroyed by mineral acids) is formed. (See p. 215.) 

(b) Ferrous Salts , Solutions of ferrous salts give a dark blue 
precipitate with pota^ium ferricyanide T.S. (12). The precipitate 




608 


IRON AND IRON COMPOUNDS 

is insoluble in diluted hydrochloric acid but is decomposed by 
sodium hydroxide T.S. (20). 

( 20 ) Fe3[Fe(CN)e]2 + SNaOII 2Na4[Fe(CN)6] + 2Fe(OH)3 1 
+Fe( 0 H )4 

2. With ferrous salts sodium hydroxide T.S. forms a greenish- 
white precipitate (9). The color of this precipitate changes rapidly 
on shaking to green and then to brown. 

Commercial Manufacture.^— Practically all iron is made irom hema- 
tite, limonite, or magnetite ores by a process of reduction. This is 
accomplished by heating the iron ore together with coke and lime- 
stone in d blast furnace (Fig. 24). llie function of the blast 
furnace is to (a) reduce the iron oxide to metallic iron, and (b) to 
remove small quantities of foreign elements (gangue) as slag. The 
coke indirectly accomplishes the first objective, whereas the lime- 
stone does the second. During the smelting of the ore, preheated 
dry air prepared in blast stoves is forced into the furnace through 
a set of pipes known as tuyeres, thus producing the high tempera- 
tures required for the reaction between the ore, coke and limestone. 
Most of the coke in the lower part of the furnace is converted into 
carbon dioxide (21). This reaction generates an enormous amount 
of heat. When the carbon dioxide comes in contact with the slowly 
settling hot coke, it is almost entirely reduced to carbon monoxide 

(22), which at the temperature of fusion (1200° to 1600° C.), reduces 
the iron oxides to metal and is itself oxidized to carbon dioxide (23). 
The carbon dioxide, in turn, meets the next layer of heated fuel and 
is changed again to the monoxide. Only a very small amount, if any, 
of the ore is directly reduced by the hot coke (24). The oxidation of 
the carbon monoxide to carbon dioxide by the ore (with the setting 
free of metallic iron) and the reduction of the carbon dioxide to 
carbon monoxide by the hot coke, continues until the gases, contain- 
ing about 50 per cent of nitrogen and as much as 20 per cent of 
carbon monoxide, emerge from the top of the charge and pass into 
a large pipe (6 to 10 feet in diameter) called the “downcomer.’^ 
These gases are combustible and are used in the preheaters (blast- 
furnace stoves) or in operating the compressor engines. 

(21) C + O 2 -> CO 2 -f 97,000 cal. 

(22) CO 2 + C -> 2CO - 39,000 cal. 

(23) Fe 203 + 3CO -> 2Fe + 3 CO 2 T 

(24) Fe 203 + 3C -> 2Fe + 3CO T 

Even the best grades of iron ore contain small quantities of other 
elements in combination. This gangue is composed of silica, man- 
ganese oxides, phosphates, sulfur compounds, etc. The tempera- 
ture at the top of the furnace (300° to 800° C.) is sufficient to con- 
vert the limestone (flux) into calcium oxide and carbon dioxide. As 

^ For a more extended discussion of the metallurgy of iron, sec the 3rd edition of 
this textbook. 
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the quicklime (CaO) settles into the hotter middle zone (9W° to 
1200^ C.) of the furnace, it interacts with the aluraina and silica to 
form a fusible slag, which is a mixture of calcium silicate (CaSiOs) 
and aluminum silicate [Al2(SiOj)3]. This slag is tapped off and then 
is converted into a heavy granular form by running it into water. 
Slag cinders are sometimes used in the manufacture of cement, 
paving stones, etc. The smelting converts the other metallic im- 
purities into metals, which either unite or mix with the molten iron. 

About every six hours the iron is tapped off into large ladles 
and transported to casting machines, where the metal is poured into 
a continuously moving chain of moulds, which overlap slightly on 
one side. As the metal cools, it is sprayed with lime water to keep 
it from sticking and, as the moulds reach the pulleys, the “pigs'" 
are dumped directly into cars. At some smelters the molten iron 
is run into large ladles in which it is transported to another part of 
the plant where it is made directly into steel. 

Cast Iron, -The crude metal that is obtained from the blast 
furnace is called cast iron or jng iron. It contains from 92 to 94 per 
cent of iron together with varying quantities of carbon (2.5 per 
cent), silicon (1 to 8 per cent), manganese (0.7 to 0.9 per cent), 
phosphorus (0.7 per cent) and sulfur (0.02 to 0.05 per cent), depend- 
ing upon the character of the ore and coke and also upon the method 
of operating the furnace. The proportionate amounts of these 
impurities, together with the rate at which the molten metal is 
cooled, largely determine the physical properties of iron. 

W hen molten iron is rapidly cooled, the product is a solid solution 
of hard, brittle iron carbide (FesC) called cementite. This variety 
is very hard and brittle and is known as tvhite cast iron. W^hen the 
liquid iron is run into sand moulds and allow^ed to cool slowly, it 
contains most of its carbon in the form of graphite scales. Such a 
variety is called gray cast iron and is much softer and less brittle 
than the white variety. 

Cast iron has a density of about 7.1 and melts between 1150° C. 
and 1250° C. It is not attacked by alkalies and only slightly by 
concentrated acids. Weak acids dissolve it. 

Wrought /run.— Wrought iron is a product obtained by removing 
most of the impurities from cast iron. It contains from 99.8 to 
99.9 per cent of pure iron. It averages about 0.15 per cent of carbon 
and contains on'y minute traces of other elements. The micro- 
structure of wrought iron shows slag fibers and plates and a distinct 
laminated structure. For this reason, it ean be forged when hot, 
with the slag acting more or less like a lubricant. Wrought iron is 
very malleable and ductile and can be rolled into sheets or drawn 
into wire. In these forms the metal is very tough and possesses 
a high tensile strength. Wrought iron begins to soften at about 
1000° C., and hence can be forged and welded. It melts at 1500° C. 
and has a density of 7.6 to 7.8. It rusts more rapidly than cast iron 
and cannot be tempered. At high temperatures it is readily attacked 
by acids and alkalies. 

39 
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Wrought iron is made by purifying cast ii'on in a special type 
reverberatory furnace. The hearth is made of magnesia and covered 
with a “felting'' of hematite or magnetite. Cast iron is piled on this 
bed and melted by the flames and hot gases from a fire. The low 
arched roof deflects the heat down upon the charge. The iron oxides 
(hematite or magnetite) convert most of the carbon in the cast iron 
into carbon dioxide, whereas the newly formed oxides of silicon and 
phosphorus combine with the magnesia lining of the hearth to form 
a basic slag. "I'he melt is stirred or puddled with long iron rods 
until, with the removal of impurities and the consequent rise in 
melting-point, it becomes viscid enough to be removed from the 
furnace in large balls weighing approximately 100 pounds. These 
balls are called “6/oo?//,v." The blooms are immediately hammered 
or rolled, which operation squeezes out most of tlie slag. Newer 
developments in the manufacture of low-carbon (soft) steels have 
displaced to a large degree the puddling process described above. 

Because of its purity, wrought iron is used to make crucible deeL 
Its properties make it suitable for manufacturing chains, anchors, 
wire, nails, etc. Because of the purity of this commercial variety 
of iron, it is recognized under the title Iron in the N. F. VIII. 

Reduced 7ro??.— This is made by placing dried pure ferric oxide in 
an iron reduction tube which is so arranged that it may be heated to 
dull redness during the passage through it of washed (with dilute 
potassium permanganate) and dried (with (*oncentrated sulfuric 
acid) hydrogen gas. Between 280'’ and 800° C., the ferric oxide is 
changed to the ferroso-ferric oxide (Fe;A) (25), which at a tempera- 
ture of 400° C. or above is reduce(l to metallic iron (26). A bright 
red heat during th(‘ reduction results in a compact, dense product 
which is undesirable. 

(25) 8Fe.20, + IL, 2Fc,04 + IM) 

(26) Fe.A + 4II, 3Fc + 4H,d 

As soon as the cessation of water vapor from the tube indicates 
that reduction is complete, the contents are allowed to cool slowly. 
A slow current of hydrogen is continued during the cooling in order 
to prevent the re-oxidation of the iron, which at the high tempera- 
ture would take place very rapidly in the air. At room temperature, 
reduced iron is stable. 

S feel. —This commercial variety of iron may be characterized as 
one that contains carbon in definitely known amounts with almost 
no silicon, phosphorus or sulfur. There are many kinds of steel, 
each one of which possesses definite and known properties that 
have been imparted to it through the several processes of manufac- 
ture, by special operations or by added constituents. For example, 
low-carbon steels are soft and ductile and can be forged and welded, 
whereas the higher carbon steels are harder, more tenacious, and 
can be tempered, A very hard and brittle steel can be made by 
heating a high carbon steel (0.75 to 1.5 per cent) to about 800° C. 
and then suddenly plunging it into cold water or oil. When the 
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very hard product is reheated and allowed to cool slowly, a steel 
that is less hard and brittle is obtained. A steel having nearly any 
degree of hardness and brittleness may be obtained by varying 
content and the heat treatment {tempering). Steels, to 
which other metals have been added, are no longer simple steels^ 
blit rather, /me alloys. Ihe properties of these alloys are due not 
only to their chemical composition but also to the heat treatment 
which they receive. 

Pharmacological Action of Iron and Its Salts. — The role of iron in 
the body economy has been the subject of much and varied research, 
[t is, of course, well established that iron forms an essential part 
of the hemoglobin in the blood. Also, much evidence has been 
accumulated to show that traces of iron in the blood and tissues 
play a significant part in the oxidation-reduction reactions con- 
stantly taking place in normal metabolism. 

\ iewed from a medicinal standpoint, iron and its preparations 
fall into two classifications, (1) those used externally , and (2) those 
used internally. 

1. External iron preparations are almost exclusively of the ferric 
type, and depend for their action principally on their ability to 
precipitate protein. This ability to precipitate protein is directly 
reflected in the fact that ferric salts when used externally are 
astringents. The astringent action is of value in stopping the bleed- 
ing of small cuts, in gargles, etc. One of the disadvantages of iron 
is that it is colored, whereas lead, for example, is colorless. 

The use of ferric chloride solution as an application to the skin 
in cases of poison ivy poisoning is based largely on the ability of 
ferric salts to precipitate phenols, vesicant phenols being the causa- 
tive agent in poison ivy poisoning. This phenol-precipitating power 
combined with the potential oxidizing properties of the ferric ion 
on the sensitive phenols was probably the rationale for the intro- 
duction of iron into poison ivy therapy. Research has shown,' 
however, that the iron-phenol precipitate is still an exceedingly 
active irritant to the skin. This tends to prove that the use of 
ferric chloride (the ferric salt most commonly used) in poison ivy 
treatment is without sound scientific background. 

2. Internal iron preparations are used mostly for their ability to 
cause increased formation of hemoglobin. For this purpose iron 
can be used therapeutically in one or all of three forms: (a) metallic 
iron, (b) ferric salts, (c) ferrous salts. 

Each of these basic forms of iron has been used in the regeneration 
of hemoglobin with some success. However, it is well to note that 
the actual per cent of iron in a preparation or salt has no bearing 
on the amount which will be absorbed and ultimately be effective. 
For example, metallic iron has by far the greatest content of iron on 
a percentage basis but weight for weight is inferior in hematinic 
activity to ferrous sulfate with much less iron. The effectiveness of 
iron preparations is thought to be a function of the extent to which 

> Gisvold,0.: J. Am, Pharm Assn., Sc. Ed,, 30, 17 (1941). See also this book. 
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ferrous iron is liberated and absorbed as a result of gastric and 
intestinal secretions. The preceding statement is borne out by 
much research and clinical observation, all of which show that the 
administration of ferrous salts results in greater hemoglobin response 
than that obtained with any other form of iron. The low order of 
activity associated with ferric iron is at least partly due to its 
tendency to form insoluble compounds with phosphates, carbonates 
and proteins; this even in the normally acid medium of the stomach. 
Ferrous salts do not precipitate in this manner unless in an alkaline 
medium. Since the normal stomach reaction is acid there is little 
possibility of inactivating ferrous iron. Assuming that ferrous salts 
are the most advantageous form in which to administer iron, it only 
remains to determine the most suitable anion to accompany it. 
Experience has indicated that the sulfate is fairly stable and that 
in most cases it does not cause any marked gastric upset. However, 
there is a small percentage of patients who do get a gastro-enteritis 
from the use of ferrous sulfate. This may be avoided in some cases 
by the administration of the ferrous sulfate in an enteric coated 
tablet, whereas others require changing the salt. In the case of the 
latter, the use of ferrous gluconate has met with pronounced suc- 
cess. As an illustration, a patient who could not tolerate 35 mg. 
of iron per day in the form of ferrous sulfate was shifted to ferrous 
gluconate. By gradually increasing the dose, the patient was able 
to take 108 mg. of iron (0.9 Gm. of ferrous gluconate) without dis- 
comfort. By and large, however, ferrous sulfate is probably the 
most economical and most satisfactory form of ferrous iron on the 
market today. 

The use of copper in small amounts along with iron is based upon 
experimental evidence (see p. 282), which shows that iron is better 
absorbed when accompanied by copper. There is also some evi- 
dence to show that molybdenum (as oxide) also potentiates the 
absorption of iron. 

Parenteral forms of iron have not been well received, partly 
because they often cause marked local and systemic reactions and 
also because transfusions in most cases will serve just as well. 

The chief indication for the use of iron salts is in the treatment 
of so-called ‘'secondary anemias.” The derivation of the terminol- 
ogy “secondary” is due to the fact that these iron-deficiency dis- 
eases are secondary to some other disease, that is, a result of another 
disease. Any and all disease conditions which can affect the body 
may, and most of them do, ultimately lead to a secondary anemia, 
which is characterized by a hemoglobin which is low in proportion 
to the decrease in the number of red blood cells. These secondary 
anemias are also classified as “hypochromic microcytic anemias” 
indicating a low hemoglobin content and small size cells. Some of 
the disease conditions which cause this type of anemia are bleeding 
peptic ulcer, ulcerative colitis, tuberculosis, etc. Iron is indicated 
in all of these secondary anemias, although sometimes liver in one 
form or another is administered simultaneously. 
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In (contrast to the setxnKlary anemias we have the so-called 
“primary anemias” which are typified by pernicious anemia. They 
are also called “macrocytic anemias” to indicate that the blood 
cells are larger than normal. The blood picture in the primary 
anemia group shows that the cells are normally colored but are of a 
larger size than normal. These anemias are not secondary to 
some other disease but are due to a diseased condition of the blood- 
making portions of the body. They are treated with liver extract 
or other similar preparations. Iron is of little value in this type of 
anemia. 

Pharmaceutical Preparations and Uses.- 1. Iron (Ferrum), N. F. 
\TII.“ “Elementary Iron (Fe) in the form of fine, bright wire, 
filings or powder.” This form of iron is officially identified by its 
solubility in hydrochloric a(‘id with evolution of hydrogen, the 
solution corresponding to tests for Ferrons Salts. This form of iron 
is used mostly for preparing certain iron salts, e. g.y ferrous iodide, 
ferrous chloride, etc. 

2. Redifced Iron (Ferrum Heductuin, Iron by Hydrogen), N. F. 
VHI. — “ Reduced iron is obtained by the action of hydrogen upon 
ferric oxide and contains not less than 90 per cent of Fe.” This 
form of iron is identified by the fact that if heated to a blue-black 
color in a crucible and then quickly poured from the crucible, the 
particles of iron will glow as they fall through the air. This form 
of iron is used for internal administration to obtain the hematinic 
effects of iron. It is probably converted in part to ferrous chloride 
in the acid stomach juices and as such exerts its effect. Average 
dose— 0.5 Gm. (approximately 7^2 grains). 

3. Redveed Iron Ca^mdes (Capsukie Ferri Reducti), N. F. VHI.— 
These capsules “contain an amount of metallic iron (Fe) correspond- 
ing to not less than 80 per cent and not more than 102 per cent of 
the labeled amount of Fe.” Average dose— 0.5 Gm. (approxi- 
mately 7^ grains) of Reduced Iron. 

Ferrons lodids Syrnp (Syrupus Ferri lodidi, Sirupus ferrosi 
iodidi concentratus P. L), N. F. VIIL— This syrup contains “in 
each 100 cc., not less than 0.5 Gm. and not more than 7.5 Gm. of 
Felo, representing approximately 5 per cent of FeL 2 , by weight.” 
It may be prepared by reacting iron (in the form of fine, bright 
wire) with iodine (27) to form ferrous iodide. The ferrous iodide 
formed is protected from oxidation by the addition of a small 

(27) Fe + lo -> FeL 

amount of hypophosphorous acid. The fact that it is in a syrup 
made with sucrose also tends to inhibit oxidation. To further re- 
tard discoloration, which is due to unstable fructose formation by 
inversion of the sucrose by the hypophosphorous acid, the N. F. 
VHI permits the hypophosphorous acid to be replaced by 1.3 Gm. 
of citric acid. This preparation is often made in the pharmacy 
from commercial ampuls which contain an amount of an aqueous 
solution of ferrous iodide sufficient to make a designated quantity 



014 


IKON AND IKON COMPOUNDS 


of the syrup. The contents of an aiupui may be added to syrup at 
any desired time to give a freshJy made syrup. Syrvp of Ferrous 
Iodide is a hematinic preparation. Average dose-1 cc. (approxi- 
niately 15 minims). 

Official Iron Compounds 

FERRIC AMMONIUM CITRATE 

Ferric Avirnonmvi Citrate y U. S. P. XIII 
Formula, Indefinito - 

Physical Properties.— Ferric Ammonium Citrate occurs in thin, 
transparent scales which are garnet-red in color and odorless. It 
also occurs as granules or as a brownish powder. It deliquesces in 
air and is affected by light. 

It is very soluble in water, the solutions having a saline, mildly 
ferruginous taste. Aqueous solutions are neutral or only faintly 
acid or alkaline in reaction. It is insoluble in alcohol. 

Chemical Properties. — Although this preparation contains the ferric 
form of iron, it does not exhibit the normal reactions of that ion 
when in solution. For example, it does not precipitate with ammo- 
nium hydroxide, it fails to precipitate protein and it does not react 
with potassium ferrocyanide. It is only after acidification with 
hydrochloric acid that it is possible to get the normal reactions of 
ferric ion. 

The chemistry of ferric ammonium citrate has received much 
attention, but an exact explanation is still to be had. It is claimed 
by some that the preparation actually is a true salt having the 
formula (NH4)3Fe(C6l 1507)2. Still others claim that it is a solid 
sol of a basic colloid complex, FeC6ll607.2Fe(OII)3, dispersed in 
ammonium citrate. Thus, little is to be gained by attempting to 
correlate the widely divergent views upon the chemistry of this 
common pharmaceutical preparation. 

Official Tests for Identity.— 1. When strongly heated, this prepa- 
ration chars and finally leaves a residue of ferric oxide. This is 
characteristic of all metallic salts of organic acids. 

2. When ammonia T.S. is added to 1 in 100 solution of Ferric 
Ammonium Citrate in water, there is no precipitation, but there is 
a darkening of the solution. / 

3. Five cc. of a 1 in 100 a4ueous solution of the preparation is 
treated with 0.3 cc. of potassium permanganate T.S. and 4 cc. of 
mercuric sulfate T.S. and heated to boiling. A white precipitate 
is formed. 

4. The iron is removed from 10 cc. of a solution of Ferric Ammo- 
nium Citrate (1 in 10) by boiling it with sodium hydroxide T.S. (1) 

(1) Fe+++ -f 30H- Fe(OH)3 i 
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The filtrate from this precipitate is made slightly acid with acetic 
acid and upon the addition of calcium chloride T.S. and boiling, a 
white crystalline precipitate of calcium citrate forms (2). 

( 2 ) 

CH2C00H r cHaCOOs. 1 

I I 

2HO— C-COOH + .'ICaCb -> HO -C- COO/ ^ Ca + 6HC1 

CH^COOir [ CH,COO- 

Commercial Manufacture.— This preparation is made by adding 
ammonium hydroxide in slight excess to a solution of ferric citrate, 
which previously has been made by dissolving freshly precipitated 
ferric hydroxide in a solution of citric acid. The reaction involved 
in the preparation of ferric hydroxide is typified by the use of ferric 
sulfate as a source of ferric ion (3). To this freshly prepared 
magma (free of sulfate) is then added the citric acid, and although 
this reacition may not be in accord with all experimental facts it, 
nevertheless, gives a working equation (4). 

(3) Fe2(S04), + GNH/JH -> 2 Fe (OH)., i + 3(NH4)2S04 

(4) Fe(OH), + IhCdhOi -> FcCfiH507 + 3H2O 

Addition of ammonium hydroxide to the ferric citrate then gives a 
solution which is evaporated to a syrup, spread on glass plates, and 
‘"scaled.” Scaling is a pharmaceutical process whereby a syrup 
which is thinly spread on glass plates loses water by evaporation. 
When sufficient water has evaporated the residue begins to break 
away from the glass plate in the form of scales. These scales are 
not crystalline, although sometimes they may appear to be. 

In the case of ferric ammonium citrate, for purposes of yield 
calculation, one could consider that a reaction takes place between 
ammonium hydroxide and ferric citrate (5). 

This equation does not accurately represent, perhaps, the actual 
reaction, but at least it can be said that the sum total of materials 
that go into the making of the preparation should appear in the 
finished product and this affords a means of calculating the ^deld. 
It might be added, however, that the per cent of retained water in 
the preparation in a scaled form is variable and this will make it 
appear as though a greater yield has been obtained than is actually 
the case. 

(5) FeCcHoOT + 3NH4OH Fe(OH)3 + (NH4)3C6H507 

Pharmaceutical Preparations and Uses.— 1. Ferric Ammonium 
Citrate (Ferri Ammonii Citras, Iron and Ammonium Citrates, 
U. S. P. XII), U. S. P. XIII. — “ Ferric Ammonium Citrate contains 
ferric citrate equivalent to not less than 16.5 per cent and not 
more than 18.5 per cent of Fe.” This scale salt of iron has been 
used as a convenient source of iron for hematinic purposes. Because 
of its solubility, It lends itself very nicely to incorporation into 
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syrups, elixirs, etc. Its chief disadvantage lies in the fact tlmt i 
requires quite large doses to produce the hematinic action. As 
comparison, it is only one-eighth as effective as an equal weight oi 
exsiccated ferrous sulfate. Average dose— 1 Gm. (approximate! 
15 grains). 

2. Ferric Aminonhm Citrate Capsules (Capsulte Ferri Ammon ii 
Citratis, Iron and Ammonium Citrates Capsules, U. S. P. W\) 
U. S. P. XIII.— These capsules ‘'contain an amount of iron (Fe) 
corresponding to not less than 15.5 per cent and not more than 
JRo per cvnt of the labeled amount of ferric ammonium citratf . ’ 
They are a convenient means of administering thi.s preparation 
oralK. These capsules are usualb' marketed in 7J-grain size. 
A\'enige dose of Ferric Anummiuw Citrate- 1 Gin. (approximately 
15 grains). 

3. Beefy Iron and Wine (Caro, Ferrum et Vinuin), N. F. \ III.~ 
This preparation ‘'contains, in each 100 cc., an amount of ferric 
ammonium citrate corresponding to not less than 0.75 Gin. and 
not more than 0.975 Gm. of Fe.’' It is prepared by dissolving a 
specified amount of beef extract in distilled water and adding com- 
pound orange spirit, alcohol and syrup to this solution. Then the 
ferric ammonium citrate is dissolved in sherr;V' wine and added to 
the solution previously made. After rendering the resulting prcxluct 
neutral or slightly alkaline to litmus by the addition of diluted 
ammonia solution, enough sherry wine is added to make the mix- 
ture measure 1000 cc. It is then allowed to stand for two days and 
filtered. This preparation contains the ferric ammonium citrate as 
a hematinic. The preparation is used as a tonic. Average dose— 

8 cc. (approximately 2 fluidrachins). 

GREEN FERRIC AMMONIUM CITRATE 

Green Ferric Ammonium Citrate, N. F. VIII 
Formula, Indefinite 

Physical Properties. — This preparation occurs in the form of thin, 
transparent scales, granules, or as a powder. It is green in color. 

It deliquesces in air and is affected by light. It dissolves very 
readily in water to give solutions which are acid to litmus. The 
preparation is odorless and has a saline, mildly ferruginous taste. 

It is insoluble in alcohol. 

Chemical Properties.— The properties of this preparation are very 
similar to those of the closely related ferric ammonium citrate. 
The principal difference is that this preparation contains slightly 
less iron on a per cent basis. 

Official Tests for Identity.— 1. Heating the material with potas- 
sium hydroxide T.S. results in the formation of a precipitate of ferric 
hydroxide. 

2. Addition of ammonia T.S. produces no precipitate but changes 
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the yellow-green color of its solutions to orange or reddish-brown. 
The color deepens upon standing. 

3. Addition of mercuric sulfate T.S. and potassium permanganate 
T.S. to a 1 in 100 solution together with boiling causes the formation 
of a white precipitate. 

4. When the iron is removed from a solution (1 in 10) of the 
preparation by boiling with potassium hydroxide T.S., the filtrate 
gives the characteristic test (see p. 182) for citric acid when it is 
slightly acidified with acetic acid. 

Commercial Manufacture.— It is made in exactly the same manner 
as Ferric Ammonium Citrate (see p. ()15). However, it does con- 
tain more ammonium citrate (approximately 8 per cent). 

Pharmaceutical Preparations and Uses.— 1. Green Ferric Ammo- 
ium Citrate (Ferri Amnionii Citras Viridis), N. F. VIII. — “Green 
Ferric Ammonium Citrate contains ferric citrate equivalent to not 
less than 14.5 per cent and not more than 16 per cent of Fe.'' This 
preparation has an advantage over Ferric Ammonium Citrate in that 
it may be injected intramuscularly without as much irritation. 
Although injections of even this preparation are quite painful, it 
is probably the iron preparation of choice for parenteral use. As 
pointed out previously, iron is seldom administered parenterally. 
Average dose —intramuscular, 0.1 Gm. (approximately 1| grains). 

2. Green Ferric Ammonium Citrate Amynls (Ampullae Ferri Am- 
monii Citratis Viridis, (ireen Ferric Ammonium Citrate Injection), 

N. F. VUL— These ampuls “contain a sterile solution of green ferric 
ammonium citrate, and may contain 0.5 per cent of quinine and 
urea hydrochloride, in water for injection, and yield Fe, equal to 
not less than 14.5 per cent and not more than 16 per cent of the 
labeled amount of green ferric ammonium citrate.” Average dose— 

O. 1 Gm. of Green Ferric Ammonium Citrate. 

FERRIC CACODYLATE 

Ferric CacodylatCy N. VIII 
Formula, Fe[(CH3)2As02]:{. Molecular Weight, 466.78 

Physical Properties.— This salt occurs as a yellowish, amorphous 
powder. One Gm. is soluble in about 30 cc. of water at 25° C. 
It is only slightly soluble in alcohol. 

Chemical Properties. —The chemical properties of this compound 
are essentially those of the ferric ion {q, v,) and of the cacodylate 
ion (q. I?.). 

Official Tests for Identity.— 1. Ferric Cacodylate emits the odor 
of garlic when burned. It burns with a blue flame. 

2. When a few drops of a 1 in 100 solution is allowed to stand 
in contact with 2 cc. of hypophosphorous acid in a closed tube, the 
mixture develops the odor of cacodyl wdthin one hour. 

Commercial Manufacture.— Details of the manufacture of ferric 
cacodylate are difficult to find. However, the probable method of 
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manufacture is by reacting cacoclylic acid, which is made fron, 
arsenic trioxkle (see p. 528), with ferric hydroxide (1). 

(V 3(CH3)jAsOOH + Fe(0H)3 Fe[(CH3)2AsOOj3 + SIU) 


Pharmaceutical Preparations and Uses.- 1. Ferric Cacodylaie (Vwn 
Cacodyks, Iron Cacodylate), N. F. VIII. -‘‘Ferric Caco(JyJatc, 
when dried to constant weight at 105'', contains not less than I] per 
cent and not more than 10 per cent of Fc^ and not less than 41 j^er 
cent and not more than 45 per cent of As.'' This salt is used in treats 
ing anemias which require both iron and arsenic. It is also said to 
be of value in leukemia. The cacodylate portion of the molecule 
liberates its arsenic slowly, but it behaves therapeutically as an 
inorganic arsenical. Ferric cacodylate is administered intramus- 
cularly or in some cases intravenous^ . The usual dose is } to 
1 grain every two to five days. Average dose—OO ing. (ai)proxi- 
mately 1 grain). 

2. Ferric Cacodylate Ainptds (Ampullie Ferri Cacodylatis, Iron 
(Cacodylate Ampuls, Ferric Cacodylate Injection), N. F. VIII.— 
These ampuls ‘'contain a sterile solution of ferric cacodylate in 
water for injection, and yield As equal to not less than 38.7 per 
cent and not more than 47.3 per cent of the labeled amount of 
Fe[((?.H3)2As02]3.” The ampuls commercially supplied are of 1 c(*. 
size containing | grain per cc., or may also be obtained as 5 cc. 
ampuls containing 1 grain per ampul. Average dose— ()() mg. of 
Ferric Cacodylate. 

FERRIC CHLORIDE 


Formula, FeCl3.6H20, Molecular Weight, 270. 30 

Note . — This compound is not official, hut there are several official 
preparations in which if occurs. Therefore, it will be discussed with 
the official compounds. 

Physical Properties.— This compound occurs as very deliquescent, 
crystalline lumps having a brownish-yellow to orange color. Ordi- 
narily, they have an odor of hydrochloric acid. It is affected 
by light. 

One Gm. dissolves in 0.25 cc. of water, and in 1.2 cc. of alcohol. 
It is freely soluble in acetone. It is also soluble in ether or glycerin. 
Aqueous solutions of the salt have an acid reaction. 

Chemical Properties.— This salt gives an acid reaction in aqueous 
, solution because of hydrolysis. This has been shown to be charac- 
teristic of ferric salts. In its reactions ferric chloride exhibits those 
of the ferric ion and of the chloride ion. 

Tests for Identity.— Since ferric chloride itself is not official it has 
no “officiaF^ tests for identity. However, Ferric Chloride Solution 
is official and has official tests for identity. 

1. A 1 in 10 aqueous dilution of Ferric Chloride Solution responds 
to all tests for ferric ion (q. v.) and for chloride ion (q. v.). 

Commercial Preparation.— Ferric chloride may be prepared either 
by heating iron in a current of chlorine (1) or by oxidizing a solution 
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of ferrous chloride (obtained by dissolving iron in hydrochloric 
acid) (2) with nitric acid (3). 

(1) 2Fe + 3Cl2 2 FeCl 3 

(2) Fe + 2HC1 FeCb + T 

(3) 3FeCl2 + 3HC1 + HNO., 3FeCl3 + NO t + 2 H 2 O 

Reaction (1) produces an anhydrous form of ferric chloride which 
exists as dark green crystals having a metallic luster. This form 
is quite volatile. Once it is dissolved in water, or if the ferric 
chloride is made by reactions (2) and (3) it is no longer possible to 
get back the anhydrous form. When an aqueous solution of ferric 
chloride is evaporated, several different hydrates may be formed. 
Usually the hexahydrate is the one that is isolated. If one attempts 
to drive off all of the water, the concentrated material evolves 
hydrogen chloride fumes and eventually leaves behind a residue of 
ferric oxide. 

Pharmaceutical Preparations and Uses.— 1. Ferric Chloride Solution 
(Liquor Ferri Chloridi, Iron Perchloride Solution), N. F. VIII.— 
This preparation “is an a(pieous solution containing ferric chloride 
(FeClg), corresponding to not less than 10 per cent and not more 
than 11 per cent of Fe, and not less than 3 per cent and not more 
than 5 per cent of IICl.” It is a yellowish-orange liquid having a 
faint odor of hydrochloric acid and an acid reaction to litmus. This 
solution is used principal!}' for making FcTric Chloride Tincture^ N. F. 
\ni[ and Ferric Citrochloride Tincfurcy N. F. VUI. However, it 
may be used externally for the astringent and styptic effect of the 
ferric ion. In a diluted form or in one of the above tinctures, it 
may be used as a hcmatinic, although there are other preparations 
much more satisfactory. Average dose— 0.1 cc. (approximate!}' 
U minims). 

2. Ferric Chloride Titiclure (Tinctura Ferri Chloridi, Iron Tinc- 
ture), N. F. ^TII.— This “is a hydro-alcohol solution containing, 
in each 100 cc., about 13 Cm. of FeCb, corresponding to not less 
than 4.5 Cm. of Fe.’' It is prepared by mixing 350 cc. of Ferric 
Chloride Solution with enough alcohol to make 1000 cc. of finished 
product. It is used evrernally as a styptic and astringent, and 
internally as a hematinic and tonic. Average dose— 0.6 cc. (approxi- 
mately 10 minims). 

3. Ferric Citrochloride Tincture (Tinctura Ferri Citrochloridi), 
N. F. ^TII.— This “is a hydro-alcohol solution containing, in each 
100 cc., ferric citrochloride equivalent to not less than 4.48 Cm. of 
Fe.” It is prepared by mixing 350 cc. of Ferric Chloride Solution 
with 150 cc. of water and dissolving the sodium citrate in this 
mixture with the aid of gentle heat. Alcohol (150 cc.) is added when 
cool. The mixture is then made up to 1000 cc. with water and 
allowed to stand in a cold place for a few days to let excess saline 
matter (NaCl, which is insoluble in alcohol) settle out. It is then 
filtered. 

The reactions taking place in this preparation are not definitely 
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known, although some have been postulated (4). Whatever they 
may be, the brown color of the Ferric Chloride Solution is changed 
to a green color. Accompanying this color change is a change 
in the chemical reactivity of the iron which is present. The iron 
is apparently bound up in an undissociated form since it no longer 
gives the reactions of ferric ion, and has lost its astringent and 
styptic properties. This tincture is, therefore, unsuited for astrin- 
gent use, but is used internally as a hematinic, since it lacks many 
of the objectionable qualities associated with Ferric Chloride Tinc- 
ture. In addition, it is of service in avoiding many of the incom- 
patibilities associated with Tincture of Ferric Chloride, such as the 
dark colored precipitate which iron in an ionized form gives with 
tannins, etc. Average dose— 0.5 cc. (approximately 8 minims). 

(4) rS a3C6ll507 -f“ HCl Na^illt elhC? -j- NaCl 

Na^IiCeH^O; + FeCh (FdK\Wh)Cl + 2NaCl 

4. Iron and Ammoniwn Acetate Solution (Liquor Ferri et Am- 
monii Acetatis, Basham’s Mixture), N. F. MIL —This solution 
“yields, from each 100 cc., not less than 0.10 Cm. and not more than 
0.2 Cm. of Fe, and not less than 0.6 (rm. and not more than 0.8 Grn. 
of NII3.” It is made by adding to ammonium acetate solution 
(see p. 270), diluted acetic acid, ferric chloride tincture, aromatic 
elixir and glycerin. The solution is finally brought to volume with 
distilled water. 

5. Iron, Quinine and Strychnine Elixir (Elixir Ferri, Quininse et 
Strychninie, Elixir 1. Q. & S.), N. F. VIIL— This elixir contains 
ferric citrochloride tincture together with quinine hydroehloride, 
strychnine sulfate, compound orange spirit, alcohol, glycerin and 
sufficient distilled water to bring it to volume. This is a tonic prepa- 
ration with some hematinic properties. Average dose— 4 cc. (ap- 
proximately 1 fluidrachm). 

FERRIC GLYCEROPHOSPHATE 

Ferric Glycerophosphate, N. F. VIII 

Formula, Fei[C3H6(0H)2P04]3. Molecular Weight, 021.90 

Physical Properties.— This salt occurs as orange- to greenish-yel- 
low, transparent, amorphous scales, or powder. It is odorless, and 
nearly tasteless. It is affected by light. 

One Gm. dissolves slowly in about 2 cc. of water at 25° C. It is 
insoluble in alcohol. 

Chemical Properties.— Due to hydrolysis, aqueous solutions of 
ferric glycerophosphate are acidic in reaction. The reactions of 
this salt when in aqueous solution are essentially those of the ferric 
ion (q. V.) and of the glycerophosphate ion {q. u.). 

Official Tests for Identity. — 1. A 1 in 20 aqueous solution responds 
to the tests for Ferric Salts (q. v.). 
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2. A 1 in 20 aqueous solution also responds to all tests for Glycero- 
phosphate ion (g. V.). 

Commercial Manufacture.— F'erric Glycerophosphate is made by 
dissolving freshly precipitated ferric hydroxide in glycerophosphoric 
acid (1) and concentrating the liquid to a syrupy consistency in a 
vacuum. It is then spread on glass plates, dried and scaled. 

(1) 2Fe(OH)3 + 3C3H5(0H),P04H2 -> Fe2[C3H5(0H)2P04]3 + 

6H2O 

Pharmaceutical Preparations and Uses.- 1. Ferric Glycerophosphate 
(Ferri Glycerophosphas), N. VIII.— Ferric Glycerophosphate, 
when dried to constant weight at 130°, contains not less than 
17 per cent of Fe, corresponding to not less than 95 per cent of 
Fej[C3H5(0H)2P04]3.’' This salt is used for much the same purpose 
as calcium glycerophosphate, but has added hematinic properties. 
Average dose— 0.2 Gm. (approximately 3 grains). 

2. Compound Glycerophosphates Elixir (Elixir Glycerophosphatum 
Compositum, Compound Glycerophosphates Solution), N. F. VIII. 
—This elixir contains 3 Gm. of ferric glycerophosphate per 1000 cc. 
of finished elixir. It also contains other glycerophosphates (Na, 
Ca and Mn) in varying quantities together with strychnine nitrate, 
(citric acid, lactic acid, compound cardamom spirit, alcohol, glycerin 
and distilled water. (See also p. 188.) Average dose— 8 cc. (aj)proxi- 
mately 2 fluidrachms). 

FERRIC HYPOPHOSPHITE 

Ferric Ilypophosphite, N. F. VIII 
Formula, Fe(Pl2P02)3. Molecular Weight, 250.84 

Physical Properties. — Ferric Hypophosphite is a white or grayish- 
white powder. It is odorless and nearly tasteless. It is stable in air. 

One Gm. of the salt is soluble in about 2300 cc. of water at 25° C., 
and in about 1200 cc. of boiling water. Ilypophosphorous acid 
increases its solubility. It dissolves readily in a warm, concentrated 
solution of an alkali citrate to form a green solution. It is soluble 
in hydrochloric acid. 

Chemical Properties.— When strongly heated, ferric hypophosphite 
decomposes into poisonous phosphine and ferric pyrophosphate (1). 

(1) 4Fe(H2P02)3 6PH3 T + Fe4(P207)3 + 3H2O 

The solubility of ferric hypophosphite in acids such as acetic and 
hydrochloric is probably due to the formation of the corresponding 
ferric salt (2) together with hypophosphorous acid. 

(2) Fe(H2P02)3 + 3HC1 FeCl, + 3IIPH2O2 

When thus solubilized it gives the reactions of the ferric ion and 
also of the hypophosphite ion. 

Because of its low solubility this salt enters into few reactions. 
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Official Tests for Identity.- 1. When 1 Gm. of the salt is dissolved 
in 15 cc. of acetic acid by boiling, the filtrate responds to the tests 
for Ferric Salts (q- v,). 

2. The filtrate also responds to the tests for Hypophosphite ion. 

Ck)mmercial Manufacture. —This salt can be prepared by gradually 
adding a solution of ferric chloride to a solution of calcium hypo- 
phosphite (3). The mixture is allowed to stand for about three 
days and the precipitate washed entirely free from calcium chloride 
and dried. 

(3) 3Ca(H2P02). + 2FeCl. -> 2 Fe(H,lU )3 i + 3raCh> 

It may be prepared also by dissolving ferric hydroxide in hyj)o- 
phosphorous acid, concentrating the solution, and “ scaling. ’’ 

Pharmaceutical Preparations and Uses.- 1. Ferric Uypophosphiie 
(Ferri Ihpophosphis), X. F. MIL - “ Ferric Hypophosphite, when 
dried to constant weight over sulfuric acid, contains not less than 
21.8 per cent of Fe, corresponding to not less than 98 per cent of 
Fe(H2P02)3.” The N. F. A III also states: Caution should be 
observed in compounding Ferric Hypophosphite with other sub- 
stances, as an explosion may occur if it is triturated or heated with 
nitrates, chlorates or other oxidizing agents. Ferric^ hypophosphite 
is used as a hematinic. Average dose- 0.2 Gm. (approximately 
3 grains). 

2. Compound Hypopluhrphites Syrup (Syrupus Hypophosphitum 
Compositus), N. F. VUI.— This syrup contains 2.2 Gm. of ferric 
hypophosphite per 1000 cc. of finished preparation. It also con- 
tains other hypophosphites (Ca, K, Na and Mn) in varying quan- 
tities together with strychnine, sodium citrate, hypophosphorous 
acid, dextrose, gl}^cerin and distilled water. The purpose of the 
sodium citrate in this preparation is to solubilize the somewhat 
insoluble ferric and manganese hypophosphites. (See also p. 197.) 
Average dose— 8 cc. (approximately 2 fluidrachms). 

RED FERRIC OXIDE 

Red Ferric Oxide, N. F. VIII 

Formula, Fe20;3. Molecular Weight, 159.70 

Physical Properties.— This oxide occurs as a moderate reddish- 
brown powder which closely approximates the color of a mixture of 
1 part scarlet-red, and 18 parts red mercuric oxide. 

It is insoluble in water and organic solvents. It is soluble in 
hydrochloric acid with warming, usually leaving a small residue. 

Chemical Properties. —This oxide dissolves in hydrochloric acid as 
mentioned previously (1). 

(1) Fe 203 + 6HC1 2FeCl3 + 3 H 2 O 

Because of its insolubility this oxide enters into few reactions 
other than those with acids. 
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Official Tests for Identity.— The*N. F. VIII does not provide specific 
tests for identity, but identification can be obtained through a 
consideration of its physical and chemical properties. 

Commercial Manufacture. — Red ferric oxide occurs naturally as 
red hematite ore (Fe203) which is powdered to the required state of 
fineness. Red forms of ferric oxide can also be made synthetically, 
e. g., by the reduction of magnetite (Fe;A) which gives Venetian red, 
a desirable pigment for paints. Artificial preparation of ferric oxide 
by heating ferric hydroxide, nitrate or sulfate results in a steel-gray 
powder rather than in a red powder. 

Yellow ferric oxide occurs naturally as a hydrated ferric oxide. 
Its most common form of occurrence is as limonite (2Fe203 . 3II2O) 
which ranges in color from yellow to brown. Some samples of 
limonite may be obtained which have practically the same color 
as that required by the N. F. VIII. Other naturally occurring 
hydrated ferric oxides are goethite and lepidocrocite, both having the 
formula, Fe20.} . IIX). 

A very fine ferric oxide is used for polishing metals and is known 
as ''jeweler\s rouge.'' 

Pharmaceutical Preparations and Uses. — 1 . Red Ferric Oxide (Ferri 
Oxidum Rubrum), X. F, A'lIL — '‘Red Ferric Oxide contains not 
less than 90 per cent of Fe208 calculated on the basis of the ignited 
product, the loss on ignition being determined on a separate sample.” 
The reason for the introduction of this oxide of iron (together with 
Yellow Ferric Oxide) was to provide coloring materials for prepara- 
tions designed for application to the skin. X^o therapeutic action 
is attributed to the oxides, since their function is purely a cosmetic 
one. Mixtures of the two oxides can be made which simulate the 
color of the skin very closely. 

2. Calamine (Calamina), V. S. P. XIII. — “Calamine is zinc oxide 
with a small amount of ferric oxide, and contains, after ignition, not 
less than 98 per cent of ZnO.” The presence of a small amount of 
iron oxide in calamine is not a deliberate thing. It is an inherent 
part of the mineral from which calamine is made, and while it does 
not impart any superior medicinal value to the zinc oxide with which 
it is associated, it docs have the advantage of coloring the zinc 
oxide to more nearly simulate skin color than is true of pure zinc 
oxide (white). (See also p. 378.) 

3. Peptonized Iron (Ferrurn Peptonatum, Iron Peptonate), N. F. 
VIII. — “Peptonized iron is a compound of iron oxide and peptone, 
rendered soluble by the presence of .sodium citrate, and yields not 
less than 16 per cent and not more than 18 per cent of Fe.” Average 
dose— 0.3 Gm. (approximately 5 grains). 

4. Neocalamine Liniment (Linimentum Neocalaminae), X\ F 
VIII.— This preparation contains 150 Gm. of Prepared Neocala- 
mine, 500 cc. of olive oil, and enough calcium hydroxide solution 
to make 1000 cc. The iron oxide is present in the form of Prepared 
Neocalamine (7. r.). 
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5. Neocalamine Lotion (Lotio Ncocalarainae), N. P. VIIL -^-This 
lotion contains ]50 Gin. of Prepared Neocalamine, 4(X) cc. of 
bentonite (suspending agent), and enough water to make KXK) c( . 
of lotion. (See p. 378.) 

6. Phenolated Neocalamitw Lotim (Ixitio NtwaJamina^ Phenolata, 
Compound Neocahunine Lotion), N. I • ^ IIL This preparation 
contains 1 per cent of liquefied phenol in Neocalamine Lotion. 
The phenol is added to provide some analgesic properties for relief 
of skin discomfort. 

7. Neocalamine Ointment (rnguentum Neocalaminae), N. F. 
VIII.— This ointment contains 15 per cent of Prepared Neocalamine 
in an ointment base composed of wool fat, petrolatum, liquid petro- 
latum and water. 

8. Prepared Neocalamine (Neocalainina Pneparata), N. F. VIII.— 
“Prepared Neocalarnine is zinc oxide admixed with ferric oxide, and 
contains, after ignition, not less than 92 per cent of ZnO.” This 
preparation is made by mixing 30 Gin. of Red Ferric Oxide with 
40 Gni. of Yellow Ferric Oxide and 930 Gm. of Zinc Oxide. It is 
a substitute for calamine and is superior in that the color has been 
made to simulate that of the skin more closely than is the case 
with calamine. 

9. N. F. Siin Cream (Cremor Solis N. F., Sun Tan Ointment), 
N. F. VIII.— Red ferric oxide occurs in this preparation in the form 
of Neocalamine, although Yellow Ferric Oxide has been added in 
addition to what occurs in the Neocalamine. The purpose is, of 
course, to provide a better cosmetic preparation. This cream is 
used as a sun tan ointment and permits “tanning” without too 
much danger of sunburn. 

YELLOW FERRIC OXIDE 

Yellow Ferric Oxide, N. F. VIII 
Formula, Fe 203 . Molecular Weight, 159.70 

Physical Properties.— This oxide occurs as a yellowish-orange 
powder, which closely approximates the color of Reference Yellow 
Ferric Oxide.^ In its solubilities and j)article size it is the same 
as the red ferric oxide. 

Chemical Properties.— These are the same as those for red ferric 
oxide. However, the yellow variety contains more water of hydra- 
tion than does the red form. This difference in water content is 
apparently responsible for the difference in color. The difference 
in water content is shown by the allowable loss on ignition for the 
two oxides. The red form is allowed only 3 per cent loss on ignition 
whereas the yellow form is allowed 12 per cent of its weight. 

Official Tests for Identity.— The N. F. VIII does not set up stand- 
ards for identification of this oxide, since the physical properties 
serve to identify it. 

’ Obtainable from Chairman of the Committee on National Formulary 
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Commercial Manufacture. — (See Red Ferric Oxide, p. 623.) 
Pharmaceutical Preparations and Uses. — 1 . Yellow Ferric Oxide 
(Ferri Oxidum Flavum), N. F. VIII.— ‘^Yellow Ferric Oxide con- 
tains not less than 97.5 per cent of FeaOs, calculated on the basis 
of the ignited product, the loss on ignition being determined on a 
separate sample.” As previously noted, this oxide is used together 
with the red oxide for cosmetic purposes. 

2. Neocalamine Liniment (lanimentum Neocalaminse), N. F. 

\ III. — This liniment contains the Yellow Ferric Oxide occurring 
in the Prepared Neocalamine used in this liniment. (See p. 378.) 

3. Neocalamine Lotion (Lotio Neocalaniinse), N. F. VIII. — This 
lotion contains Prepared Neocalamine, of which Yellow Ferric 
Oxide is an ingredient. (See p. 378.) 

4. Phenolated Neocalamine Lotion (Lotio Neocalaminae Phenolata, 
Compound Neocalarniiie Lotion), N. F. VIIL— This lotion contains 
the Yellow Ferric Oxide contained in Prepared Neocalainine used 
in this preparation. (See p. 379.) 

5. Neocalamine Ointnumt (Unguentum Neocalainime), N. F. VIIL 
—This ointment contains the Yellow Ferric Oxide in the form of 
Prepared Neocalainine (see p. 379). 

6. Prejxired Neocalamine (Neocalamina Pra'parata), N. F. VIIL 
—This preparation contains Yellow Ferric Oxide, Red Ferric Oxide 
and zinc oxide. The iron oxides are for the purpose of giving a 
skin color to the preparation. Any therapeutic action is due to 
the 93 per cent of zinc oxide that is present. (See p. 378.) 

7. Y. F, Sun Cream (Cremor Solis N. F., Sun Tan Ointment), 
N. F. VnL-(See p. 024.) 

SOLUBLE FERRIC PHOSPHATE 

Soluble Ferric Phosj)hatey N. F. VIII 
Formula, FeP 04 + NasCelldOy 

Physical Properties.— This preparation occurs in the form of thin, 
bright green, transparent scales. It also occurs as granules. It is 
odorless and has an acidulous, slightly saline taste. Because it is 
discolored in the presence of moisture and light, it should be kept 
in well-closed containers protected from light. 

This scale salt is freely soluble in water, but is insoluble in alcohol. 

Chemical Properties.— Most of the iron in this preparation is bound 
in a non-ionized form. This is evidenced by the fact that it does 
not give a precipitate with ammonium hydroxide. It is, however, 
decomposed by alkali hydroxides to give a precipitate of ferric 
hydroxide. 

Official Tests for Identity. — 1. The addition of an excess of am- 
monia T.S. to aqueous solutions of this salt does not precipitate 
ferric hydroxide but does cause a reddish-brown color to form. 

2. The iron is removed as ferric hydroxide from 10 cc. of an 
aqueous solution of the salt by boiling with sodium hydroxide T.S, 
40 
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When the filtrate is strongly acidified, it responds to the magnesia 
mixture {q. v.) test for phosphate ion. If the precipitate of mag- 
nesium ammonium phosphate obteined in the phosphate test is 
treated with a few drops of silver nitrate T.S., it turns to a greenisli- 
yellow color. This serves to distinguish it from pyrophosphate ion 
which does not give a color. 

Commercial Manufacture. —This compound of undetermined com- 
position is made by dissolving ferric citrate in distilled water with 
the aid of heat and then dissolving secondary scxliiim phosphate in 
the solution. The clear solution is evaporated to a thick synip 
on a water-bath at a temi)erature not exceeding (>0° C., and then 
spread on glass plates and dried. By scraping off the salt, it is 
obtained in the form of thin, bright green, transparent scales. 

Pharmaceutical Preparations and Uses. — J. Soluble Ferric yV/o.v- 
p/mfe (Ferri Phosphas Solubilis, Ferric Phosphate with Sodium 
Citrate), N. F. VIIL — ''Soluble Ferric Phosphate is ferric phosphate 
rendered soluble by the presence of sodium citrate, and yields not 
less than 12 per cent and not more than 15 per cent of Fe.” '^J^his 
salt is very suitable for making liquid preparations of iron. It is 
non-irritating to the gastric system, and has a good hematinic 
action. Average dose— 0.25 Gm. (approximately 4 grains). 

2. Iron, Qninine and Strychnine Phosphates Elixir (Elixir Ferri, 
Quininse et Strychninfe Phosphatum, Elixir I. (^. S. Phosphates), 
N. F. VIIL— This elixir contains 35 Gm. of Soluble Ferric Phosphate 
in 1000 cc. of the finished preparation. In addition, it contains 
quinine phosphate, strychnine phosphate, orange oil, alcohol, 
glycerin and distilled water. It is used as a bitter tonic with 
hematinic properties. Average dose— 4 cc. (approximately 1 fluid- 
rachm). 

FERRIC SULFATE 

Formula, Fe2(S04)3 . 6H2O (Approx.) 

Molecular Weight, 399.86 (Anhydrous) 

Note: This salt is not official hut becaiise it exists in the form of its 
solution, it is included among the official compounds of iron. 

Physical Properties.— This salt is grayish-white in color, although 
the product of commerce which contains approximately 6 molecules 
of water of hydration is yellowish in color. It is very hygroscopic, 
and is slowly soluble in water. It is only sparingly soluble in alcohol. 

Chemical Properties.— When dissolved in water this salt is acid in 
reaction due to hydrolysis. This property is common to other 
ferric salts. 

Solutions of ferric sulfate give characteristic reactions of the 
ferric and sulfate ions. 

In addition, ferric sulfate forms typical alums when treated with 
either ammonium sulfate (1) or potassium sulfate (2). These alums 
crystallize readily in bright, violet octahedra which effloresce in dry 
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air. They are soluble in water but insoluble in alcohol. Because 
they contain ferric ions they act as styptics. 

(1) Fe2(S04)3 + (NH4)2S04 + 24H2O 2FeNH4(S04)2.12H20 

(2) Fe2(S04)3 + K2SO4 + 24H2O 2FeK(S04)2.12H20 

Tests for Identity.— Because ferric sulfate per se is not official, the 
tests for identity of Ferric Sulfate Solution will be given instead. 

]. Ferric Sulfate Solution responds to the tests for Ferric Ion 
(q. V.) and also responds to the tests for Sulfate Ion {q, v,). 

Commercial Manufacture. - Ferric sulfate can be obtained by add- 
ing nitric acid to a hot solution of ferrous sulfate containing sulfuric 
acid (3). The reaction mixture is then evaporated until the salt 
crystallizes or it may be standardized to contain the official require- 
ment of iron and left in solution form. Care must be exercised in 
the evaporation of the material since it will decompose into ferric 
oxide and sulfur trioxide (4) if heated in a dry condition. 

(3) 6FeS04. 7H2O + 3H2SO4 + 2HNO3 3Fe2(S04)3 + 2NO T 

+ 4GH2O 

(4) Fe2(S04)3 Fe203 + 3SO3 T 

Pharmaceutical Preparations and Uses. — 1. Ferric Sulfate Solution 
(Liquor Ferri Tersulfatis, Iron Tersulfate Solution), N. F. VIII.— 
“ An aqueous solution containing Fe2(S04)3, corresponding to not 
less than 9.5 per cent and not more than 10.5 per cent of Fe.” 
This solution is a yellowish-brown, almost odorless liquid. It has 
an acid taste, and an acid reaction to litmus paper. It has a specific 
gravity of about 1.43 at 25 C. This preparation is not used 
internally, but is extensively employed in the preparation of the 
scale salts of iron. It has astringent and styptic properties. 

FERROUS CARBONATE 

Formula, FeCOs. Molecular Weight, 115.86 

Note: Ferrous carbonate is not official as such, but is official in the 
form of numerous preparahons and, therefore, is discussed- with the 
official salts of iron. 

Physical Properties.- Freshly precipitated ferrous carbonate is 
white in color. However, when in contact with air it quickly be- 
comes green, and finally changes to brown. It is insoluble in water. 

Chemical Properties. Ferrous carbonate, as indicated, quickly 
(changes from white to a green color and then to brown. These 
color changes are due to oxidative changes caused by atmospheric 
oxygen. Usually, the decomposition is attended by loss of CO2 and 
formation of ferric hydroxide (1). When treated with acids ferrous 
carbonate effervesces due to liberation of carbon dioxide (2), this 
reaction probably being the fate of ferrous carbonate when admin- 
istered orally. On this basis, ferrous chloride has been advocated 
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as the most desirable form of ferrous salt to use since it eventuate^ 

in that form in the stomach. 

(1) 4P'eCU 4- 6H2O + O2 — 4Fe(OH)3 i + 4CO2 1 

(2) FeCOs + 2HC1 FeCl^ + IhO + CO, f 

Ferrous carbonate behaves in the same way that all carbonates 
do when treated with excess carbon dioxide, namely to form the 
soluble bicarbonate (3). Solutions of the bicarbonate are unstable 
in contact with air and quickly begin to deposit brown ferric hy- 
droxide. 

(3) FeCOa + H2O + CO2 Fe(HC03)2 

Official Tests for Identity.— No official tests for identity are avail- 
able since the compound is not official as such. However, two tests 
are given in the monograph for Saccharafed Ferrom Carbonate^ N. F. 
VIII. 

1. When 10 to 20 mg. of saccharated ferrous carbonate is treated 
with 5 cc. of hydrochloric acid, the material goes into solution with 
the copious evolution of carbon dioxide and the formation of a 
greenish-yellow liquid (2). 

2. One Gm. of saccharated ferrous carbonate is dissolved in 5 cc. 
of hydrochloric acid and the resulting solution diluted to 100 cc. 
with distilled water. This solution gives tests for Ferrous Salts 
{q. V,), 

Commercial Manufacture. — Ferrous carbonate occurs naturally as 
the mineral siderite (FeCOa ftO) or spathic iron ore. However, 
the commercial supplies for medicinal uses are made by adding 
sodium carbonate (4), potassium carbonate (5), or sodium bicarbo- 
nate (6) to solutions of ferrous sulfate. 

(4) FeS04.7H20 + Na2C03.H20 -> Na2S04 + FeCO.4 + 

8H2O 

(5) FeS04.7H20 + K2CO3 K2SO4 + FeCOa i + 7H2O 

(6) FeS04 . 7H2O + 2NaHC03 ¥eCO, j + Na.>S04 + H2O + 

CO2T 

Reaction (4) is used in the preparation of Ferrous Carbonate Mass, 
N. F. VIH. Reaction (5) is used in the preparation of Ferrous 
Carbonate Pills, N. F. VIII, and reaction (6) is used in the prepara- 
tion of Saccharated Ferrous Carbonate, N. F. VIH. Reaction (6) 
is said to be an especially desirable way of making ferrous carbonate 
because it is attended with the formation of CO2 which helps to 
prevent oxidation of the ferrous carbonate which forms. 

Pharmaceutical Preparations and Uses. — 1 . Ferrous Carbonate Mass 
(Massa Ferri Carbonatis, Vallet’s Mass), N. F. VIII.— ''Ferrous 
Carbonate Mass contains not less than 36 per cent and not more 
than 41 per cent of FeCOa.^’ Ferrous sulfate and monohydrated 
sodium carbonate are each dissolved in specified amounts of water. 
To the iron solution is added syrup and, after cooling, the sodium 
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carbonate solution is added with stirring to that of the ferrous 
sulfate. The precipitated ferrous carbonate is allowed to subside, 
the supernatant liquid decanted and the precipitate then washed 
with a mixture of 1 volume of syrup to 19 volumes of distilled 
water (to prevent oxidation) until the washings no longer have a 
salty taste. The precipitate is then drained on a strainer, expressed 
and incorporated with sucrose and honey. The mixture is evapo- 
rated with constant stirring on a water-bath until it is reduced 
to the required weight. It is used effectively as a hematinic. Av- 
erage dose—O.G Gin. (approximately 10 grains). 

2. Ferrous Carbonate Pilh (Pilulse Ferri Carbonatis, Chalybeate 
Pills, Blaud’s Pills, Ferruginous Pills), N. F. VIII.-"t:ach Pill 
contains not less than 60 mg. of FeCOa.” Potassium carbonate is 
triturated in a mortar with a small amount of glycerin, and to this 
is added a mixture of ferrous sulfate and sucrose which previously 
have been intimately mixed. The mass is mixed thoroughly until 
it assumes a greenish color. When the reaction is complete, traga- 
(;aiith and althea are added and enough distilled water to give 
a pilular consistency. The mass is then divided into the required 
number of pills. These pills are a favorite form of hematinic 
medication. To obtain best results it is desirable to have the pills 
freshly made. Average dose— 5 pills. 

3. Saccharafed Ferrous Carbonate (Ferri Carbonas Saccharatus), 
N. F. VIII. — ‘^Saccharated Ferrous Carbonate contains, in each 
100 Gm., not less than 15 Gm. of FeCOa.'’ A hot, slightly acidu- 
lated (H2SO4) solution of ferrous sulfate and sucrose are added to a 
carefully prepared solution of sodium bicarbonate. In order to 
minimize hydrolysis, the solution of sodium bicarbonate should be 
effected at a temperature not above 50® C. The container is 
rotated to facilitate the chemical reaction. The precipitated ferrous 
carbonate is washed free from sodium sulfate with a hot mixture 
consisting of 1 volume of syrup and 19 volumes of distilled water, 
until the decanted liquid gives only a slight cloudiness with barium 
chloride T.S. The precipitate is drained, intimately mixed with 
sucrose and lactose, and evaporated to dryness on a water-bath. 
It is then reduced to a powder and sufficient well-dried sucrose 
added to make the required weight. This powder should be pre- 
pared in the shortest possible time in order to minimiz^^ the oxidation 
of ferrous carbonate. 

In common with the other ferrous carbonate preparations, this 
is an effective hematinic. Average dose— 0.25 Gm. (approximately 
4 grains). 

4. Saccharated Ferrous Carbonate Capsules (Capsute Ferri Car- 
bonatis Saccharati), N. F. VIII.— “Saccharated Ferrous Carbonate 
Capsules contain FeCOa equivalent to not less than 14.25 per cent 
and not more than 15.75 per cent of the labeled quantity of sac- 
charated ferrous carbonate.'' This is a convenient form of adminis- 
tering saccharated ferrous carbonate. Average dose — 0.25 Gra. 
approximately 4 grains) of Saccharated Ferrous Carbonate. 



IRON AND IRON COMPOUNDS 


030 


FERROUS GLUCONATE 

Ferrom Ghiconate, N. F. VIII 

Formula, Fe(C 6 Hn 07 ) 2 . 2 Il 20 ; (CH20H(CH0H)4. C00)2Fe.2H20 
Molecular Weight, 482.18 

Physical Properties. This salt occurs as a fine, yellowish-gray or 
pale greenish-yellow powder. It has an odor suggesting burned 
sugar. 

One Gin. is soluble in 4 cc. of water. It is nearly insoluble in 
alcohol. 

Chemical Properties. -Its aqueous solutions are acid in reaction. 
The reactions of this salt in aqueous solution are essentially those 
of the ferrous salts {q, v.) and of the gluconate ion {q. v.). 

Official Tests for Identity. — 1 . Five cc. of a warmed 1 in 10 aqueous 
solution of the salt is treated with 0.65 cc. of glacial acetic acid and 
1 cc. of freshly distilled phenylhydrazine and then warmed on a 
steam bath for thirty minutes. When allowed to cool it will deposit 
crystals of gluconic acid phenylhydrazide either spontaneously or 
with scratching of the test-tube walls. (For reactions see Calcium 
Gluconate, p. 324.) 

2. A 1 in 20 solution responds to all tests for Ferrous Salts (g.^.). 

Commercial Manufacture.^— To produce ferrous gluconate the first 
step is the production of gluconic acid by the fermentative oxidation 
of glucose (1). The solution of gluconic acid so obtained is then 
treated with ferrous carbonate to form soluble ferrous gluconate (2). 
From the resulting solution the ferrous gluconate is crystallized. 
The salt contains 2 molecules of water of crystallization. This is 
then dried and packaged. 

(1) C 6 II 12 O 6 + (0)->HC6Hn07 

(2) 2HC6Hn07 + FeCOa -> Fe(C6Hn07)2 + CO, j + H.O 

m 

It can also be made by the interaction of ferrous sulfate and 
calcium gluconate (3), although this method is not used commer- 
cially. 

(3) Ca(C6Hn07)2 + FeS04 Fe(CeHn07)2 + CaS04 i 

Phiuinaceutical Preparations and Uses.— 1. Ferrous Gluconate 
(Ferri Gluconas), N. F. VIII.— Ferrous Gluconate contains not 
less than 11.5 per cent of Fe, calculated on an anhydrous basis, the 
moisture being determined on a separate sample by drying at 105° 
for four hours. This preparation is one of the newer ferrous com- 
pounds to appear on the market. As previously pointed out, it has 
the advantage of causing much less gastric irritation than the other 
commonly used ferrous salts, e. g,y ferrous sulfate. It is obtainable 
commercially as tablets and elixir under the trade name ‘"Fergon,” 


Private communication from Chas. I^zer & Co.. May 6 (1947). 
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and as capsules and elixir under its own name. Average dose — 
0.3 Gm. (approximately 5 grains). 

FERROUS SULFATE 

Ferrous Sulfate, U. S! P. XIII 

Formula, FeS04.7H20; tX Pi •''^‘>0 

X)/ \) 

Molecular Weight, 278.02 

Physical Properties.— The official salt occurs in the form of large 
pale bluish-green, moiioclinic prisms having a density of 1.8987. 
It is odorless, and has a saline, styptic taste. In dry air the salt 
effloresces and becomes coated with a grayish-white powder of the 
anhydrous salt. In moist air the crystals rapidly oxidize to a 
brownish-yellow, basic ferric sulfate, which makes the salt" u nfit 
for use in med icinal preparations. When the crystals are slowly 
heatecTto 115° C., they disintegrate and lose most of their water of 
hydration. 

Ferrous sulfate dissolves in 1.5 times its weight of w^ater at 25° C., 
and in less than one-half its weight (0.5 cc.) of boiling water to form 
solutions that are acid to litmus paper. 

Chemical Properties. — Ill general, it may be said that the reactions 
of ferrous sulfate are those of the ferrous ion and of the sulfate ion. 

Ferrous sulfate combines with the alkali sulfates to form double 
salts. The most important one of these compounds is ferrous am- 
monium sulfate P"eS 04 . (NH 4 ) 2 S 04 . 6 Il 20 This very stable salt is 
prepared by dissaving equimolecular weights of the two salts in 
water and crystallizing. It is known as Mohr’s Salt and is used in 
analytical chemistry. 

Official Tests for Identity.— This salt responds to the tests for 
Ferrous Salts (q. v.) and Sulfate Ion (q. v.). 

Commercial Manufacture.- 1. '^Plie best grade of ferrous sulfate is 
obtained by dissolving iron in diluted sulfuric acid and concentrating 
to crystallization. 

2. The commercial grades of this salt are made by piling iron 
pyrites in heaps and exposing it to atmospheric oxidation (1). 
The mass is leached with water and the dilute solution of ferrous 
sulfate is run into large vats. Scrap iron is added to take care of 
any free sulfuric acid and to precipitate any copper ion present in 
the solution. The liquid is concentrated to crystallization. 

( 1 ) 2 FeS 2 + 7O2 + 2H2O 2 FeS 04 + 2H2SO4 

3. Appreciable quantities of ferrous sulfate are obtained by con- 
centrating the vat liquor obtained in the ‘‘pickling’' of steel {q. v.). 

Phannaceutical Preparations and Uses. — 1. Ferrous Sulfate (Ferri 
Sulfas, Iron Sulfate), U. S. P. XIII. — “Ferrous Sulfate contains not 
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less than 54.30 and not more than 57.07 per cent of anhydrous 
ferrous sulfate (FeS04), corresponding to not less than 99.5 per 
cent of the hydrated salt (FeS04. 7H2O).” This salt is the most 
popular of the ferrous salts as well as the most economical. It is 
an efficient hematinic. Average dose~0.3 Gin. (approximately 
5 grains). 

2. Exsiccated Ferrous Sidfate (Ferri Sulfas Exsiccatus, Dried Fer- 
rous Sulfate), U. S. P. XIII.— “Exsiccated Ferrous Sulfate contains 
not less than 80 per cent of anhydrous ferrous sulfate (FeS04).’’ 
Of the many forms in which ferrous sulfate exists, the exsiccated 
form is probably the most used, principally because it can be given 
in smaller doses than the form containing water of crystallization, 
and because it does not effloresce. It is made by allowing the 
hydrated salt to effloresce at a temperature of about 40° C. in dry 
air and then heating it with constant stirring on a water-bath until 
it is reduced to between 64 and 65 per cent of its original weight. 
The resulting material is reduced to a fine powder and immediately 
placed in dry, tightly stoppered bottles. Average dose— 0.2 (hn. 
(approximately 3 grains). 

3. Ferrous Sidfate Tablets (Tabellffi Ferri Sulfatis), U. S. P. 
XIII. — “Ferrous Sulfate Tablets contain not less than 95 per cent 
and not more than 110 per cent of the labeled amount of FeS04.- 
7H2O. An equivalent amount of exsiccated ferrous sulfate may be 
used in place of FeS04.7H20, in preparing the Tablets.” The 
tablets are merely a convenient form for administering ferrous 
sulfate. In general, the tablets containing the exsiccated form pre- 
dominate, a typical example being “P'eosol” tablets. A few firms 
market an enteric coated tablet which is supposed to eliminate the 
gastric discomfort occasionally encountered when ferrous sulfate is 
used. Despite claims that the enteric coated ^tablet cannot be 
absorbed very well since it is not exposed to the acid gastric juices 
but only to the alkaline intestinal juices, many physicians find that 
satisfactory hematinic responses are obtained. Average dose of 
Ferrous Sulfate— 0.3 Gm. (approximately 5 grains). 

4. Ferric Subsulfate Solution (Liquor Ferri Subsulfatis, Monsel’s 
Solution, Basic Ferric Sulfate Solution), N. F. VIII. — “Ferric Sub- 
sulfate Solution is an aqueous solution containing, in each 100 cc., 
basic ferric sulfate equivalent to not less than 20 Gm. and not more 
than 22 Gm. of Fe.” Coarsely powdered ferrous sulfate is added 
in four approximately equal portions to a mixture of sulfuric and 
nitric acids which has previously been heated to nearly 100° C. 
Nitric acid is added, drop by drop, to the constantly stirred hot 
solution until red fumes cease to be evolved and the liquid has 
assumed a dark, reddish brown color. The solution is boiled until 
free from nitric acid, maintaining the volume at about 1000 cc. by 
the addition of distilled water as needed and, when cool, diluted 
with distilled water to the required volume. The product is filtered,' 
if necessary, until clear. 

Ferric Subsulfate Solution is a dark, reddish-brown liquid, 
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odorless or nearly so, with a sour, strongly astringent taste. At 
25° C. it has a specific gravity of about 1.548, and is miscible with 
both water and alcohol. 

Solution of subsulfate of iron will sometimes congeal to a semi- 
solid mass when cooled or upon long standing. The application of 
gentle heat will restore it to the liquid state. 

Ferric subsulfate is of variable composition and therefore the reac- 
tion cannot be definitely expressed in the form of an equation. The 
following equation has been suggested as being representative (2). 

(2) 12FeSO, + 3H2SO4 + 4HNO. 3Fe40(S04)5 + 4NO T + 

5H2O 

When concentrated sulfuric acid is gradually added to a solution of 
subsulfate of iron, the color becomes lighter, and white anhydrous 
ferric sulfate is precipitated when the quantity of acid reaches one- 
half the volume of the iron solution. Ferric Sulfate Solution, 
however, does not give a precipitate of anhydrous ferric sulfate 
when treated with concentrated sulfuric acid. As a styptic— use it 
undiluted. 

5. Ferrom Carbonate Mass (Massa Ferri Carbonatis, Vallet’s 
Mass), N. F. VIII. — (See p. 628.) 

(). Ferrous Carbonate Pills (Piluhn Ferri Carbonatis, Chalybeate 
Pills, Bland’s Pills, Ferruginous Pills), N. F. VIII. — (See p. 629.) 

7. Saceharated Ferrous Carbonate (Ferri Carbonas Saccharatus), 
N. F.vm.- (Seep. 629.) 

8. Ferrous Hidfctte Syrup (Syrupus Ferri Sulfatis), N. F. VIIL — 
“Ferrous Sulfate Syrup contains, in each 100 cc., not less than 
3.75 Cm. and not more than 4.25 Cm. of FeS04.7H20.“ It is pre- 
pared by dissolving ferrous sulfate (40 Cm.), citric acid (2.1 Cm.), 
peppermint spirit (2 cc.) and 200 Cm. of sucrose in 450 cc. of dis- 
tilled water, and filtering until the solution becomes clear. Then 
625 Cm. of sucrose are dissolved in the clear filtrate and the volume 
brought to 1000 cc. with distilled water. This form of ferrous sul- 
fate is convenient for administration, especially for children. It 
also possesses a flexibility of dosage not possible with the tablets. 
Average dose— 8 cc, (approximately 2 fluidrachms). 

Non-official Compounds of Iron 

Ferric Hydroxide [Fe(OH)3].— Ferric hydroxide is formed as a 
brown gelatinous precipitate when an alkali hydroxide is added to 
a solution of a ferric salt. The precipitate is insoluble in an 
excess of the precipitant but readily dissolves in hydrochloric acid. 
When the freshly precipitated ferric hydroxide is boiled in or allowed 
to stand in contact with water, it is gradually converted first into 
the basic hydroxide [P^e20(0H)4 or Fe203.2H20] and then into 
a bright red, amorphous powder having the composition Fe202(0H)2 
or P'e203.H20. Ferric hydroxide strongly tends toward forming 
colloidal solutions. Thomas Graham obtained a colloidal solution 
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by dissolving freshly precipitated ferric hydroxide in a solution of 
ferric chloride and then dialyzing the solution Such solutions are 
known as ^'dialyzed iron," and are said to contain about 98.5 per 
cent of colloidal ferric hydroxide and about 1.5 per cent of ferric 
chloride. Ferric hydroxide is very feebly basic and dissolves in very 
strong bases to form ferrites. Freshly precipitated ferric hydroxide 
reacts very quickly with soluble arsenic compounds to form insoluble 
ferric salts (1). Therefore, it was at one time known as the Official 
Arsenic Antidote. It is held in less esteem in present-day medicine 
because it is only effective if used as a gastric lavage immediately 
following arsenic poisoning. If used, it should be freshly made 
because it loses its activity upon standing. 

(1) Fe(OII )3 + 3KAs 02-> Fe(AsO.>)3 i + 3K01I 

Ferri Oxidum Saccharatum (Saccharated Ferric Oxide, Soluble 
Ferric Oxide, Ferrum Oxydatum Saccharatum, Kisenzucker), N. F. 
VII, contains, in each 100 Gm., the equivalent of not less than 
2.8 Gm. and not more than 3.2 Gm. of Fe. This preparation con- 
sists of a mixture of sugar and ferric saccharate, Ci2ll220u(Fe20;})2 
+- Ci2H220iiNa20. It is prepared by adding a solution of ferric! 
chloride to a solution of monohydrated sodium carbonate (1). 

(1) 2FeCl3 + 3Na2C03 . II2O 2Fe(OH)3 i + GNa( 4 + SCO. T 

The liquid is decanted and the ferric hydroxide washed with dis- 
tilled water until a portion of the washings, when diluted with 
5 volumes of distilled water, gives only a slight opalescence with 
AgNOs T.S. The precipitate is transferred to a porcelain dish, 
sugar and a sufficient quantity of a 15 per exmt solution of sodium 
hydroxide to produce a clear solution, is added. The mixture is 
then evaporated to dryness on a water-bath. Average dose — 
Metric, 2 Gm. ; Apothecaries, 30 grains. 

Ferric Pyrophosphate [Fe4(p207)3.9Il20].— This salt is formed 
as a yellowish-white precipitate when a solution of sodium pyro- 
phosphate is treated with ferric sulfate. Although insoluble in 
water, it readily dissolves in solutions of the alkali citrates to form 
green solutions. 

Ferric pyrophosphate was recognized under the title, Ferri Fyro- 
phosphas Solubilis in the seventh edition of the National Formulary. 
It was described as ‘'ferric pyrophosphate rendered soluble by the 
presence of sodium citrate, and yields not less than 10.5 per cent 
and not more than 12.5 per cent of Fe.’' This compound is made 
by dissolving uneffloresced sodium pyrophosphate in an aqueous 
solution of ferric citrate. The solution is concentrated to a syrupy 
consistency on a water-bath at a temperature not exceeding 60® C. 
and then spread on glass plates and dried. When scraped from the 
plates, the salt occurs in thin, transparent, odorless, apple-green 
scales. It also occurs in pearls or granules. The “scale salt” is 
readily soluble with a slightly acid reaction in water. It is insoluble 
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in alcohol. Moist air and light decompose it. Average dose— 
Metric, 0.25 Gm.; Apothecaries, 4 grains. 

Ferrous Chloride (FeCh).— Native ferrous chloride is known as 
LawrencUr. White, shining crystals of anhydrous ferrous chloride 
may be obtained by passing hydrogen chloride over red hot iron or 
by reducing ferric chloride in a current of hydrogen. Greenish- 
blue, monoclinic crystals of the tetrahydrate (FeCl2.4H20) are 
obtained by evaporating in mmo a solution of iron or iron car- 
bonate in hydrochloric acid. The salt is very unstable as it del- 
iquesces in air and effloresces in a desiccator. It is readily soluble 
in water and in alcohol. When heated in air, it decomposes into 
ferric oxide and ferric chloride but when heated in steam it forms 
the ferroso-ferric oxide, hydrochloric acid, and hydrogen. It unites 
directly with ammonia to form an addition product, Fet'b 3NH;i, 
which loses ammonia when heated. 

Ferrous chloride is used medicinally in the form of an elixir for 
its hematinic properties. (See also p. (>27.) 

Ferrous Lactate [Fe(C 3 Hf, 03)2 3 H 2 O] (N. N. K., 1947).— It occurs 
as a greenish-white crystalline powder, or in crystalline crusts. 
It is slowly soluble in about 40 parts of water at 25° C., and in 
12 parts of boiling water, giving solutions that are slightly acid 
to litmus. Alkali citrates form green solutions of the salt. It is 
nearly insoluble in alcohol. 

It can be made by digesting iron with lactic acid (1). When the 
reaction has ceased, the solution is filtered, concentrated, and crys- 
tallized. It may be obtained also by dissolving crystallized calcium 
lactate in water and then agitating the solution with ferrous sulfate 
(2). Alcohol is then added to facilitate the separation of calcium 
sulfate, the mixture is filtered, and the filtrate evaporated to 
crystallization. 

(1) 2 GIl 3 .CII(OH)C(X)H + Fe ^ [CH 3 .CH(OH)COO] 2 Fe + 

H‘> I 

(2) l('H3.CH(0H)C00]2Ca.5H20 -b FeS04.7H20 [CIF - 

CII(0II)C00]2Fe.3H20 -b CaS 04 . 2 H 20 i -b 7 H 2 O 

Ferrous lactate is sometimes employed in the treatment of chlorosis. 
It is said that very little, if any, gastric irritation follows the admin- 
istration of ferrous lactate. Average dose— Metric, 0.3 Gm.; 
Apothecaries, 5 grains. 
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COBALT AND COBALT COMPOUNDS 

COBALT 

Symbol, Co. Valence, II, III. Atomic Weight, 58.94; 

Atomic Number, 27 

History and Occurrence.— At one time, the name “cobalt” was 
given to a certain mineral which was used to produce a blue color in 
glass. In 1735, G. Brandt succeeded in preparing an impure cobalt 
which he called Kobalt-rex. It is said that the element obtained its 
name from the German word der Kohold (“a goblin or gnome”). 
This name was used to designate iron ores from which it was thought 
to be impossible to obtain metallic iron because of the interference 
of evil spirits. 

This metallic element is usually found in Nature associated with 
nickel, iron, copper, and silver minerals in the form of arsenides 
and sulfarsenides [smaltitey CoAso, apeiss-cohalt (Co, Ni, Fe)As2, 
cobalt glance ((^oFeAs)S2, cobaltitCy CoiVsS]. It occurs also as the 
sulfides {limixite, C03S4, syepoorite, CoS), arsenate {erythrite [cobalt 
bloom], C03AS2O7.8H2O), and as mixed oxides of cobalt and manga- 
nese {aabolitey wady CoMn0.2Mn()2.4H20). Nearly all of the 
cobalt used in the United States is imported from Europe, where 
most of it is recovered as a by-product from the smelting of copper 
ores obtained from Belgian Congo. The silver ore deposits near 
Cobalt, Ontario, are rich in cobalt, and now supply the United 
States with large quantities. It is estimated that the World pro- 
duction of cobalt in 1946 was 597 metric tons. 

Properties. — Pure cobalt is a pinkish-white metal having a specific 
gravity of 8.8 at 20° C. It is harder than iron, possesses magnetic 
properties, and melts at 1480° C. It boils at 2900° C. It crystal- 
lizes in the cubic system. 

Chemical Properties.— It dissolves slowly in dilute acids and, like 
iron, exhibits the phenomenon of passivity {q. v.). Cobalt forms 
two series of salts, cobaltous and cobaltic. Cobalt reacts with car- 
bon monoxide to form carbonyls. The following equations repre- 
sent some of the reactions of cobalt in solution. 1. Alkali sulfides 
precipitate black, cobaltous sulfide from solutions of cobaltous 
salts (1). 

(1) Co++ + S=-^ CoS i 

2. Fbced alkali hydroxides precipitate blue basic salts, which 
rapidly change to an olive green color (2). If boiled soon after its 
precipitation, the color changes from blue to pink, due to the 
formation of cobaltous hydroxide [Co(OH)2] (3). 

(2) Co++ + Cl- + OH- Co(OH)Cl i 

(3) Co(OH)Cl + OH- Co(OH )2 -h C\~ 
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3. Ammonium hydroxide precipitates blue basic salts from solu- 
tions of cobaltous salts. The precipitates are soluble in an excess of 
the reagent and form bright colored solutions of complex ammonio- 
cobaltous hydroxide [Co(NH3)6(OH)2] which rapidly oxidize to 
ammonio-cobaltic hydroxide [Co(NH3)6(OH)3]. 

4. Alkali carbonates precipitate reddish, basic cobaltous carbon- 
ate [€0805(003)3], which turns violet to blue when boiled. 

5. When a solution of a cobaltous compound is warmed with 
potassium chloride, potassium nitrite, and acetic acid, a yellow 
precipitate of potassium cobaltinitrite is formed (4). 

(4) CoCb + 6KNO2 + HNO2 + HC2H3O2 Co(N02)3.- 

3KNO.4 + 2KT1 + KC2H3O2 + H2O + NOT 

6. When cobalt compounds are fused into a borax bead, a blue 
color (due to cobalt metaborate, €0(602)2) is produced. 

7. When a fused aluminum compound is moistened with a solu- 
tion of cobalt nitrate, a blue color (due to cobalt aluminate, €0- 
[A102]2) is produced. 

8. Vogel’s reaction: When a concentrated solution of ammonium 
thiocyanate is added to a cobaltous solution, ammonium cobalto- 
thiocyanate (beautiful blue) is formed (5). Ferric ion interferes 
with this test but may be removed by the addition of stannous 
chloride. 

(5) €o++ + 2Nn4^ + 4€NS~ -> (NH4)2(€o(€NS)4) 

Commercial Manufacture.— €obalt can be obtained (1) by the 
reduction of the monoxide or chloride with hydrogen or carbon 
monoxide, (2) by the Goldschmidt process, (3) by heating the 
oxalate under a layer of powdered glass, (4) by the electrolysis of the 
chloride, and (5) by chemical solution and precipitation. 

Pharmacological Action of the Cobalt Ion. — Cobalt salts administered 
by parenteral injection cause marked circulatory effects such as a fall 
in blood pressure and general capillary damage. The blood pressure 
is lowered, probably b\’ injuring the blood vessels. There are 
(‘onvnlsive movements which indicate central nervous system stimu- 
lation followed by tremors and chorea-like movements, later by 
tetanus, and finally paralysis. 

When taken orally cobalt salts may induce vomiting and diarrhea. 
They are not especially irritating to mucous membrane. The salts 
are rapidly absorbed from the intestinal tract and are excreted 
largely in the urine. Nephritis may result from kidney damage. 

Uses. — The principal use of cobalt metal is in the manufacture of 
special steels {q. v.) and alloys. Cobalt alloys are very hard, resist 
oxidation, take a high polish, and maintain their temper even at 
high temperatures. 

Cobalt has been found to stimulate the hematopoietic system 
when ingested in extremely small quantities over a period of time. 
This element is essential in the development of erythrocytes and 
hemoglobin. It is believed to stimulate the bone marrow. As far 
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as is known cobalt does not effect leukocyte formation. Since 
only traces of cobalt are necessary for the body and this amount 
is in the daily diet, there is little occasion to administer it. 

Cobalt Compounds 

Oxides a,nd Hydroxides.— Cobaltous Oxide (OjO). - "J'his gray to 
greenish oxide is obtained (1) by heating the blue cobaltous hydrox- 
ide (CofOHJo) or carbonate (CoCO.O in air, (2) by carefully heating 
cobalt oxalate (C0C2O4) in a current of hydrogen or ( 3 ) by heating 
the cobalto-cobaltic oxide (C().i04) in a current of carbon dioxide. 
It has a density of 5.(i8 and decomposes at about 800° C. It dis- 
solves easily in warm, dilute mineral acids forming cobaltous salts. 
When a mixture of pure sand, potassium nitrate and cobaltous 
oxide is fused and the cooled product ground and powdered, the 
product is known as smalt. This blue powder contains from 
6 to 16 per cent of cobalt and is used as a paint pigment and also 
in the ceramic industries. When cobaltous oxide is fused with zinc 
oxide, a green mass results. When the material is powdered, it is 
known as Rinman^s Green. It is used also as a paint pigment. 
Cobaltous oxide is used in the manufacture of cobalt glass (blue 
glass). 

Cobaltous Hydroxide [Co(OII)2].— (See Chemxal Properties.) 

Cobaltic Oxide (C02O3).' This oxide is obtained as a velvety 
black powder by heating the nitrate or cobaltic hydroxide just 
sufficiently to effect decomposition (about 180 ^ C.) but not enough 
to form the C03O4. 

Cobaltic Hydroxide [Co(OH)3]. — Cobaltic hydroxide is made by 
adding a solution of an alkali hypochlorite to a solution of a cobalt 
salt, or by passing chlorine through an aqueous suspension of cobalt- 
ous hydroxide or carbonate. This hydroxide dissolves in cooled 
acids to form solutions of rather unstable cobaltic salts. 

Cobalto-cobaltic Oxide (C03O4) is the most stable oxide of cobalt. 
It is made by heating any of the oxides or hydroxides, the carbonate, 
nitrate, or oxalate to a dull red heat in air or oxygen. It has been 
used externally as an astringent antiseptic powder. 

Halogen Salts.— Cobaltous Chloride (('0CI2 6II2O). - Cherry-red, 
prismatic crystals of this salt are obtained by crystallizing the salt 
from a solution made by the action of hydrochloric acid on cobalt- 
ous oxide. The anhydrous salt is blue in color and may be made 
by heating the crystalline hexahydrate; by burning the metal in 
chlorine; or by heating the sulfide in a current of chlorine, ( o- 
baltous chloride has been used for many years as the basis for 
imisible or sympathetic inks. When a dilute solution of cobaltous 
chloride is used as a writing fluid, the marks are almost indiscernible. 
However, when the paper is warmed, the deposited salt is dehy- 
drated and turns blue, thus making the marks distinctly visible. 
The blue color soon fades again in contact with air containing 
moisture. Cobaltous chloride combines directly with ammonia 
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to form a long series of complex derivatives, e. g., C0CI2.NH3, 
C0CI2.2NH3 (alpha and beta), C0CI2.4NH3, C0CI2.5NH3. It is 
used in the manufacture of barometers, hydrometers, etc. It is used 
in military and industrial gas masks that are especially designed 
for protection against ammonia gas. 

Cobaltous Bromide (CoBr2.6H20).— Cobaltous bromide (pale red 
to violet crystals) closely resembles the chloride and may be prepared 
in a similar manner. It is used in the manufacture of hygrometers. 

Cobaltous Iodide ((\)l2.(>n20).— Cobaltous iodide is obtained as 
a grayish-green mass by heating cobalt and iodine together. It 
dissolves in water to give a red solution from which red hexagonal 
prisms of the hexahydrate (C 0 I 2 .GII 2 O) may be crystallized. These 
effloresce easily at 27° C. It is used in making hygrometers. 

Cobaltous Nitrate [Co(X 03 ) 2 .GH 20 ]. -Red, deliquescent, mono- 
clinic prisms of this hexahydrate are obtained when a solution of the 
metal, its hydroxide, or carbonate in nitric acid is evaporated. It 
is readil>' soluble in water and in alcohol. It is used in making 
cobalt pigments and in invisible inks. The nitrate forms an insolu- 
ble compound with cyanides (CX“) and has been suggested as an 
antidote in cases of poisoning. Because of the speed of cyanide 
poisoning no antidote is very successful. 

Cobaltous Sulfate (C 0 SO 4 . 7 II 2 O).— Dark red, monoclinic prisms 
of this salt are deposited when a solution of cobalt, cobalt oxide, 
or cobalt carbonate in dilute sulfuric acid is concentrated. The 
crystals are isomorphous with ferrous sulfate. The anhydrous salt 
is obtained by warming a solution of these crystals in concentrated 
sulfuric acid. 

Cobaltous Sulfide ((\)S).— This compound can be obtained in 
bronze colored crystals by heating cobaltous oxide with sulfur, 
or by fusing a mixture of anhydrous cobaltous sulfate, barium 
sulfide and sodium chloride. It is obtained as a black, hydrated 
precipitate by the action of alkali sulfides upon cobaltous salts. 
In the moist state it readily oxidizes into forms that are less easily 
soluble in acids than the freshly precipitated sulfide. 

Simple and Complex Cobalt Cyanides.— Alkali cyanides, c f/., 
K(^N^, precipitate a brownish-white, cobaltous cyanide from solu- 
tions of cobaltous salts (1). This precipitate dissolves in an excess 
of the precipitants to form colorless, double cyanides (2). Cold 
dilute acids reprecipitate cobaltous cyanide (3). When a solution 
of an alkali cobaltocyanide is digested with a few drops of hydro- 
chloric acid (KCX + HCl KCl + HCX), the alkali cobalti- 
c*yanide is produced (distinction from nickel) (4 and 5). 

(1) CoCl, + 2KCN > Co{CK) 2 i + 2KC1 

(2) Co(CN)2 + 4KCN -- K4Co(CN)6 

(3) K4Co(CX)« + 4HC1 ro(CN)2 j + 4KC1 + 4HCX 

(4) 4Co(CN)2 + 4HCX + O 2 4Co(CX)3 + 2 H 2 O 

(5) Co(CN)3 + 3KCX - K3Co(CN)6 
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Potassium ferrocyanide precipitates grayish-green cobaltous ferro- 
cyanide from solutions of cobaltous salts (6). 

(6) 2CoCh + K 4 Fe(CN)e Co 2 Fe(CN )6 j + 4KC1 

Potassium ferricyanide precipitates brownish-red cobaltous ferri- 
cyanide from solutions of cobaltous salts (7). 

(7) 3CoCb + 2 K 3 Fe(CN)„ Co3(Fe(CN)6)3 j + 6KC1 

In the presence of ammonium chloride and ammonium hydroxide, 
potassium ferricyanide produces a blood-red color in solutions of 
cobaltous salts (distinction from nickel). 



CHAPTER XLVl 

NICKEL AND NICKEL COMPOUNDS 

NICKEL 

Symbol, Ni. \ alence, II or III. Atomic Weight, 58.69; 

Atomic Number, 28 

History and Occurrence.— This metallic element has been known 
from earliest times. Many centuries before Christ, the Chinese 
smelted ores (containing nickel and copper with those of zinc and 
tin to make an alloy called pakfong. This they used in making 
coins, ornaments, etc. An ore (*oinposed of nickel arsenide (NiAs) 
was known in 1()94. This natural product closely resembled ores 
rich in copper. However, when it failed to yield any copper upon 
smelting, it was called '‘Old Nick’s copper” or Kupfernickel, the word 
from which this element gets its name. In 1751, A. F. Cronstedt 
obtained the metal in an impure state from niccolite and the results 
of his work were corroborated in 1775 by T. 0. Bergman. 

Nickel occurs free and also alloyed with iron in meteorites. The 
principal ore deposits are around Sudbury, Ontario, and in the 
French (’olony of New Caledonia in the South Pacific. The ores 
of the Sudbury district consist of copper-nickel-iron sulfides (pj/r- 
rlwfite, chalcopyrite and penflandiie) associated with more or less 
colialt, whereas, those of New Caledonia, known as garnierite from 
their discoverer, J. (iarnier (1865), are hydrated silicates of nickel 
and magnesium, approximating the formula H 2 (Ni . Mg)Si 04 . (H 20 )n. 

Physical Properties. — Nickel is a lustrous, white metal having a 
density of 8.9. Sometimes it has a slightly grayish or yellowish 
tinge. It is malleable and ductile, takes a high polish, is very hard, 
and possesses magnetic properties when exposed to moist air. 
It melts at 1452 C. and boils at 2900° C. 

Chemical Properties.— The metal slowly becomes covered with a 
superficial film of oxide. Dilute acids slowly act upon nickel and 
liberate hydrogen. It is re«adily attacked by dilute nitric acid. 
The metal resists the corrosive action of alkalies. 

Solutions of nickel salts respond to the following chemical reac- 
tions: 1. Alkali sulfides precipitate black nickel sulfide from solu- 
tions of nickel salts (1). 

(1) Ni++ + NiS I 

2. From solutions of nickel salts, fixed alkali hydroxides precipi- 
tate pale-green nickel hydroxide [Ni(OH) 2 ] which is insoluble in 
excess of alkalies, but dissolves in ammonium hydroxide or ammo- 
nium salts to form blue solutions containing the complex, Ni(NH3)6- 
(0H)2. 

41 
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3. Alkali carbonates precipitate a green, basic nickelous carbon- 
ate of variable composition [Ni 5 ( 0 H)«(C 03 ) 2 ]. The precipitate dis- 
solves in ammonium hydroxide or ammoniutn salts to form blue 
solutions. 

4. Potassium cyanide precipitates yellowish-green nickel cyanide 
from solutions of nickel salts (2). The precipitate dissolves in an 
excess of the precipitant to form double cyanides (3). 

(2) Ni++ + 2CN- -> Ni(CN)2 i 

(3) Ni(CN)2 -h 4CN- ^[Ni(CN,)]- -= 

5. Potassium ferrocyanide precipitates greenish-white nickel fer- 
rocyanide from solutions of nickel salts (4). 

(4) 2Ni++ -f Fe(CX).'== ^ Ni,Fe(CN )3 j 

Potassium ferricyanide preci[)itates greenish-yellow nickel ferri- 
cyanide from solutions of nickel salts (5). 

(5) 3Ni++ + 2Fe(('X).= -> Xi;(Fe(rX)e).. i 

6. If dimethylgh’oxinie is added to an ammoniacal solution of a 
nickel salt, a bright red, insoluble, cr\'stalline precipitate is obtained. 
Cobalt does not react with this reagent. 

CFIa— C=XOH 

(6) 2 I -f Xi++ 4- 2NH:, 2NHC -|- 

cib,— r-=xon (C4M7N.>o,)2Xi 

7. Xickel colors the borax bead brown in the oxidizing flame. 
The color is masked by a small amount of cobalt. In the reducing 
flame, metallic nickel “clouds” the bead. 

Commercial Manufacture.— 'I'hc ore containing sulfides of copper, 
nickel, and iron (pentlandife) is roasted to convert the sulfur and iron 
to oxides and then smelted in a blast furnace. This blasting usually 
removes all but a very small amount (less than 1 per cent) of iron 
and a matte is obtained which consists of about 40 per cent of copper- 
nickel alloy and 60 per cent of sulfur. The larger part of the sulfur 
is burned off in a Bessemer converter and a product containing 
about 80 per cent of the copper-nickel alloy is obtained. This alloy 
(Monel metal) is more resistant to corrosion than steel and is used 
for wire, screens, sheet-metal, etc. 

Pure nickel may be made from this copper-nickel alloy either by 
the Browne electrolytic process or by the Mond process. 

In the Browne electrolytic process, the bessemerized matte is 
crushed, roasted and reduced in a reverberatory furnace to metal, 
which is cast into anode plates. When these are electrolyzed, the 
nickel goes into solution, any copper remaining therein is precipi- 
tated as sulfide and the iron is removed as hydroxide with caustic 
soda. The solution is then concentrated, the precipitated sodium 
chloride filtererl off, and the hot solution of nickel chloride again 
electrolyzed. 
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In the Mond process, the copper-nickel matte is crushed, treated 
with warm, dilute sulfuric acid to remove the copper and the residue 
reduced with cold water gas in a tower to a yellow, volatile nickel 
tetracarbonyl (NifCOjO. This liquid carbonyl boils at 43° C., and 
decomposes at 200° C. into pure nickel and carbon monoxide. It 
will be noted that cobalt does not form a carbonyl under the above 
conditions. 

Pharmacological Action of Nickel Ion. — (See Pharmacology of Cobalt 
Ion, p. 637 .) The actions of Ni and Co are almost identical. 

Uses.— Nickel is used extensively in the form of its alloys for 
making domestic utensils, coins, surgical instruments, automobile 
parts, chemical apparatus, etc. A nickel, zinc and copper alloy 
forms the well-known German silver. Finely divided nickel is a 
very active catalyst and is extensively used in the hydrogenation 
of cottonseed and linseed oils and other unsaturated organic com- 
pounds. 

Nickel Compounds 

Oxides and Hydroxides. — Nickel Monoxide (NiO).— This oxide 
occurs in Nature as the mineral bunsenite. It can be prepared by 
heating nickel hydroxide, carbonate, or nitrate. It is a green, crys- 
talline powder which turns yellow on heating. It is used in the 
preparation of the nickel salts and in porcelain painting. 

Nickelous Hydroxide [Ni(OII)2]. — Nickelous hydroxide is obtained 
as an apple-green, flocculent precipitate when an alkali hydroxide 
is added to a solution of a nickel salt. (See p. 641 .) It is used in 
the production of nickel salts. 

Nickelic Oxide (NiiOn) ( Nickel Peroxide, Sesquioxide) .—Thh oxide 
is obtained as a black powder by gently heating the carbonate or 
nitrate in air. It dissolves in oxyacids, such as nitric and sulfuric 
acids, with the evolution of oxygen and in hydrochloric acid with 
the liberation of chlorine. When strongly heated with oxj^gen, it 
is converted into Nb04. It is used in the production of oxygen and 
in storage batteries. 

Nickelic Hydroxide [Ni(OH)3].-~ Nickelic hydroxide is prepared as 
a black powder by adding a hypochlorite (or other strong oxidizing 
agent) to a solution of a nickel salt, or by passing chlorine through 
an aqueous suspension of nickelous hydroxide. 

Nickelous Chloride (NiCl2.6ll20).— Nickelous chloride is ob- 
tained in green, monoclinic prisms when a solution of nickel oxide 
in hydrochloric acid is concentrated and allowed to crystallize. 
When heated to 140 ° C., the salt loses water and is converted into 
the yellow anhydrous form. It is used in nickel-plating cast zinc, 
in the manufacture of sympathetic ink, etc. When the anhydrous 
salt is exposed to the action of ammonia or ammonium salts, it 
forms additive ammonia and ammonium compounds, e. g., NiClo.- 
6NH3, NH4Cl.NiCl2.6H2O. This property has led to its use in 
military and industrial ammonia-gas masks. 
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Nickelous Sulfate (NiS04.6H20).— When nickel oxide is dissolved 
in a slight excess of sulfuric acid and the resulting solution evapo- 
rated, bluish-green, quadratic pyramids of the hexahydrate crys- 
tallize out. If the crystallization is carried on at a temperature 
between 50 ° and 70 ° C., green, monoclinic crystals having the same 
amount of water of hydration are deposited. The salt crystallizes 
from nearly neutral solutions in green rhombic crystals containing 
7 molecules of water. This salt is used as a mordant in dyeing and 
in printing textiles. A 1 or 2 per cent solution of nickel sulfate is 
sometimes employed as a parasiticide in certain skin diseases. It 
is used also for blackening zinc and brass. 

When an acidified (sulfuric acid) aqueous solution of nickel sulfate 
is mixed with a solution of ammonium sulfate and the solution con- 
centrated, green crystals of the double sulfate [NiS04. (NIIi)2S04.- 
6II2O] separate out. An ammoniacal solution of this double salt is 
used as the electrolyte for electroplating. 

Nickel Sulfide (NiS).— Nickel sulfide occurs in Nature as viillerite. 
When obtained by heating nickel with sulfur or by subjecting nickel 
monoxide at red heat to the action of hydrogen sulfide, the product 
is a stable, yellow, somewhat crystalline mass. However, when pre- 
pared by adding ammonium sulfide to a solution of a nickel salt, it 
is thrown down as a black precipitate (nickel-equation 1). Nickel 
sulfide prepared in this way is said to exist in three modifications, 
which differ from one another by their solubilities in mineral acids. 
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THE PLATINUM METALS AND THEIR COMIOUNDS 

lnttod\xction.~- Rutlieniwfi (Ru; atomic weight, 101.7), rhodium 
(atomic weight, 102.91), palladium (Pd; atomic weight, 100.7), 
osviiwn (Os; atomic weight, 190.2), iridium (Ir; atomic weight, 
193.1) and platinum (Pt; atomic weight, 195.23) are collectively 
known as the “platinum metals’" because they occur together in 
alluvial sands and gravels and because they resemble the most 
important member of the group, platinum. Ruthenium, rhodium 
and palladium have atomic numbers of 44, 45 and 40, respective!}’, 
and form the second set of triads of Group VIII. These metals 
are closely related to each other and are often called the “light 
metals of the platinum group” because their densities are approxi- 
mately one-half those of the metals forming the third set of triads, 
niz., osmium, iridium and platinum. Their melting-points are very 
high, and range from about 1700° to 2500° C. The platinum metals 
are pol}'valent, the valences ranging from 1 to 8. They are chemi- 
cally ina(;tive. The}’ are not affected by air or oxygen at ordinary 
temperatures. Osmium and ruthenium burn when finely divided 
and strongly heated. Sodium formate reduces their metallic salts 
to the free metals. Possibly their most notable similarity is the 
formation of halogen and cyanogen derivatives, e, g. 

KoRnCL K,\m\ K^VdCl KoOsCL KslrCh KsPtCL 

KsRuCL K.RhCl, KsPdCL KoIrCL KoPtCb 

The salts of the oxygen acids of these metals are not very stable. 

Aqua regia dissolves ruthenium, palladium, osmium, and plati- 
num, whereas rhodium and iridium are only slightly attacked by it. 
Nitric acid acts upon palladium to form the nitrate [Pd(NO;0J, 
and upon finely divided osmium to form Os 04 . 

Very small quantities of these elements seem to be quite widely 
distributed in Nature. A large percentage (nearly 90 per cent) of 
the world’s supply of these metals comes from the Urals and the 
Caucasus, Columbia, (Tilifornia, Australia, Canada, and Borneo 
supply the rest. According to reports, extensive deposits have been 
discovered recently in Africa. 

RUTHENIUM 

Symbol, Ru. Valence, II, III, IV, VI, VH, and Mil 
Atomic Weight, 101.7; Atomic Number, 44 

Ruthenium was discovered by Claus in 1845. This element is a 
dark gray or black metal. It is very hard and brittle. It has a 
density of 12.26 and melts at about 2450° C. When finely divided 

( 645 ) 
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and heated to 600° C., the dioxide (RUO2) is formed. When 
limed, it forms green iridescent crystals. Its other oxides are RU2O3 
and RUO4 (yellow volatile peroxide). Ruthenium forms several 
chlorides, g„ RuCh, RuCh and RuCh. The addition of an alkali 
hydroxide to a solution of RuCh produces the hydroxide Ru(OH)3. 
Potassium chlororutheiiate (K2RUCI6) is formed by igniting a mix- 
ture of the metal and potassium chloride in a current of chlorine. 
Ruthenium is converted into potassium ruthenate (K2RUO4) by 
fusion with potassium nitrate and potassium hydroxide. This salt 
separates as black crystals from the yellow aqueous solution obtained 
by lixiviating the “melt.” By passing chlorine or steam through 
the mother liquor, the volatile RUO4 is obtained as yellow crystals 
(1) which melt at about 25.5° C. and boil at about 100.8° C. Dilute 
acid acts upon potassium ruthenate to form potassium peruthenate 
(KRUO4). This reaction recalls the behavior of manganese com- 
pounds. This oxygen compound forms deep green aqueous solutions . 
Ruthenium dissolves slowly in aqua regia. 

(1) K2R11O4 + CI2 -> 2KC1 + Ru 04 T 
Neither the metal nor any of its compounds has any uses. 

RHODIUM 

Symbol, Rh. Wilence, III, IV. Atomic Weight, 102.91; 

Atomic Number, 45 

Rhodium was discovered by Wollaston in 1803. In appearance it 
resembles aluminum. It has a density of 12.5 and melts at 1955° C. 
When heated strongly in oxygen, it forms the sesquioxlde (Rh^Oa). 
The sesquioxide is basic and gives derivatives such as 11112(804)3 - 
I2H2O and Rh(NO;03. The other oxides are Rha04, RhOj, Rh205 
and RhOa. Free chlorine attacks it and forms RhCla and RhCla 
(dark red). The latter forms KoRhCU with potassium chloride. 
Ammonio-complexes of the type formed by cobalt are known. 
Example: Rh(NH3)6Cl3. The pure metal in massive form is in- 
soluble in acids and almost insoluble in aqua regia. When in a 
fine state of division, the metal slowly dissolves in aqua regia, in 
concentrated sulfuric acid, or in fused potassium hydrogen sulfate. 
Rhodium sulfate forms alums {q. v,) with alkali sulfates. The vola- 
tility of platinum is reduced by the addition of from 3 to 5 per cent 
of rhodium. Such an alloy, being harder and more durable than 
platinum, is especially adapted for making “platinum” crucibles. 

PALLADIUM 

Symbol, Pd. Valences, !(?), II, III(?), IV. Atomic Weight, 106.7; 
Atomic Number, 46 

With the exception of platinum, palladium occurs in larger 
amounts than any other member of the family. It was discovered 
in 1803 by Wollaston. It is found associated with platinum in the 
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Urals and in Brazil. It is also found in the nickel ores of Sudbury, 
Ontario. It has a silvery appearance, is softer than platinum, has 
a density of about 11.4 and a melting-point of about 1555° C. 
which is the lowest melting-point of any of the platinum metals. 
The metal may be precipitated from solution in the form of a black 
powder. 

Palladium usually exhibits a valence of 2 or 4. It unites with 
oxygen to form PdO, Pd^Os and Pd02. When heated, it combines 
directly with sulfur to form PdS. The halogens attack palladium 
and form the respective halides (PdCb, PdBrs, etc.). Strong con- 
centrated acids, e. </., hydrochlork^ acid, hot sulfuric acid, nitric- 
acid, act upon the metal and form the chloride (PdCb), the sulfate 
(PdS 04 ), and the nitrate (Pd[N 03 ] 2 ), respectively. From these 
reactions, we find that palladium is the most basic element of the 
family. Aqua regia acts vigorously upon it to form chloropalladic 
acid (HJMCle).' 

Solutions of palladous salts yield with ammonia T.S., a salmon- 
colored precipitate which is soluble in an excess of the reagent. 
Hydrochloric acid added to this solution produces a yellow precipi- 
tate of palladodisammine [Pd(NH 3 ) 2 Cl 2 ]. Solutions of palladous 
salts yield with potassium iodide T.S. a black precipitate of Pdlj 
which is visible in 1 to 500,000 parts of solution. 

Finely divided palladium possesses to a greater degree than any 
other element the property of “occluding” or adsorbing large quan- 
tities of hydrogen. The finely divicied metal (“palladium sponge”) 
will adsorb at room temperature over seven hundred times its own 
volume of the gas. The action of hydrogen, which is very inactive 
at ordinary temperatures, is catalyzed by palladium. For example, 
it replaces copper from its salts (1), reduces ferric to ferrous salts 
(2) and converts chlorine into hydrogen chloride. Also, when a 
mixture of air and hydrogen is led over the powdered metal, the 
hydrogen is burned to water. 

(1) CuS 04 + lU H2SO4 + Cu 

(2) 2FeCl3 + H 2 2FeCl2 + 2HC1 

Palladium is used as an adsorbent for hydrogen in gas analysis. 
Its alloys with gold (“palau”), etc., resist corrosion and, therefore, 
are used for making jewelry, in dental practice, for coating reflec- 
tors, etc. The salts of the metal are sometimes used in photography. 
Also, metals are frequently coated with palladium. 

OSMIUM 

Symbol, Os. Valences, II, III, IV, VI, and VIII. Atomic Weight, 
190.2; Atomic Number, 76 

Osmium was discovered by Tennant in 1803. This element 
has a density of 22.48 and is the heaviest known substance. It 

^ From tliia compound, potassium iodide precipitates black palladous iodide 
(Pdlj) which is soluble in an excess of the reagent. This reaction is used as a test 
for palladium, but it is not as good as the formation of a reddish-brown precipitate 
by adding a-nitroso-^-naphthol to a solution of palladous chloride. 
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closely resembles zinc in color and luster and melts at 27(X)® C. 
Osmium occurs in platinum ores and in the form of an iridium alloy 
known as osviiridium. 

Osmium forms several oxides, mz., OsO, Os^Os, 0s02, and OSO4. 
Osmium tetroxide (OSO4) is analogous to ruthenium tetroxide (lluOd 
and is by far the most important compound of the element. It is 
formed b}^ heating powdered osmium in air or oxygen, or by treating 
the finely divided metal with aqua regia or nitric acid (either fuming 
or concentrated). It is volatile in steam; melts at 41 ° C.; and boils 
when heated to 134° C. The vapors are colorless, possess a disagree- 
able chlorine-like odor, and are very toxic* and irritating to mucous 
membrane. Perhaps its greatest danger is its action on the e}’es. 
Osmium tetroxide is sometimes called osmic acid. This is erroneous 
because the oxide docs not form salts and its aqueous solutions 
are neutral in reaction. Aqueous solutions of osmiuin tetroxide are 
used for hardening and coloring (black) histological specimens from 
which microscopic sections are to be made. 

In the massive condition, osmium is not attac ked even by acjua 
regia. However, when finely divided, it is acted upon by concen- 
trated inorganic acids. Osmium conforms to the group tendencT to 
form double and complex salts with ammonia [(Nn4)20s( 1,;J and 
the halogens (IvOsOb). 

IRIDIUM 

Symbol, Ir. Valence, 111, IV, and \l. Atomic Weight, 193.1; 

Atomic Number, 77 

In 1803, Tennant discovered iridium. It is a white, hard, brittle 
metal having a density of 22.4. It is malleable at red luHit and melts 
at 2350° C. In the massive state, it is nearly insoluble in acpia regia, 
but when finely divided, it dissolves slowly in this reagent. It also 
combines at red heat with oxygen, sulfur and phosphorus. When 
heated in the presence of sodium chloride, it reacts with chlorine 
to form the chloroiridate (NasIrCk). It is oxiclizc'cl by strongly 
heating it with sodium hydroxide and potassium nitrate. If the 
fused mass is treated witli aqua regia, a dark rc‘d solution of Najr( \ 
is obtained. Finely powdered iridium is a \'ery powerful cataly tic 
agent. Iridium imparts to its alloys its inherent property of resist- 
ing attack by powerful chemical reagents, e. g., fluorine. Therefore, 
it is alloyed with 90 per cent of platinum and used for making 
crucibles, thermocouples, standard weights and measures, and other 
chemical apparatus. Alloys of iridium with either platinum or 
osmium are used to tip gold pens. Its salts are sometimes used in 
photography and its oxides for coloring china. 

Iridium and its compounds closely resemble those of rhodium and 
nickel {q. v.). Three oxides of iridium are known, mz., IrO, Ir^Os and 
Ir02. Ir203 forms salts. Iridium forms four chlorides, viz,, Ir(U, 

IrCb, IrCla and IrCh. This element is more basic than acidic and 
possesses the group tendency to form double salts and complex com- 
pounds with the halogens and ammonia, ^(Nll.OsCb, Ir(NH3)4Cl2. 
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PLATINUM 

Symbol, Pt. Valences, II, III, IV, VI. Atomic Weight, 195.23; 

Atomic Number, 78 

History and Occurrence. — The name of this element is derived 
from the Spanish platinaj the diminutive of pZato, meaning silver. 
Ihis metal was first described by Watson (1750) and later studied 
by Marggraf and Bergman. Like gold, platinum occurs widely dis- 
tributed in Nature, but in exceedingly small amounts. It is found 
alloyed with other metals, e, g., ruthenium, rhodium, palladium, 
iridium, osmium, gold, silver, copper, iron, and in alluvial sands and 
gravels. The principal deposits are found in Canada, the U.S.S.K. 
and the Union of South Africa. The world production of platinum 
in 1946 is estimated to have been 576,000 troy ounces. The 
United States is the largest user of this metal. 

Physical Properties.— Platinum is a grayish-white, lustrous metal. 
It can be welded at red heat and easily fused in the oxy hydrogen 
flame (melting-point, 1755° C.). It boils at 4300° C. Its ductility 
approaches that of gold and silver. Its usual malleability is mark- 
edly lessened by the presence of other metals, such as iridium, os- 
mium, etc. It has a density of 21.45 and is fairly hard and tough. 
It is a good conductor of electricity and it has the lowest coefficient 
of expansion of all the metals. It may be sealed into glass. Molten 
platinum, like silver, adsorbs a large volume of oxygen. As the 
metal cools, oxygen is spasmodically liberated and gives rise to 
the phenomenon known as ^^spitting.^' When finely divided, 
platinum also adsorbs large quantities of gases, especially oxygen 
and hydrogen. These gases become so “activated"’ that they explo- 
sively combine with one another. Finely divided platinum often 
acts as an efficient catalyst. Its use in the form of platinized asbestos 
has been mentioned in connection with the contact process for mak- 
ing sulfuric acid. Since hydrogen diffuses through red hot platinum, 
it is unsafe to heat easily reducible substances in platinum vessels. 

Chemical Properties. — Platinum forms two series of compounds, 
the platinouii and the plafinicy in which the metal exhibits valences 
of 2 and 4, respectively. It forms complex salts with ammonia. 

Platinum is permanent in air and is not affected by hot or cold 
oxygen. It is not acted upon ordinarily by the common acids or 
by fused alkali carbonates. It is not attacked by dilute sulfuric acid, 
but the hot concentrated acid slowly acts on the metal and forms 
Pt(OH) . (HS 04 ) 2 . Neither hydrochloric nor nitric acid acts upon 
pure platinum, but aqua regia converts it into chloroplatinic acid 
(ILPtCle) (1). The addition of zinc to chloroplatinic acid reduces 
the latter to an extremely fine, hard, black powder known as plafi- 
nttvi black. This substance will adsorb and activate large quantities 
of gases, such as hydrogen, oxygen, carbon monoxide, etc. There- 
fore, it is a powerful catalytic agent. Platinum is attacked by the 
halogens, sulfur, phosphorus, arsenic and carbon (smoky flame of 
burner). Fused sulfates and nitrates have some action upon it and 
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fused hydroxides and peroxides have a more pronounced action. 
Platinum will form alloys with low melting-point metals, such as 
lead. The chlorides of magnesium and lithium will materially injure 
platinum. 

(1) 3Pt + 18HC1 + 4IINO:, all.PtCle + 4NOT + 8H,() 

Commercial Manufacture.— Much of the platinum is obtained as 
a secondary' metal during the refining of Cu, Pb, Ni, etc. 'J’he 
platinum-bearing sands and gravels are lex igated to obtain a residue 
containing from 60 to 80 per cent of platinum and associated metals. 
'Phis is digested with aqua regia, which slow l\ dissolves the platinum 
and allied metals, filtered, aiul the filtrate made almost neutral with 
a solution of calcium hydroxide. This precipitates most of the iron, 
copper, rhodium, and iridium and some of the palladium which are 
filtered off and the solution evaporated to dryness. The dried 
material is heated to about 125° C. and extracted with water and 
hydrochloric acid. Ammonium chloride is added to the solution 
to precipitate the difficultly soluble ammonium chloroplatinate 
([NHJsPtClc). The precipitate is dried and heated to redness to 
decompose the salt into a porous, metallic mass called apongy 
platinuvi. The massive or compact form of the metal is obtained by 
hammering the spongy metal at red lieat or by melting it in a 
refractory crucible which is heated by the oxyh\ (lrogen flame. The 
melted platinum is then cast into bars weighing from 2 to 5 kilos. 

Uses.— The physical properties of platinum, viz., malleability, 
ductility and high melting-point, together with its chemical inac- 
tivity, viz., resistance to acids and firsed alkali carbonates, make 
it especially suited for making crucibles, dishes, wire, foil and other 
physical and chemical apparatus. It is used for plating other metals 
and for making jew'elry. In a finely divided form, platinum is used 
extensively as a catalyst. 

Platinum Compounds 

Four oxides of platinum are known, viz., PtO, PtjOj, PtO^ and 
PtO.). PtO and Pt02 are black pow'ders obtained by gently heating 
the respective hydroxides. Platinous chloride (PtCb) is fonnetl by 
passing chlorine over finely divided platinum heated between 240° 
and 250° C. It is a gray-green insoluble penvder. It dissolves in 
hot hydrochloric acid to form chlomplaiinom acid (HjPtCh). Plati- 
num chloroplatinite is used in “toning” solutions for making plati- 
num photographie prints. Potassium platinocyanide [KjPtCCN)!.- 
SHaO] and barium platinocyanide [BaPt(CN)4.4H20] are yellow, 
strongly fluorescent powders. The barium salt is used for coating 
screens on which the shadows of objects interfering with the Roent- 
gen rays are observed during fluoroscopic examination. 

When platinum is dissolved in aqua regia and the solution evapo- 
rated with hydrochloric acid to expel nitric acid, brownish-red, 
deliquescent crystals of chloroplatinic acid (HjPtCh.eiRO) are 
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formed. A solution of chloroplatinic acid precipitates sodium, 
potassium and ammonium ions from their solutions. Sodium chlo- 
roplatinate (NaaPtCle) is not only the most soluble of the three 
salts but also differs from potassium and ammonium chloroplati- 
nates by being soluble in diluted alcohol. This difference in solu- 
bility has been made use of in effecting the quantitative separation 
of sodium and potassium (1). As previously noted, zinc reduces 

(1) IlJ’tCh -h 2KC1 KjPtCh i + 2IIC1 

chloroplatinic acid to a fine powder called platinum black. When 
asbestos or other fibrous material is saturated with a solution of 
chloroplatinic acid and then strongly heated, the acid is decomposed 
and leaves the finely divided platinum throughout the mass. This 
mass is then said to be “platinized” (platinized asbestos). Platinic 
chloride (PtCb) is made by heating chloroplatinic acid in a current 
of chlorine at .360° (1 This compound unites with water to form 
H2Pt(.’l40 . 4 II 2 O. With bases, it forms platinic hydroxide [Pt(OH) 4 ], 
which interacts with bases to give platinates. Platinous sulfide 
(PtS) and platinic sulfide (PtSj) are precipitated from the aqueous 
solutions of the corresponding chlorides by hydrogen sulfide. These 
brf)wnish-black powders are soluble in the alkali sulfides. 

A characteristic test for platinum depends upon the formation of 
a reddish-brown coloration when a solution of PtCb is treated with 
a solution of ijotassium iodide. A black precipitate of platinic 
iodide may be formed also. An excess of the KI produces K 2 ptl 6 , 
which is a brown, slightly soluble, and unstable compound. When 
solutions of the chlorides of the platinum metals are treated with 
sodium formate in neutral solution, the free metals are liberated. 
Sometimes the action is very slow and a point of near neutrality 
must he maintained. 
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During the years 1893-1895, Lord Rayleigh made a series of very 
accurate determinations of the densities of gases. lie noticed that 
nitrogen isolated from the atmosphere was always heavier than the 
nitrogen he prepared from compounds, such as ammonium nitrite, 
urea and the oxides of nitrogen. A constant difference in density of 
0.065 (II == 1) was too great to he considered as an experimental 
error by such a careful investigator as Rayleigh, so he was led to 
suspect the presence of some new gas in the atmosphere. In 1785, 
Cavendish came to the same conclusion after eliminating the ordi- 
nary components of air and finding a small, inactive gaseous residue 
that would not unite with oxygen on sparking over a concentrated 
solution of potassium hydroxide. Cavendish did not pursue the 
subject further, but Rayleigh repeated the experiment in conjunc- 
tion with Sir William Ramsay and, on removal of the last traces of 
nitrogen with red hot magnesium, found that the residual gas gave 
a spectrum different from that of any known element. Ramsay 
named the new element argon (Greek, meaning lazy) because of its 
complete chemical inertness. Ramsay and Travers then fraction- 
ated large quantities of liquid air and discovered neon, krypton and 
xenon. Ramsay also found helium in crude liquid argon, but a 
further search of 120 tons of liquid air failed to reveal the presence 
of any other new gases. 

HELIUM 

Ilelinm, U. S. P. XIII 

Formula, He. Atomic Number, 2. Atomic Weight, 4.003 

Physical Properties.— Helium is a colorless, tasteless, odorless gas 
with a density of 0.1380 (air = 1). Helium is the lightest of all 
gases with the exception of hydrogen, and has a buoyancy of 92.6 
per cent of the latter gas. A liter of the gas at standard temperature 
and pressure weighs not less than 174.5 mg. and not more than 
232.5 mg. Helium is practically insoluble in water. Experiments 
recently carried out show that it is also insoluble in blood (nitrogen, 
however, is much more soluble). 

Chemical Properties.— Helium is chemically inert. It does not 
support combustion and will prevent hydrogen from burning when 
mixed with it. 

Official Tests for Identity.— A burning splinter of wood is ex- 
tinguished in an atmosphere of helium. Mixtures of hydrogen and 
helium are neither inflammable nor explosive when oxygen is 
excluded. 

( 652 ) 



NEON 


653 


Commercial Manufacture. -In 1895, helium was shown to be 
present in the air. Ramsay found the amount to be 0.0004 per 
cent by volume, or 0.000056 per cent (1 part in 1,800,000 parts) by 
weight. It has been estimated that a total of 58 X 10^2 cm. of 
helium exists in the earth’s atmosphere. The gas is found in small 
percentages dissolved in many spring waters and mixed with the 
gases issuing from these springs. Helium has been detected in vol- 
canic gases, in natural gases and occluded in all radioactive minerals. 
Natural gases have been found with a helium content of 2 per cent; 
the average content of the wells in a zone comprising Texas, Okla- 
homa, Kansas, Illinois, Ohio, Pennsylvania and New York is only 
0.5 per cent. Natural gas wells all over the rest of the world con- 
tain very small percentages of helium. The wells richest in helium 
are those in Texas, Oklahoma and Kansas. These wells give the 
United States a monopoly as far as production on a commercial 
scale is concerned. The separation of helium from the other gases 
with which it is aSvSociated in natural gas is accomplished in a 
modified form of liquid air machine. Helium approaching a purity of 
100 per cent can be obtained in the final stage of adsorbing the 
remaining quantities of contaminating gases in charcoal at the 
temperature of liquid air. 

Helium resisted all attempts at liquefaction until 1908, when the 
efforts of H. K. Onnes were successful. Expansion of compressed 
helium at the temperature of liquid hydrogen resulted in liquefac- 
tion. Onnes found liquid helium to be colorless and very mobile; the 
liquid boils at —268.9° C. and has a density of 0.147 at —270.8° C. 
The critical temperature of helium is given as —267.9° C.; the criti- 
cal pressure is 2.26 A. It is interesting to note that at the tempera- 
ture of liquid helium, the electrical resistance of metals drops 
practically to zero; the metals become ‘‘superconductors.” 

Pharmaceutical Preparations and Uses. — 1. Helium (Helium), 
r. S. P. XHI.— Helium contains not less than 95 per cent by volume 
of He, the remainder consisting mainly of nitrogen. Helium has 
been used in respiratory diseases, for mixing with anesthetic gases 
and for the prevention of “bends” in underwater workers.^ Other 
uses suggested for helium include the cooling of electrical equipment, 
the pre.servation of food, and the formation of an inert atmosphere 
for carrying out chemical reactions which are sensitive to air. 

NEON 

Ramsay and Travers first obtained neon (Greek, meaning new) 
by fractional distillation of liquid air. The gas is colorless, odorless 
and chemically inert like the other members of this group. The 
density is 0.6962 (air =1). Neon can be condensed to a liquid which 
has a specific gravity of 1.204 at its boiling-point of —245.9° C. 
The critical temperature of the gas is —228.7° C., and the critical 
pressure is 25.9 A. 

» Chemical Industries, 67, 470 (1945'^ 
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The element is readily identified by a characteristic spectrum 
showing many bright lines in the red and in the orange portions. 
When an electrical discharge is sent through neon under diminished 
pressure, a brilliant orange-red glow results. Extensive use of this 
property is made for advertising purposes. Neon-filled glass tubes 
bent in the shape of letters and various designs make attractive 
signs and create unique decorative effects. The light has consider- 
able pienetrating power for fogs, so neon lamps have been installed 
in lighthouses, at airports and along passenger and air mail routes. 

ARGON 

The discovery of argon has been discussed at the beginning of 
this chapter. By far the most abundant and the most widely dis- 
tributed of the inert gases, argon is found in the air (0.94 per cent 
by volume), in natural gas, occluded in minerals and dissolved in 
the oceans and in all fresh waters. It has been calculated that 
about 800,000,000 pounds of argon are contained in the air above 
each square mile of the surface of the earth. 

Argon is a colorless, odorless gas with a density of 1 .378 (air =1). 
Liquid argon boils at — 185.7^ C. and has a specific gravity of 1 .402 
at its boiling-point. The critical temperature of the gas is —122.4° 
C., the critical pressure is 48 A. Solid argon melts at —189.2° C. 

The abundance of the gas, and the fact that it is a by-product of 
several liquid air processes, insure a low cost of production. At 
present, it is filled into electric lights to slow up the blackening of 
the bulbs and to secure longer life for the filaments. Fluorescent 
tubes used for lighting purposes contain a mixture of intTcury vapor 
and argon at a low pressure (3 mm.). 

KRYPTON 

Ramsay and Travers isolated krypton (Greek, meaning hidden) in 
liquid air residues from which argon had been separated. Ramsay 
found 1 volume cff krypton to be present in 20,000,000 volumes of 
air; the present value is 1 in 1,000,000. Small quantities of krypton 
are found in the gases issuing from thermal springs and occluded 
in certain minerals. 

Like the other members of the family, krypton is a colorless, 
odorless gas with a density of 2.8675 (air = 1). The critical tem- 
perature is —63° C.; the critical pressure is 54 A. Liquid krypton 
has a specific gravity of 2.155 at its boiling-point of —152.9° C. 
Solid krypton melts at -157° C. A mixture of this gas and xenon 
is used in tubes to produce an intense light of short duration for 
high speed photography. 

XENON 

The isolation of xenon by the fractionation of liquid air was 
accomplished by Ramsay and Travers. The name is derived from 
a Greek word, meaning the stranger. Xenon is the least abundant of 
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the inert gases, for there is only 1 volume of the gas in 11,000,000 
volumes of air. The gas has a density of 4.525 (air == 1), a critical 
temperature of 16.6° C., and a critical pressure of 58.2 A. Liquid 
xenon boils at -107.1° C.; its specific gravity is 3.06 at -109°. 
Solid xenon melts at —112° C. 

RADON 

In 1901, Dorn recognized the presence of a new inert gas given 
off by radium salts and their aqueous solutions. Rutherford and 
Soddy succeeded in liquefying the emanation; Ramsay and Collie 
demonstrated its possession of a characteristic spectrum. Ramsay 
called the gas niton, hut this has since been changed to radon. 

The gas occurs in all radium minerals and in small quantities in 
any waters that have come into contact with the minerals. Radon 
is much more soluble in certain organic solvents. Directly after 
the preparation of an aqueous solution of a radium salt, the rate of 
accumulated radon increases rapidly for a few days and then goes 
up more slowly, until a constant, maximum rate is reached. Radon 
itself undergejes radioactive disintegration but does not enter into 
any ehemical reactions. 

The density of radon is 7.525 (air = 1). The gas has a critical 
temperature of 104° C. and a critical pres.sure of 62 A. Liquid radon 
boils at —61.8° (.’. and has a .specific gravity of 4.4 at its boiling- 
point; .solid radon melts at —71° C. 

Radon is used in the treatment of cancer. The emanation is 
collected in small glass or gold tubes, and the.se are applied to the 
area to be treated. There is an economic advantage in the use of 
radon instead of a radium salt. Carelessness on the part of hospital 
staffs or patients has sometimes resulted in the loss of radium salts 
and a consequent heavy financial loss. With the use of radon, the 
radium salt need never be removed from the room in which the gas 
is collected. 



CHAPTER XLIX 

RADIOACTIVITY AND THE RADIOACTD'E ELEMENTS 

In 1878, Sir William Crookes discovered that when an electric 
discharge was passed through an evacuated tube (Crookes’ tube) 
the rays coming from the cathode (cathode rays) produced a green- 
ish-yellow fluorCvScence in the glass posteriorly to the anti-cathode. 
These rays were markedly different from the ordinary light rays in 
that they did not illuminate, could be deflected from their straight 
course by a magnet and caused certain chemical substances pla(*ed 
inside the discharge tubes to ffuores(;e. In 1895, while working in 
his laboratory with discharge tubes, Roentgen quite accidentally 
discovered that a fluorescent screen became luminous when placed 
near these tubes. He observed also that these radiations affected 
photographic plates and penetrated paper, flesh, wood and other 
substances opaque to ordinary light, Roentgen’s discovery of the 
.T-ra}' stimulated research in these fields and focussed attention on 
those phenomena which led a year later to the discovery of radio- 
activity. 

The fluorescence of glass subjected to cathode rays led several 
scientists to investigate those chemical substances wliich were ren- 
dered fluorescent by visible light. In 1896, Prof. II. Becquerel, a 
noted French physicist, exposed a photographic plate to phosphores- 
cent uranium potassium sulfate that had been wrapped in black 
paper, and found that the plate was fogged by rays emanating from 
this double salt. Furthermore, he observed that th(‘ air about the 
radioactive compound w^as conductive to electricity (ionized) as 
evidenced by the collapse of the leaves of a charged electros(!ope. 
Rutherford showed that this effect was due to the })roduction of 
ions in the gas through which the radiations passed. Some time 
later. Mine, (iirie conducted extensive reseanRes to determine 
what elements and their compounds possessed this property of radio- 
activity. She found only one other element, thorium, comparable 
in this respect to uranium. After she had established the fact that 
the radioactivity of a compound was proportional to the quantity 
of the element (thorium or uranium) present in the compound 
regardless of how it wa> combined, she then observed that the 
radiations from pitchblende (UsOg) were between four and five times 
more intense than that of metallic uranium, of which it contained 
only about 50 per cent. Having faith in her hypothesis, she quite 
logically concluded that pitchblende contained, besides uranium, 
one or more radioactive substances and set about isolating them. 

The Austrian government provided her with a large quantity of 
the residues left after the recovery of the uranium from pitchblende 
mined at Joachinenthal, Bohemia. These residues were found to 
( 666 ) 
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be from three to five times as radioactive as uranium itself. From 
them, Mme. Curie first isolated an element that was much more 
radioactive than uranium, and which she named poloniuM in honor 
of her native country, and, in 1898, the element radium, which she 
found to be one million times more active than uranium. Since 
then a number of naturally radioactive substances have been dis- 
covered. They are as follows: 


Atomic 



Principal clement 



of this atomic 

No. 



nurhber 

92 

Uranium, UII, 


u 

91 

UXo. UZ. Pa 


Pa 

90 

UXi, lo, UY. RdAc, Th. RdTh . . 

Th 

89 

An, MsThll 


Ac 

88 

Ra, AnX, MsThI, ThX . . 


Ra 

87 




86 

llaKrn, Acr^rn, ThlCm or Rn, 

An, Tn . 

Rn 

85 




84 

RaA, RaC', RaF (polonium), 

AcA, AcC', 

ThA, ThC' . Po 

83 

RaC, RaE. AcC. ThC 


. . Bi 

82 

RaR, RaD. RaG. AcB, AcD, 

ThR, ThT) 

. Pb 

81 

RaC". AcC", TliC" . 


. T1 


The radioactive elements are arranged into sequences or families: 
the uranium series, the thorium series, and the actinium series. 
According to this ((!ounting isotopes separately) there are about 
forty radioactive elements whose existence has been demonstrated. 

All elements having atomic weights above 222 are radioactive. 
lV)tassium, rubidium, samarium, and neodymium also possess this 
property to some degree. All radioactive compounds have the 
common property of emitting rays or particles which afi'ect a photo- 
graphic; plate protected from visible light and also cause the dis- 
charge of electrified bodies. AYhen an element is designated as 
being ‘^radioactive,’' it implies that such an element is unstable 
and is undergoing spontaneous decomposition or rather disintegra- 
tion at a definite and computable rate into other elements of the 
same or lower atomic weight. This disintegration process is invari- 
ably accompanied by the emission of radiations or “rays” that have 
been proven to be of three kinds. In 1899, Rutherford showed that 
the radiation from uranium was not a single ray but, rather, was 
composed of two kinds of rays which he called the alpha- and beta- 
rays, respectively. They differed from one another in penetrating 
power. Later, Villard discovered a still more penetrdting ray 
which he named the gamma-ray. In many cases these elements 
disintegrate so slowly as not to seem to change at all. Yet they do 
so with the evolution of an enormous quantity of energy. Radium, 
for example, gives out heat and light continuously and without 
being in any visible way consumed or altered. It appears to be 
performing the scientifically impossible act of producing energy out 
of nothing. From this it follows that the elements res\ilting from 
the radioactive change have less internal energy. 

1 . The Alpha-rays.— Oi the three rays, the alpha-rays or particles 
are the least penetrating. They are stopped by a sheet of paper or 
42 
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a few centimeters of air. Each particle is really the nucleus of u 
helium atom and, therefore, has a mass of 4. It carries two positive 
charges. These rays travel with an average velocity of 18, ()()() miles 
per second and ionize the air in their paths. They are deflected by 
a strong magnetic field. When the alpha-rays are received uix)n a 
zinc sulfide screen, minute flashes of light may be observed equal to 
the number of alpha particles which may be counted over a giv(‘n 
time. Soddy and Ramsay identified the lieliiim gas given off by 
radium compounds and measured the rate of its j)roduction. 

2. The Beta-ray6\-BecqueYel and Kaiifmann showed that the 
beta-rays consist of negative charges of electricity (electrons). Each 
of these particles has an apparent mass of that of a hydrogen 
atom and is projected with a velocity that may approach that of 
light. Ciiesel, (airie and Becquerel showed that beta-rays were de- 
flected by a magnetic field in a direction opposite to that observed 
for the alpha-rays. The beta-rays are electrons, identical with the 
cathode-rays and will penetrate thin layers of metal and other 
substances. 

3. The Ga7tima-rays\— These rays are not affected by magnetic 
forces and appear to be of the same character as the very short 
electromagnetic waves called .r-rays. The gamma-rays may be 
observed either from those substances which emit alpha- or beta- 
rays, They are much more penetrating than either the alpha- or 
the beta-rays, and will pass through great thi(*knesses of metal or 
other material of low atomic weight without complete absorption. 

ARTIFICIAL PRODUCTION OF RADIOACTIVE SUBSTANCES 

In 1919 Rutherford found that alpha particles from radioactive 
substances could, upon striking the nucleus of certain elements, 
notably nitrogen, transmute them by the immediate ejection of a 
proton. In 1932 Cockroft and Walton found that protons moving 
under the force of several hundred kilovolts could also produce 
immediate transmutation. In January, 1934, I. Curie and F. Joliot 
discovered that the action of alpha particles on boron produced 
transmutation which, instead of being instantaneous, gave an inter- 
mediate product which slowly changed to the final product, carbon, 
accompanied by the emission of positrons. This gradual process of 
transmutation is known as artificial or induced radioactivity. A 
variety of agents have been found effective in the case of many 
elements. Practically all of the elements have been found to have 
radioactive isotopes, some of them have several species, which can 
be produced by bombardment of neutrons, deuterons, or protons. 
The latter two must be accelerated by some suitable electric device 
such as the cyclotron, capable of giving very high voltage. Neu- 
trons, being neutral particles, cannot be accelerated in an electric 
field, but are the direct product of many of the nuclear changes. 

Protons and deuterons under high electrical propulsion as well as 
natural alpha particles can act on the lighter elements. Neutrons 
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produced from alpha-ray bombardment are universal in their action 
on heavy as well as light elements. 

Among the most important of the artificial radioactive elements 
are Na^^ and the former changing with a half-life of fifteen hours, 
the latter of fourteen days. Na^'^ emits electrons and gamma radia- 
tion more penetrating than that from RaC and may become a 
serious competitor with Ra in therapeutic use. has been used 
as a radioactive indicator to trace the location and migration of 
phosphorus compounds both in animals and in plants, and as a 
therapeutic agent by intravenous injection. Carbon 14 (C^^) having 
a half-life of about JWQtr\ ears and iodine 131 (P^i) ^ half-life 

of eight days are used extensively in biological and chemical studies. 


RADIUM 

Symbol, Ra. \ alence, II. Atomic Weight, 226.05; 

Atomic Number, 88 

In 1898, ]M. and Mine. Curie isolated this metallic chemical 
element from pitchblende, a uranium mineral. It was named radhnn, 
from the Latin radrm, a ray, because of its intense radioactivity. 

In Nature, this element is found very sparingly associated with 
uranium. It occurs also in some natural spring waters. The residues 
remaining after extracting the uranium from Bohemian pitchblende, 
provide most of the European radium. A potassium uranium vana- 
date {carnotite) found in Utah and Colorado was formerly the source 
of some of the radium used in this country. Most of the world’s 
present supply of radium has had its origin either in the uranium 
deposits in the Belgium Congo in Central Africa or at Great Bear 
Lake in the Canadian Northwest Territory. Although radium 
occurs more plentifully than any other therapeutically used radio- 
active element, its extreme scarcity is evidenced by the fact that 
Mine. Curie obtained only a fraction of a gram of the chloride from 
1 ton of uranium residues. 

In general, the properties of radium resemble those of the alkaline 
earths, especially barium, from which it is separated by the frac- 
tional crystallization of its halogen salts, usually the bromide. Its 
spectrum is characteristic. Its atomic weight, together with its 
analytical reactions and chemical behavior, place it in Group 11. 

Radium is a product of the disintegration of uranium (1). The 
discharge of a/p/ia-rays over an estimated period of 4.5 million 
years changes one-half of uranium into UXi, which, however, 
breaks down at such a rate that in 23.8 days it is about one-half 
gone, etc. The result is that at any time there are very small quan- 
tities of UXi, UX 2 or UZ present, but more of UII, lo and Ra. 
The times given (half-change periods) are not those required for 
the substance to disappear, but only to drop to one-half of its 
original amount. After 76,000 years of alphorray emanation, one- 
half of ionium is completely changed to radium. The designated 
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disintegration changes are always accompanied by the emission of 
electrons or helium nuclei (beta or alpha particles). 

a S S a a a 

(1) UI > UX — UX 2 » UII > lo > Ra » Rn 

\ / 

4.5 X 10» 23.8 days 1.15 min. 2 X 10« yrs. 9 X 10< yrs. 1580 yrs. 
\ / 

UZ 

6.7 hrs. 

Shortly after the discovery of radium, 1 )orn observed that radium 
emanation is a gas which is chemically inactive and, therefore, 
resembles the inert gases. Ramsay and Gray named this gas 
niton, but it is now called radon. It was found that this gaseous 
element is slightly soluble in water and very soluble in fixed oils, 
especially olive oil. Carbon, petrolatum and some other organic 
substances hold this gas very well. Solutions of this gas give off 
a/p/?a-rays, but in 3.85 days (half period only) undergo radioactive 
disintegration into radium-A (half-change period = 3 minutes), 
then to radium-B (half-change period = 26.8 minutes) and then 
to radium-C (half-change period = 19.5 minutes) which gives off 
alpha-, beta- and gamma-rays. The next disintegration product is 
radium-D (half-change period = 22 years) which changes to short- 
lived radium-E (half-change period = 5 days) and then to radium-F 
or polonium. The emission of alidia-niys for 136 days (half-change 
period) by polonium yields the final decomposition products, RaG 
(U lead, Urb). 

Uses.— The radiations from radium, like the Roentgen rays, are 
capable of destroying living cells. This property was unknown until 
1901, when Becquerel received a severe burn from a tubed sample 
which he had carried around for several weeks in his waistcoat 
pocket. The blood vessels and blood-making organs of the body 
are especially susceptible to the action of radium rays. Radium, 
for therapeutic purposes, is applied in the form of one of its salts 
(usually the bromide, RaBr 2 ) or as the emanation (radon). (Radium 
salts or radium emanation are used to arrest and cure malignant 
growths. When small gold capsules of radium emanation are buried 
in cancer tissue, they cause the degeneration of the cancer cells with 
subsequent reduction in the size of the growth.) It has been of 
value in the treatment of enlarged thyroids, cataracts and hardened 
scar tissue. 

Measurement of Radioactivity. A iiu?a.sure of the radioactivity 
of a substance may be obtained by comparing the rate at which it 
discharges a charged gold leaf electroscope to the rate of discharge 
caused by some compound of known radioactivity. The value of 
radium preparations is dependent upon the amount of radium 
present in them. The United States Bureau of Standards offers the 
following method of determination, viz.: By measuring the rate of 
discharge of an electroscope by the gamma-rays that have passed 
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through a sheet of lead 1 cm. thick. The units employed for express- 
ing radioactivity are of two kinds, viz.: (1) Those that express 
actual quantity of radium present as such; and (2) those that 
express the emanation concentration. The quantity of radium 
present in a compound may be expressed in (a) milligrams or 
decimals thereof, or (b) in micrograms or decimals thereof. A 
micrograrn is 0.001 part of a milligram. The amount of emanation 
may be designated in: (a) Curies, millicuries or microcuries; the 
curie is the maximum quantity of emanation emitted by 1 gram 
of radium or, in other words, that quantity of emanation resulting 
when 1 gram of radium is in equilibrium with its disintegration 
products, (b) A Mache unit is equal to of 1 microcurie of 
radium emanation per liter (of water). 

Of late years so-called ^'counting’’ methods are employed for 
the detection and measurement of radioactive substances. By this 
method the actual number of particles or rays emitted can be 
counted by use of the Geiger-Miiller electrical counter. This 
enables the detection and determination in very small quantities. 

ATOMIC FISSION 

After the discovery of the neutron by Chadwick in 1932 it was 
natural to try it as a bombarding agent of the various elements. 
It was found that on account of its having no charge, it could enter 
the nuclei of the heavy elements as readily as those of the light ones. 
Fermi bombarded the element Uranium with neutrons and found 
a multiple emission of beta particles, which he interpreted as the 
successive production of elements 93, 94, 95 and 96 by beta-my 
change. In January, 1939, however, Hahn and Strassman proved 
the presence of Barium in the bombarded Uranium. This discovery 
led to the idea of fission— by which is meant that the element 
Uranium is split by the entrance of a slow neutron and then emits 
two or three high-speed neutrons and several beta particles. 

The two products of fission are elements distributed in pairs all 
the way from those with atomic number 30 up to about 60. The 
sum of the atomic numbers of each pair must be equal to that of 
Uranium 92. This gives some 30 or 40 fission products which are 
isotopes of known elements in the range mentioned. Some of these 
isotopes were previously known; others are new. In tlie Lranium 
pile they are produced in much larger quantities than have hitherto 
been available either in natural radioactive elements or by produc- 
tion in the cyclotron. They are now available for practical use. 
Some of them are useful in therapy, others as tracer elements. 

It was found by Nier that it is the isotope U^^^, which occurs in 
the natural mixture to the extent of about 0.7 per cent, which pro- 
duces rapid and multiple fission. This property has been used in 
the production of the atomic bomb. 

By mixing Uranium and Graphite in a suitable geometrical 
arrangement, a self-sustaining chain reaction is achieved which 
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is made use of at Pasco, Washington, in operating a pile for the 
production of a new element. No. 94, called Plutonium, which is 
also like fissionable and has the advantage of easy chemical 
separation from rranium; whereas, the separation of a,,,] 
is difficult and expensive. 

It is possible that the atomic energy produced by fission may be 
utilized for industrial power production. One great difficulty con- 
sists in the large amount of very j^netrating radiation which is 
released by fission. To protect against this requires such a large 
mass of shielding that the use of atomic energy for any small scale 
use seems to be prohibited. Also the radioac*tive gases that are pro- 
duced must be kept confined to avoid serious contamination of the 
surrounding atmosphere. 

Elements 43, Gl, 85 and 87, which have never been found in 
Nature, have recently been produced by bombardment of neighbor- 
ing elements. The isotopes which are thus produced and have been 
found ra'clioactive have been given the following names: 

43 Technitium 

61 Formerly Illinium and has not been renamed 

85 Astatine 

87 Francium 


THORIUM 

Symbol, Tli. \’alence, IV. Atomic WVight, 232.12; 

Atomic Number, 90 

In 1815, Berzelius extracted what he thought to be a ‘.‘new earth” 
from several rare Swedish minerals. lie named the substance 
flioria after the Scandinavian god, Thor. 1 1 is new element was 
later found to be a basic yttrium phosphate. However, in 1828, 
he discovered thorium in the mineral thorite (ThSi04 or ThOj .SiOi) 
which occurs in small amounts at Lenin. 

The principal source of thorium is the monazite sands of Brazil, 
India and North and South Carolina. It is found also in the mineral 
thorianitej a mixture of thorium dioxide and uranium oxides. 

Thorium is a soft and ductile metal having a density of 11.2. 
It melts at 1845^^ C. and is only slowly attacked by acids. Aqua 
regia dissolves it. This element is decidedly basic in character and, 
in chemical behavior, it closely resembles the rare-earth elements. 
Thorium forms a complete series of single [Th(S04)2.4H20] and 
double salts [MgTh(NO;06.8H2O] in which'it is quadrivalent. 

Thorium is a radioactive element and, like uranium, is the parent 
element of a series of disintegration products, such as mesothorium I 
(half-change period = 6.7 years), mesothorium II (half-change 
period = 6.2 hours), radiothorium (half-change period = 1.9 years), 
thorium X (half-change period = 3.64 days), thorium emanation 
(half-change period = 54.5 seconds), thorium A (half-change period 
= 0.14 second), thorium B (half-change period = 10.6 hours). 
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thorium C (half-change period = 60.8 minutes), thorium C' (half- 
change period = 10~“ seconds), thorium C“ (half-change period = 
3.2 minutes) and thorium D which is thorium lead and is not 
radioactive. The disintegration stages are all going on at the same 
time. In the steady state, the amount of any product present 
varies directly as its half-peruxl. 

Uses.- Thorium was introduced into medicine very soon after 
radium. Soluble thorium salts very closely resemble alum in their 
local astringent and irritant properties. The nitrate [Th(N03)4.- 
4II2O] and sulfate [Th (804)2- 41120] have been used in the treat- 
ment ot diarrhea, llie non-toxic double salt, sodium and thorium 
citrate, is opaque to Roentgen rays and, because it is excreted by 
the kidneys, a neutral 10 jfer cent aqueous solution is sometimes 
used for diagnostic pur})oses in pyelography and cystography. 

Mesothoriurn is used in the manufacture of luminous paints. 
The radioactive substance is mixed with small crystals of zinc 
sulfide and a ‘"binder,” and painted upon clock and watch dials, 
electric* pull switches, etc. The zinc sulfide fluoresces when acted 
upon by the a/p/?a-rays of the radioactive substance. 

Thorium nitrate is used in making Welsbach mantles. The frame- 
work of the mantle is woven from the very fine and strong fibers of 
grass cloth (Boehmeria nivea). This is saturated with a solution 
containing thorium nitrate and cerium nitrate in the proportions of 
09 to 1, moulded to the desired shape and dried. The organic mat- 
t(‘r is burned away in a Bunsen flame and the nitrates are decom- 
posed to oxides (1) (2). 

(1) Th(NO;04 ThO. + 4NO T + 30. T 

(2) (, e(NO;d3 — ^ OeO. 3NO ^ -f- 20. 

The oxides retain the shape of the cloth and, in order to prevent 
breakage, the delicate mantle is dipped in collodion and dried. 
These oxides hasten combustion by virtue of their contact action, 
and thus produce a much higher temperature on their surfaces than 
is observed for the rest of the flame, h'or the same amount of 
illuminating gas, the Welsbach mantle gives about four times as 
much light as the ordinary “tip-burner.” 

With the actual displacement of Welsbach mantles by incandes- 
cent electric lights, the use of thorium in gas mantles has decreased 
and but little by-product mesothoriurn is now obtained from this 
source. It is not profitable to extract mesothoriurn alone. 

Thorium dioxide is used as a radiopaque medium in a 25 per cent 
colloidal solution. It flocculates forming a surface coating on 
raucous membranes, making it useful for a:-ray pictures of intestinal, 
stomach and bladder walls. 
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ELECTROMOTIVE SERIES OF THE METALS 


1. Cesium 

2. Rubidium 

3. Potassium 

4. Sodium 

5. Lithium 

6. Barium 

7. Strontium 


8. Calcium 

9. Magnesium 

10. Aluminum 

11. Manganese 
' 2 Zinc 

13. Chromium 

14. Cadmium 


15. Iron 

16. Cobalt 

17. Nickel 

18. Tin 

19. Lead 

20. Hydrogen 

21. Copper 


22. Arsenic 

23. Bismuth 

24. Antimony 

25. Mercury 

26. Silver 

27. Platinum 

28. Gold 


METHOD OF CALCULATION FOR ISOTONIC SOLUTIONS 

Step 1.— Multiply the amount of the ingredient, or ingredients given in the 
prescription by the sodium chloride equivalents for these ingredients given in 
the table. 

Step 2.— Add the products in Step 1. 

Step 3.— Multiply the weight of the prescription by 0.014 to determine how 
much sodium chloride is needed alone for an isotonic solution. (A 1 .4 per cent 
sodium chloiide solution is isotonic with the lachrymal fluid.) 

For a prescription in the apothecary system: 

Fluidounces X 455 gr. = weight. 

For a prescription in the metric system. 

Cubic centimeters X 1 Gm. = weight. 

Step 4.~Subtract the equivalent amount of sodium chloride obtained from 
addition in Step 2, from the amount of sodium chloride alone as calculated in 
Step 3. The difference is the amount of sodium chloride to be added to the 
prescription to make it isotonic. 

Step 6.— (This step is used ONLY when an ingredient other than sodium 
(‘hloride, i. e., boric acid, dextrose, etc., is directed % the physician to be used 
to make the solution isotonic, or in order to avoid an incompatibility between 
sodium chloride and other ingredients.) Divide the amount of sodium chloride 
in Step 4 by the sodium chloride equivalent of the substance used in place of 
sodium chloride. The quotient is the amount of that substance to be addini 
to the prescription to make it isotonic. 
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Adrenalin (Epinephrine Hydrochloride)* . . . . 

Alum (Potassium) . . . . . 

Alypin hydrochloride (Arnydricaine Hydrochloride)* 
Ammonium chloride . ... 

Arnydricaine hydrochloride (Alypin Hydrochloride) 
Amylcaine hydrochloride (Stovaine)* .... 

Antipyrine . 

Apothesine hydrochloride* 

Atropine sulfate 

Boric acid . . 

Butacaine sulfate (Butyn Sulfate)* 

Butamin (Tutocaine Hydrochloride)* .... 
Butyn sulfate (Butacaine Sulfate)* .... 

Chlorobutaaol 

Cocaine hydrochloride 

Cupric suffate 

Dextrose ........ 

Dionin (Ethylmorphinc Hydrochloride) 

Dio thane hydrochloride* 

Ephedrine hydrochloride 

Ephedrine sulfate 

Epinephrine hydrochloride (Adrenalin)* . 


NaCl 
equiv. 
0 26 

0 19 
0 18 

1 13 
0 18 
0 20 
0 17 
0 19 
0 14 
0 55 
0 10 
0 20 
0 10 
0 18 
0 19 
0 15 
0 16 
0 16 
0.13 
0 28 
0 19 
0 26 
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NaCl 

equiv, 

Eserine salicylate (Physostigmine Salicylate) 0.19 

Eserine sulfate (Physostigmine Sulfate) * 0.12 

Ethylhydrocupreine hydrochloride (Optochin HCl)* 0.15 

F]thylmorphine hydrochloride (Dionin) 0.16 

Eucatropine hydrochloride (Euphthalmine)* 0 18 

Euphthalmine (Eucatropine Hydrochloride)* .0.18 

Fluorescein sodium* 0 19 

Glycerin . . 0,35 

Holocaine hydrochloride (Phenacaine Hydrochloride)* . 0.16 

Homatropine hydrobromide ...0.19 

Hyoscine hydrobromide (Scopolamine Hydrobromide)* . 0 13 

Hyoscine hydrochloride (Scopolamine Hydrochloride)* .0 15 

Larocaine hydrochloride* .... 0 18 

Mercuric succinimide 0.14 

Metycaine hydrochloride* 0.20 

Mild protein silver (Argyrol) 0 19 

Morphine hydrochloride* 015 

Morphine sulfate 0.15 

Neosynephrin hydrochloride* 0.22 

Nupercaine hydrochloride* ... .... . 0 18 

Optochin hydrochloride (Ethylhvdrociipreine Hydrocldoride)* 0 15 
Pantocaine hydrochloride (Tetracaine Hydrochloride)* . 0 19 

Phenacaine hydrochloride (Holocaine Hydrochloride)* . 0.16 

Pilocarpine hydrochloride .... .... 0.22 

Pilocarpine nitrate* 0.21 

Physostigmine salicylate (Eserine Salicylate) 0.19 

Physostigmine sulfate (Eserine Sulfate)* .... . . 0.12 

Potassium chloride 0 84 

Potassium nitrate 0 60 

Procaine hydrochloride 0 24 

Propadrine* . . 0 31 

Scopolamine hydrobromide (Hyoscine Hydrobromide)* . 0 13 

Scopolamine hydrochloride (Hyoscine Hydrochloride)* 0.15 

Silver nitrate . ‘ 0 39 

Silver protein, mild (Argyrol) . . 0 19 

Silver protein, strong (Protargol) * 0 04 

Sodium bicarbonate .0.69 

Sodium biphosphate . 0 45 

Sodium borate ... .... 0 43 

Sodium chloride . ... 1 00 

Sodium nitrate (no H/)) ... 0 62 

Stovaine (Amy Icaine Hydrochloride)* . ... 0 20 

Strong silver protein (Protargol) .... 0 04 

Sucrose .... .... 0.10 

Syntropan* . . .. . 014 

Tannic acid . 0 03 

Tetracaine hydrochloride (Pantocaine Hydrochloride)* 0 19 

Tutocaine hydrochloride (Butamin)* 0 20 

Zinc chloride* . . 0 60 

Zinc sulfate ... 0 15 
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SODIUM CHLORIDE CONCENTRATIONS FOR ISOTONIC 
COLLYRIA 

It has been determined by experiment that a solution containing 1.4 per cent 
of sodium chloride is isotonic with tears. 

Therefore, 1 fluidounce of such a solution contains 6.37 or approximately 
6.4 grains of sodium chlorid(!. 

30 cc. of such a solution contains 0.42 CJm. of sodium chloride. 


PRAfTirAL Examples 

1^ Zinc sulfate gr. i 

Sol. of adrenalin (1 in 1000) . . f3 ss 

Distilled water, q.s. ad . fS i 

M. ft. collyr. iso ton. cum sod. chlorid. 

Si g.— Drop in each eye as directed. 

Step No. 1 

Zinc sulf. 1 gr. X 0.15 = 0.1500 gr. sod. chlor. 

Adren. sol. (1/1000 X 30m) X 0.26 = 0.0078 gr. sod. chlor. 


Step No. 2 (add products in Step No. 1) = 0.1578 gr. sod. chlor. 

Step No. 455 gr. (fi. oz.) X 0.014 = 6.37, or approx. 6.4 gr. 

sodium chloride needed alone to make solution isotonic. 

Step No. 4 (subtract Step No. 2 from Step No. 3). 

6.4 gr. — 0.1578 gr. = 6.24 gr. sodium chloride are added to prescription 
to make it isotonic. 

Same to be made isotonic with boric acid instead of sodium chloride. 

Steps 1 4 are the same as for sodium chloride. 

Step No. 5 (divide grains of sod. chloride in Step No. 4 by sodium chloride 
equivahmt for boric acid. See table under Boric Acid.) 

6.24 gr. NaCl -r 0.55 = 11.35 gr. of boric acid added to prescription to 
make it isotonic. 


Same pn^scription in the Metric System: 

I^—Zinc sulfate .... 0 06 Gm. 

Sol. adrenalin, 1/1000 2 0 cc. 

Dist. water, q.s. ad ... 30 0 cc. 

M. ft. collyr. isoton. cum sod. chlorid. 

Sig.— Drop in each eye as directed. 

Step No. 1. 

Zinc. sulf. 0.06 X 0.15 = 0 00900 Gm. sod. chlor. 

Adren. sol. (1/1000 X 2) X 0.26 = 0 00052 Gm. sod. chlor. 

Step No. J. - (Add products in Step No. 1) = 0 00952 Gm. sod. chlor. 

Step No. .‘^.—30 X 0 014 = 0 42 Gm. sod. chlor. needed alone to make solution 

isotonic. 

Step No. 4. — (Subtract Step No. 2 from Step No. 3). 

0 42 — 0 00952 = 0 41048 or 0 41 Gin. of sodium chloride is added to the 
pn^scription to make it isotonic. 


REFERENCES 

* The above data without the asterisk are calculated from the fre'^zing-point data 
by Husa and Rossi ;2 those with the asterisk are taken from Wells.^ 

1. Brecht, E. A.: Isotonic Collyria, The Merck Report (January, 1945). 

2. Husa, W. J., and Rossi, 0. A.: A Study of Isotonic Solution, J. Am. Pharm. 
Assn. Sc. Ed.. 31 , 270 (1942). 

3. Wells, J. M. : Rapid Method for Calculating Isotonic Solutions, J. Am. Pharm. 
Assn. Pract. Pharm. Ed., 6, 103 (1944).) 

Note. — This material has been abstracted from a report by R. Almin, published 
in Proceedings of the Minnesota State Pharmaceutical Association, p. 96 (1946). 
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A 

Acanthitb, 291 
A. C. D. solution, 185 
Acetates. See Respective elements. 
Acetonedicarboxylic Acid, 182 
Acetylene, 458 

Acheson’s Process for Carborundum, 47 1 
for graphite, 455 
Acid, Acetonedicarboxylic, 182 
Alpha-stannic, 486 
Antimonic, 532 
Antimonous, 532 
Arsenic, 514 
Arsenious, 524 
Solution of, 112 
Beta-stannic, 483 
Boracic, 102 
Boric, 100, 424 
Ointment of, 104 
Bromauric, 310 
Carbonic, 461 
Caro’s, 572 
Chlorauric, 306 
Chloropalladic, 647 
Chloroplatinic, 650 
Chloroplatinous, 650 
Chloros tannic, 487 
Chromic, 580 
Columbic, 555 
Diantimonic, 536 
Dichromic, 579 
Dimetasilicic, 473 
Disulfuric, 134 
Dithionic, 572 
Erucic, 99 
Fluoboric, 425 
Fluosilicic, 472 
Gay-Lussac, 136 
Glutamic, 112 
Glyceroboric, 101 
Glycerophosphoric, 187, 327 
Hexavanadic, 554 
Hydrazoic, 64 
Hydriodic, 104 
Diluted, 99, 107 
Syrup of, 107 
Hydrochloric, 108 
Diluted, 112 
Manufacture of, 110 
Medicinal uses of. 111 
Oxidation of, 85 
Hydrofluoric, 80 
Hydrosulfuric, 565 
Hypobromous, 90 
Hypochlorous, 84 
Hypophosphorous, 114 
Manufacture of. Commercial, 116 
Laboratory, 117 

Pharmaceutical Preparations and 
Uses of, 117 

Physical and Chemical Properties 
of, 116 
( 668 ) 


Acid, Hyposulfurous, 572 
lodobehenic, 99 
Levulinic, 334 
Manganic, 602 
Met^israuthic, 551 
Metaboric, 101 
Metadisilicic, 473 
Metaluminic, 428 
Metantimonic, 536 
Metantimonous, 535 
Metaphosphoric, 127 
Metarsenous, 513 
Metasilicic, 473 
Metastannic, 48^3 
Metauric, 311 
Metavanadic, 553 
Molybdic, 588 
Muriatic, 108 
DephlogisticaU'd, 83 
Oxygenized, 83 
Nitric, 118, 123 
Nitrohydrochloric, 113, 124 
Diluted, 113, 124 
Nitromuriatic, 113, 125 
Nitrosyl Sulfuric, 135 
Orthoantimonic, 146, 53() 
Orthoantimonous, 535 
Orthoarsenic, 514 
Orthoarsenous, 514 
Orthoboric, 100 
Orthodisilicic, 473 
Orthophosphonc, 125 
Orthosilicic, 473 
Orthothioarsenic, 514 
Orthotrisilicic, 473 
Orthovanadic, 554 
Osmic, 648 
Pentathionic, 572 
Perchromic, 57, 586 
Percolumbic, 555 
Persulfuric, 572 
Permanganic, 600, 602 
Permonosulfuric, 572 
Peroxydisulfuric, 572 
Persulfuric, 60, 572 
Phosphoric, 125 
Diluted, 130 
Glacial, 127 

(Ortho), Ionization of, 126 
Phosphotungstic, 590 
Polysilicic, 474 
Potassium Tartrate, 229 
Pyroantimonic, 536 
Pyroarsenic, 514 
Pyroarsenous, 513 
Pyroligneous, 149 
Pyrophosphoric, 127 
Pyrovanadic, 554 
Salt Cake, 110 
Selenic, 575 
Selenous, 575 
Silicic, 473 
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Acid, Sodium Phosphate, 169 
Sulfuric, 131 

Catalytic Process for, 136 
Contact Process for, 136 
Diluted, 137 
FumiM, 134, 569 
Lead Chamber Process for, 135 
Nitrosyl, 135 
Nordhausen, 134 
Sulfurous, 571 
Telluric, 575 
Tellurous, 575 
Tetraboric, 101 
Tetrathioiiic, 572 
Thioarsenic, 530 
Thioarsenous, 530 
Thiogly collie, 521 
Thiosulfuric, 572 
Trimetasilicic, 473 
Trisilicic, 366, 473 
Trithionic, 572 
Tungstic, 590 
Vanadic, 554 
Acidimetry, 35 
Acidity, Rebound, 154 
Total, 35 

Acids, Lowry-Bronstod Concept of, 34 
263 

Strong, 36 
Weak, 36 

Acidum Boricum, 102 
Hydriodicum Dilutum, 99, 107 
Ilydrochloricurn, 111 
Dilutum, 112 

Hydrocyanicum Dilutum, 111 
Hypopliosphorosum, 1 17 
Nitricum, 123 

Nitrohydrochloricum, 113, 125 
Dilutum, 113, 125 
Phosphoricum, 130 
Dilutum, 130 
Sulfuricum, 137 
Dilutum, 137 
Aconite Fluidextract, 112 
Tincture, 112 
Acrolein, 187 
Activated Charcoal, 458 
Afenil, 323 
Agate, 469 

Apicola, Georgius, 79, 540 
Air, Alkaline, 70 
Dephlogisticatcd, 19 
Empyreal, 19 
Inflammable, 29 
Tiiquef action of, 23 
Liquid, 23 
Mephitic, 63 
Alabandite, 593-601 
Alabaster, 339 
Albertus Magnus, 511 
Alcoholates, 322 
Algarotus, Victor, 536 
Alkacid Test, Ribbon, 43 
Alkali Metals, Introduction to, 138 
Properties of, 138 
Alkalimetry, 35 


Alkaline Air, 70 
Aromatic Solution, 163, 229 
Earth Metals, Introduction to, 312 
Elixir of Rhubarb, 236 
Ointment of Sulfur, 237, 565 
Waters, 49 
Allanite, 477 
Alloy, Lipowitz, 543 
Newton’s, 543 
Nickelchrome, 579 
Pyrophoric, 478 
Alloys, Beryllium-Copper 353 
Cobalt, 637 
Fusible, 386, 542 
Alpha-Rays, 657 
Alpha-stannic Acid, 486 
Alum, 442 
Ammonium, 444 
Burnt, 443, 444 
Chromic, 583 
Dried, 444 
Exsiccated, 444 
Gallium, 449 
Indium, 450 
Potassium, 444 
Roman, 444 

Alum Baking Powders, 431 
Cake, 435 
Stone, 443 
Alumen, 444 
Exsiccatum, 444 
Alumina, 445 
Cream, 435 

Aluminates. See Respective elements. 
Alumini Chloridum, 433 
Sulfas, 441 

Aluminothermy, 432-578 
Aluminum, Alloys of, 431 

Amphoteric Properties of, 428 
Chemical Properties of, 428 
History of, 427 

Manufacture of, Commercial, 430 
Non-official Compounds of, 445 
Occurrence of, 427 
Physical Properties of, 427 
Uses of, 431 

Aluminum Acetate Solution, 442 
Bronze, 283, 431 
Carbide, 445 
Carbonate, 445 
Chloride, 432 
Solution, 433 
Colloidal, 435 
Gel, 435 
Hydroxide, 433 
Gel, 435 

Ion, Pharmacological Action of, 431 
Tests for, 428 
Nitride, 445 
Oxide, 445 
Phosphate, 436 
Gel, 437 

Polysilicate, 440-474 
Silicates, 437 
Subacetate Solution, 441 
Sulfate, 440 
Sulfide, 446 
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Alumite, 443 
Alums, 443 
Iron, 626 

Alundumware, 445 
Amalgamation Process, 294 
AmbJygonite, 139 
Amethyst, 469 
Artincial, 446 

Ammonia, Aromatic Spirit of, 269 
Catalytic Oxidation of, 68 
Chemical Properties of, 70 
Commercial Manufacture of, 72 
Diluted Solution of, 73 
History of, 70 
Household, 77 
Liquid, 70 
Muriate of, 271 

Official Tests for Identity of, 72 
Pharmaceutical Preparations and 
Uses of, 73 

Physical Properties of, 70 
Solutions of, 74 
Strong Solution of, 73 
Synthesis of, 66 
Ammonia Liniment, 75 
Water, 74 
Stronger, 73 

Ammoniacal Gas Liquor, 72 
Silver Nitrate, Howe, 297 
Solution of Silver Nitrate, 75, 297 
Ammoniated Guaiac Tincture, 75 
Mercury, 399 
Ointment, 400 
Valerian Tincture, 75 
Ammonii Bromidum, 266 
Carbonas, 268 
Chloridum, 271 
Hypophosphis, 274 
lodidum, 273 

Ammonium Acetate, Solution of, 270 
Acid Carbonate, 267 
Alum, 275 
Amalgam, 263 
Arsenomolybdate, 515 
Bicarbonate, 267 
Bromide, 265 
Elixir, 266 
Carbamate, 268 
Carbonate, 267 
Chloride, 270 • 

Capsules, 272 
Chloroplatinate, 650 
Chlorostannate, 487 
Hydroxide, 74 
Dissociation of, 74 
Solutions of, 73, 74 
Hypophosphite, 274 
Iodide, 272 

Ion, Chemical Properties of, 263 
Pharmacology of, 264 
Tests for, ^ 

Iodide, 272 
Metal, 263 
Nitrate, 274 

Non-Official Compounds of, 274 
Official Compounds of, 265 
Oxide, 74 


- Ammonium Persulfate, 60 
! Phosphomolybdate, 128 
Rhodamide, 275 
Salts, Decomposition of, 264 
Sesquicarbonate, 268 
Sulfate, 275 
Sulfocyanate, 275 
Thiocyanate, 275 
Valerate PJlixir, 75 
Valerinate Elixir, 75 
Ammo nolysis, 71 
Ammozyl, 275 
Amphibole, 367 
Amphiprotic, 310 
Ampul Water, 53 
Ampullae Calcii Chloridi, 324 
Levulinatis, 334 

Ferri Ammonii Citratis Viridis, 6 1 7 
Hydrargyri Salicylatis, 411 
Succinimidi, 413 
lodi, 97, 199 
Magnesii Sulfatis, 365 
Sodii Cacodylatis, 166, 528 
lodidi, 199 

Salicylatis et lodidi, 199 
cum Colchicina, 200 
Thiosulfatis, 218 
Ampuls of Calcium Chloride, 324 
Levulinate, 334 

of Green Iron and Ammonium C.'i- 
trates, 617 
of Iodine, 97, 199 
of Magnesium Sulfate, 365 
of Mercuric Salicylate, 411 
Succinimide, 413 
of Sodium Cacodylate, 166, 528 
Hyposulfite, 218 
Iodide, 199 * 

Salicylate and Iodide, 199 
with Colchicine, 200 
of Thiosulfate, 218 
Anatiise, 475 
Andalusite, 446 
Andrews, 26, 498 
Anglesite, 488, 500 
Anhydrite, 313, 339 
Animal Charcoal, 456 
Anisated Solution of Ammonia, 76 
Ammonia Spirits, 76 
Anorthite, 447 
Anthophyllite, 367 
Antichlor, 214, 572 

Anticoagulant Acid Citrate Dextrose 
Solution, 185 

Sodium Citrate Solution, 179 

No. 1 N on-sterile Solution, 
184 

No. 2, 184 

No. 3 Sterile Solution for 
Parenteral Use, 184 
Antimonic Acid, 532 
Chloride, 536 
Fluoride, 537 
Iodide, 537 
Oxide, 537 
Sulfide, 539 

Antimonii Potas.sii Tartra.s, 534 



INDEX 


671 


Antimonite, 538 
Antimonium, 531 
Antimonous Acid, 532 
Bromide, 537 
Chloride, 536 
Fluoride, 537 
Iodide, 537 
Oxide, 537 
Sulfide, 538 

Antimony, Acids of, 535 
Butter of, 536 
Chemical Properties of, 532 
Detection of Pentavalent, 533 
of Trivah^nt, 532 
Explosive, 531 
Golden Sulfuret of, 539 
Halogen (-ornpounds of, 536 
History of, 531 
Hydride of, 537 
Non-oflicial Compounds of, 535 
Manufacture of. Commercial, 533 
Occurrence of, 531 
Ofhcial Compounds of, 534 
Oxides of, 537 
Physical Properties of, 531 
Sulfides of, 538 
Eses of, 534 

Antimony Potassium Tartrate, 534 
Black, 534 
Glance, 531 
Hydride, 537 

Ion, Pharmacological Action of, 533 
Tests for, 532-533 
Ocher, 538 
Pentachloride, 536 
Pentafluoride, 537 
Pentaiodide, 537 
Pentasulfide, 539 
Pcntoxide, 538 
Sodium Thioglycollati, 533 
Tetroxidc, 538 
Thioglycollamide, 533 
Tribromide, 537 
Trichloride, 536 
Trifluoride, 537 
Triiodide, 537 
Trioxide, 537 
Trisulfide, 538 

Antimonyl Potassium Tartrate, 534 
Radical, 538 

Antiseptic Powder, N. F. V., 104, 384 
Solution, N. F., 104 
Apatite, 79, 126, 503 
Aprotonic Solvents, 34 
Aqua, 53 
Chlori, 84, 86 
Destillata, 54 
Sterilis, 55 

Phagedaenica, Flava, 330, 402 
Nigra, 330, 415 
Pro Injectione, 55 
Regia, 113. 124, 125, 306 
Tests for Purity of, 53 
Aqueous Solution of Iodine, 98 
Aragonite, 313, 318 
Arcanum Duplicatuin, 259 
Arfvedson, J. A., 138 


Argenti Chloridum Colloidale, 300 
lodidum Colloidale, 301 
Nitras, 297 
Induratus, 297 
Argentite, 291 
Argentum, 291 
Proteinicum Forte, 302 
Proteinicum Mite, 299 
Argol, 231 
Argon, 654 
Argyn, 299 
Argyria, 296 
Argyrodite, 481 
Argyrol, 299 
Aristotle, 370, 511 
Arnaudon’s Green, 583 
Aromatic Ammonia Spirit, 75, 269 
Eriodictyon Syrup, 246, 359 
Fluidextract of Cascara Sagrada, 362 
Pow'der of Chalk, 321 
Rhubarb Syrup, 237 
Verba Santa Syrup, 246, 359 
Arsenate Ion, Official Tests for Iden- 
tity, 515 

Arseni Triiodidum, 523 
Trioxidum, 524 
Arsenic, Amorphous, 511 
Antidote, Official, 634 
B(ittendorf’s Test for, 520 
Chemical Properties of, 511 
Crystalline, 511 
Detection of Pentavahmt, 514 
of Trivalent, 513 
Gutzeit Test for, 517 
Modified, 517 
History of, 511 
Hydrides of, 529 

Manufacture of, Commercial, 520 
Marsh’s Test for, 515 
Mercuric Iodides Solution and, 156, 
406, 523 

Non-official Compounds of, 529 
Occurrence of, 511 
Official Compounds of, 522 
Oxide of, 523 

Physical Properties of, 511 
Reinch’s Test for, 515 
Special Reactions for, 515 
Sulfides of, 529 
Thio Salts of, 530 
Uses of, 522 
White, 511 

Arsenic Chloride Solution, 112, 525 
Disulfide, 529 
Hydride, 529 

Ions, Pharmacological Action of, 521 
Tests for, 515 
Pentasulfide, 530 
Triiodide, 522 
Trioxide, 523 
Tablets, 524 
Varieties of, 523 
Trisulfide, 529 
Arsenicon, 511 
Arsenious Acid, 524 
Iodide, 523 
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Arsenious Ions, Pharmacological Action 
of, 521 

Tests for, 513 
Oxide, 524 
Solution, 112, 525 

Arsenite Ion, Official Tests for Identity, 
515 

Arsenopyrite, 511 
Arsenous Acid Tablets, 524 
Arsine, 529 

Artificial Amethysts, 446 
Carlsbad Salt, 260 
Effervescent, 260 
Cinnabar, 421 
Diamond, 454 
Gold, 487 
Ice, 77 
Pearls, 551 
Rubies, 446 
Silk, 288 

Asbestos, 353, 366 
Platinized, 651 
Asbolite, 636 
Astatini, 662 
Atomic Fission, 661 
Weights, Table of, 664 
Aub, J. C., 491 
Aurates, 310 

Auri et Sodii Chloridum, 310 
Thiosulfas, 309 
Aurichalcum, 370 
Auric Hydroxide, 310 
Auric Selenate, 305 
Auri cyanides, 311 

Aurin Tricarboxylic (Ammonium Salt), 
429 

Auto Cyanide, 311 
Aurum, 305 
Azochloramid, 87 
Azote, 63 

B 

Babbitt Metal, 489, 534 
Baddeleyite, 477 
Baehr, G., 480 
Baking Soda, 153 
B.A.L., 218, 308 
Balanced Solutions, 178 
Balard, A. J., 89 
Bannick, E. G., 275 
Barber, H. H., 146 
Barii Chloridum, 346 
Sulfas, 348 
Barilla, 92 
Barite, 345 

Barium, Chemical Properties of, 345 
History and Occurrence of, 345 
Manufacture of. Commercial, 345 
Non*official Compound of, 349 
Official Compounds of, 346 
Physical Properties of, 345 
Uses of. 346 
Barium Chloride, 346 
Tablets, 347 
Dioxide, 350 
Hydrated, 56 


Barium Hydroxide, 349 
Ion, Official Tests for, 345 
Pharmacological Action of, 346 
Nitrate, 350 
Oxide, 350 
Peroxide, 350 
Platinocyanide, 650 
Protoxide, 350 
Sulfate, 347 
Sulfide, 350 
Superoxide, 350 
Tungstate, 589 
Baryta, Calcined, 350 
Caustic, 349 
Baryta Water, 349 
Barytes, 557 

Bases, Bronsted-Lowry Concept of 34 
263 

Basham’s Mixture, 620 
Basic Bismuth Carbonate, 545 
Gallate, 546 
Nitrate, 547 
Salicylate, 549 
Ferric Sulfate Solution, 632 
Batteries, Storage, 492 
Bauxite, 427, 444 
Bayen, P., 19 
Bay ley, 162 
Beckrntiim, E., 504 
Beck’s Bismuth Paste, 548 
Becquerel, H., 656-658 
Beef, Iron and Wine, 616 
Bell Metal, 283, 483 
Benedict’s Solution, 285 
Qualitative, 286 
(Quantitative, 286 
Bent, H. E., 215 
Bentonite, 438 
Magma, 438 
Bcntonitum, 438 

Benzoates. See Respective elements. 
Btrgeret, 517 

Bergman, T. O., 540, 589, 641, 649 
Berlow, 326 

Berthollet, C. L., 70, 83, 237 
Beryl, 351, 473 

Beryllium, Compounds of, 352 
History and Occurrence of, 351 
Manufacture of. Commercial, 352 
Physical and (Chemical Properties of, 
352 

Uses of, 353 

Beryllium Hydroxide, 352 
Ion, Pharmacological Action of, 352 
Nitrate, 352 
Oxide, 352 
Sulfate, 352 

Beryllium-Copper Alloys, 353 
Beryllonite, 351 

Berzelius, J. J., 78, 476, 477, 573, 591, 
662 

Beta Rays, 658 
Beta-stannic Acid, 483 
Betaine Hydrochloride. 112 
Bettendorf’s Test for Arsenic, 520 
Bett’s Process for Gold and Silver, 491 
Bicarbonates. See Respective elements. 
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Bichloride of Mercury, 401 
Tablets, Large, 401 
Small, 402 
Biltz, H., 504 

Birkeland-Eyde Process for Nitrogen 
, Fixation, 65 
Bisemutum, 540 
Bismite, 540-551 

Bismuth, Chemical Properties of, 540 
Official Compounds of, 543 
History of, 540 

Manufacture of. Commercial, 540 
Non-official Compounds of, 549 
Occurrence of, 540 
Oxides and Hydroxides of, 551 
Physical Properties of, 540 
Uses of, 542 
Bismuth Alloys, 542 
Carbonate, Basic, 545 
Cream, 76, 123, 548 
Dichloride, 550 
Disulfide, 552 
Glance, 540-552 
Halogen Compounds of, 550 
Hydroxide, 551 

Ion, Pharmacological Action of, 542 
Tests for, 541 
Magma, 76, 123, 270, 548 
Nitrate, 549 
Ocher, 540-551 
Oxy iodide, 551 
Paste, 548 
Surgical, 548 
Pentoxide, 551 
Potassium Tartrate, 543 
injection, 544 
Sodium Tartrates 550 
Subcarbonatc, 544 
Tablets, 545 
Subgallate, 545 
Tablets, 546 
Subnitrate, 546 
Tablets, 547 
Subsalicylab^, 548 
Injection, 549 
Sulfides of, 552 
Tetroxide, 551 
Tribromide, 550 
Trichloride, 550 
Triiodide, 551 
Trioxide, 551 
Trisulfide, 552 

Bismuthi Potassii Tartras, 543 
Subcarbonas, 545 
Subgallas, 546 
Subnitras, 547 
Subsalicylas, 549 
Bismuthinite, 540, 552 
Bismutho radical, 543 
Bismuthyl, 543-551 
Bismutite, 540 
Bittern, 175 
Black, J., 70, 353 
Black Ash, 170 
Diamond, 454 
Ix)tion, 330, 415 
Metallic Antimony, 534 

43 


Black Salt, 170 
Wash, 330, 415 
Blanc Fixe, 349 
Blankenhorn, 343 
Blast Furnace, 607 
Blaud’s Pills, 237, 629, 633 
Bleaching Powder, 338 
Blister Copper, 281 
Block Tin, 485 
Blomstrand, C. W., 554 
Blood Plasma, Sodium Bicarbonate, 
Carbonic Acid Buffer, System of, 152 
Blooms, 610 
Blue Fire, 529 
Mass, 397 
Ointment, 397 
Pill, 397 
Stone, 287 
Vitriol, 287 
Water Gas, 31 

Boiling Point, Definition of, 49 
Boisbaudran, Lecoq de, 449 
Bone Oil, 457 
Boracic Acid, 102 
Ointment, 104 
Boracite, 424 

Borates. See Respective elements. 
Borax, 163, 424 
Bead, 161 
Glass, 161,438 
Bordeaux Mixture, 288 
Boric acid, 100, 424 

Chemical Properties of, 100 
History of, 100 

Laboratory Preparation of, 102 
Manufacture of, Commercial, 101 
Occurrence of, 100 
Ointment, 104 

Pharmaceutical Preparations and 
Uses of, 102 

Physical Properties of, 100 
Saturated Solution of, 103 
Solution, 103 

Tests for Identity, Official, 101 
Borocalcite, 100, 162, 424 
Boroglycerin Glycerite, 103 
Boron, Aluminum and the Metals of 
Group III, Introduction to, 423 
Halogen Compounds of, 425 
History and Occurrence of, 423 
Manufacture of, Commercial, 424 
Non-official Compounds of, 425 
Official Compounds of, 425 
Physical and Chemical I'roperties of, 
424 

Uses of, 426 
Boron Bromide, 425 
Chloride, 425 
Fluoride, 425 
Nitride, 424 
Oxide, 425 
Trioxide, 425 
Boulton’s Solution, 98 
Boussingault-Brin Brothers’ Process, 25 
Boyle, fobert, 48, 503, 550 
Brand, H., 503 
Brandt, G., 511, 636 
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Brass, 283 
Brecht, E. A., 667 
Britannia Metal, 483 
British Anti-Lewisite, 218, 521 
Bromargyrite, 302 
Bromauric Acid, 310 
Bromide Ion, Official Tests for, 140 
Pharmacological Action of, 91 
Bromides. See Respective elements. 

Syrup, 141, 166, 234, 267, 318 
Bromine, 89 

Chemical Properties of, 89 
History of, 89 

Manufacture of, Commerci*!!, 90 
by Electrolysis, 91 
from Brine, 91 
from Sea Water, 90 
Occurrence of, 89 
Physical Properties of, 89 
Tests for Identity, 90 
Uses of, 91 
Bromine Water, 91 
Bromyrite, 89, 291, 302 
Bronsted-Lowry, 34 
Bronze, 283, 483 
Aluminum, 283, 431 
Silicon, 468 
Vanadium, 553 
Brookite, 475 
Brown Mixture, 535 
Ring Test, 121 

Browne Electrolytic Process for Nickel, 
642 

Browning-Palmer Test for Ferricya- 
nides, 388 

Brunner’s Process for Metallic Potas- 
sium, 224 
Sodium, 144 
Buchanan, A., 105 
Bucher’s Process, 66 
Buchu, Juniper and Potassium Acetate 
Elixir, 227 
Buffer Mixtures, 43 
Bunsen, Robert William von, 138, 261, 
262, 353, 430 
Bunsenite, 643 
Burnt Lime, 335 
Burow’s Solution, 442 
Bussy, A. B., 351, 353 
Butter of Antimony, 536 
of Bismuth, 550 
of Tin, 487 
Butter, Mineral, 536 

C 

Cacodyl, 527 
Oxide, 528 
Cadet’s Liquid, 528 
Cadmia, 370 
Fomacum, 386 

Cadmium, History and Occurrence of, 
386 

Manufacture of. Commercial, 387 
Non-official Compounds of, 388 
Physical and Chemical Properties of, 
386 

Uses of, 387 


Cadmium Bromide, 388 
Carbonate, 388 
Chloride, 388 
Hydroxide, 388 
Iodide, 388 

Ion, Pharmacological Action of, ;387 
Tests for, 386 
Nitrate, 388 
Oxide, 388 

Potassium Iodide, 388 
Sulfate, 388 
Sulfide, 389 
Yellow, 389 

CaBmcnturn Zinri Compositionurn ot 
Eugenolis, 374, 379, 383 
Calami na, 378, 623 
Calamine, 370, 378, 384, 454, 623 
Liniment, 330 
Lotion, 329, 378, 438 
Calaverite, 305 
Calcarone, 560 
Calcic Liver of Sulfur, 340 
Calcii Bromidum, 317 
Carbonas Priecipitatus, 319 
Cliloridum, 323 
Gluconas, 325 
Glycerophosphas, 326 
Hydroxidum, 328 
Hypophosphis, 332 
lodobehenas, 336 
Lactas, 333 
Levulinas, 333, 334 
Phosphas Tri basic us, 338 
Sulfidum Crudum, 340 
Calcined Baryta, 350 
Magnesia, 361 
Calcite, 313, 318, 384, 454 
Calcium, History of, 312 
Light, 30 

Manufacture of. Commercial, 314 
Occurrence of, 313 
Physical and Chemical Properties of 
313 

Uses of, 323 

Calcium Aluminosilicate, 51 
and Sodium Glycerophosphates Elix- 
ir, 130, 187, 327 
Bromide, 317 
Carbide, 67 
Carbonate, 318 
Calcination of, 335 
Precipitated, 319 
Preparation of, 319 
Tablets, 320 
Chloride, 322 
Ampuls, 324 
Urea, 323 
Cyanamide, 67 
Fluophosphate, 79 
Galactogluconate-Calcium Bromide, 
317 

Gluconate, 324 
Injection, 325 
Tablets, 325 
Glycerophosphate, 325 
Hydrate, 327 
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Calcium Hydroxide, 327 
Solution, 329 
H 3 rpophosphite, 331 
lodobehenate, 99 
Ion, Official Tests for, 314 
Pharmacological Action of, 314 
Lactate, 332 
Tablets, 333 
Levulinate Ampuls, 334 
Injection, 334 
Light, 30 
Metaislicate, 473 
Monosulfide, 340 
Hydrolysis of, 340 
Nitrate, 68 
Basic, 66 
Nitride, 313 
Oxalate, 313 
Oxide, 335 

Phosphate, Normal, 338 
Silico-aluminate, 51 
Sulfate, 339 
Sulfide, 340 
Crude, 341 

Calcium Phosphate, Native, 503 
Therapy, Recognized and Experi- 
mental Indications for, 316 
Caliche, 93 
Calomel, 415 

and Soda Tablets, 157, 415 
Ointment, 416 
Tablets, 416 

Caloric, Definition of, 50 
Large, 50 
Calorite, 432 
Calx, 335 
Chlorinata, 339 
Sodica, 192, 246, 330 
Camphorated Soap Liniment, 76, 172 
Capsulae Ammonii Chloridi, 272 
Carbonei Tetrachloridi, 460 
Ferri Carboiiatis Saccharati, 629 
Ferri et Arnmonii Citratis, 616 
Ferri Reducti, 013 
Theobromina? et Sodii Acetatis, 151 
Carat, 308 
Carballoy, 590 

Carbides. See Respective elements. 
Carbo Activatus, 458 
Animalis Purificatus, 458 
Ligni, 458 

Carbolic Acid Glycerite, 185 
Carbolized Iodine Solution, 98 
Carbon, Alio tropic Modifications of, 
454 

and Chlorine, Official Compound of, 
459 

and Oxygen, Non-official Compounds 
of, 464 

Official Compounds of, 460 
and Sulfur, Non-official Compounds 
of, 465 

Chemical Properties of, 456 
Compounds oi, 459 
Gas, 459 

Occurrence of, 454 
Official Forms of, 454 


Carbon, Manufacture of, Commercial, 
457 

Non-official Forms of, 458 
Official Tests for Identity of, 457 
Other Forms of, 455 
Pharmaceutical Preparations and 
Uses of, 458 
Carbon Black, 458 
Dioxide, 460 
Snow, 461 
Disulfide, 465 
Monoxide, 464 
Poisoning by, 464 
Radioactive, 659 
Tetrachloride, 459 
Capsules, 460 
Carbonado, 454 
Carbonated Waters, 49 
Carbonates. See Respective elements. 
Carbonei Dioxidum, 463 
Tetrachloridum, 459 
Carbonic Acid, 461 
Gas, 463 

Oxide Hemoglobin, 464 
Carborundum, 471 
Carlsbad Salt, Artificial, 260 
Effervescent, 260 
Carminative Mixture, 237, 359 
Carmine Solution, 76 
Carnallite, 83, 89, 212, 222, 241, 261, 
353, 368 
Carnelian, 469 
Carnotite, 659 

Caro, Ferrum et Vinum, 616 
Caro’s Acid, 572 
Carron Oil, 330 

Carter Process for White Lead, 498 
Cartheuser, 227 
CasseVs Yellow, 499 
Cassiterides, 482 
Cassiterite, 453, 482 
Cassius, Purple of, 306 
Cast Iron, 609 
Gray, 609 
White, 609 
Castner, H. Y., 144 
Ciistner’s Process for Metallic Potas- 
sium, 225 
Sodium, 146 

Catalyst, Definition of, 20 
Cataplasm of Kaolin, 103, 439 
Cataria and Fennel Elixir, 150 
Catnip and Fennel Elixi/ 156 
Caustic Baryta, 349 
Potash, 245 
Soda, 191 
Causticizing, 190 

Cavendish, Henry, 29, 48, 118, 227, 652 
Celcstite, 342, 557 
Cement, Magnesia, 361 
Oxychloride, 361 
Sorel’s, 361 
Cementite, 609 
Cerargyrite, 291 
Cerate, Goulard’s, 495 
of Lead Subacetate, 495 
Ceratum Plumbi Subacetatis, 495 
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Ceria, 477 
Ceric Sulfate, 480 
Cerii Oxalas, 480 
Cerite, 477 

Cerium, Compounds of, 478 
History of, 477 

Ion, Pharmacological Action of, 478 
Manufacture of, Commercial, 478 
Non-official Compounds of, 480 
Occurrence of, 477 
Physical and Chemical Properties of, 
477 

Uses of, 478 

Cerium Ion, Nitrates, 480 
Official Tests for, 479 
Oxalate, 478 
Oxides, 480 
Sulfate, 480 
Ceruse, 497 
Cerusite, 488, 497 
Cervantite, 531, 538 
Cesium, History of, 262 
Occurrence of, 262 
Preparation of, 262 
Properties of, 262 
Uses of, 262 
Chabert, F., 432 
Chadwick, 661 
Chalcocite, 277 
Chalcopyrite, 277, 641 
Chalk, 313, 318, 454 
Drop, 321 
Elutriated, 321 
Precipitated, 319 
Prepared, 321 
Chalk Mixture, 321 
Powder, Compound, 321 
Chalybeate Pills, 237, 629, 633 
W jitprs 49 

Chaptal, Jean A. C., 63 
Charcoal, Activated, 456 
Animal, 456 

Laboratory Manufacture of Puri- 
fied Animal, 456-457 
Gas-adsorbent Property of, 456 
Wood, 456 
Charney, J., 184 
Chiari, R., 463 
Chile Saltpeter, 93 
Chinese Red, 421 
Chiniofon, 155 
Chiniofonum, 155 
Chloramina-T, 87 
Chloramine, 87 
Chloramine-T, 87 
Chlorauric Acid, 306 
Chloride Ion, Official Tests for Identity 
of, 174 
of Lime, 338 

Pharmacological Action of, 86 
Chlorides. See Respective elements. 
Chlorinated Lime, 338 
Paraffin, 86 
Soda, 194 

Surgical Solution of, 86 
Chlorine, Chemical Properties of. 83 
Histoiy of, 83 


Chlorine, Laboratory Preparation of, 85 
Manufacture of. Commercial, 85 
Electrolytic, 85 
Occurrence of, 83 
Other Uses of, 88 

Pharmaceutical Preparations and 
Uses of, 86 

Physical Properties of, 83 
Tests for Identity of, 84 
Chlorine Dioxide, 88 
Hydrate, 84 
Test Solution, 84 
Water, 84, 86 
Chloroazodin, 87 
Solution, 87 
Chloroazodinum, 87 
Chlorocosane, 86 
Chloroform Silicon, 472 
Chloropalladic Acid, 647 
Chloroplatinates. See Respective ele- 
ments. 

Chloroplatinic Acid, 650 
Chloroplatinites. See Respective ele- 
ments. 

Chloroplatinous Acid, 650 
Cholin, 327 
Chromate Dust, 578 
Chromates, 577, 583 
Chromel, 579 
Chrome Green, 582 
, Iron Ore, 576 
Ocher, 582 
Orange, 585 
Red, 499, 585 
Yellow, 499, 584 
Chromic Acid, 580, 583 
Alum, 583 
Anhydride, 580 
Bromide, 581 
Chloride, 581 

Dissociation of, 581 
Hydroxide, 582 
Nitrate, 583 
Oxide, 582 
Phosphate, 583 
Sulfate, 5^ 

Chromii Trioxidum, 580 
Chromite, 427, 576 
Chromium, Active Form of, 576 
History and Occurrence of, 576 
Manufacture of. Commercial, 578 
Non-official Compounds of, 580 
Official Compounds of, 579 
Oxy halogen Compounds of, 581 
Passive form of, 576 
Physical and chemical properties of, 
576 

Uses of, 579 
Chromium Acetate, 583 
and Potassium Sulfate, 583 
Bromides, 581 
Chlorides, 581 
Hydroxide. 582 
Ions, Official Tests for, 578 
Pharmacological action of, 578 
Nitrate, 583 
Oxides, 582 
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Chromium Oxychloride, 581 
Phosphate, 583 
Plating, 579 
Salts of, 583 
Sesquioxide, 582 
Sulfates, 583 
Trioxide, 579 
Chromous Acetate, 583 j 
Chloride, 581 
Oxide, 582 
Sulfate, 583 
Chromyl Chloride, 581 
Chrysoberyl, 352, 427 
ChurchiU, F., 114 
Cinnabar, 390, 420, 557 
Artificial, 421 

Citrated Normal Human Plasma, 18^ 

Citrate of Magnesia, 229, 358 

Citrine Ointment, 124, 397 

Clark, F. W., 367 

Clark’s Scale for Hard Waters, 52 

Claus, K. K., 645 

Clay, 439 

Clement, N., 104, 447 
Cleve, P. T., 447 
Clostridium Acetobutylicum, 32 
Coal, 455 
Anthracite, 455 
Bituminous, 455 
Hard, 455 
Soft, 455 

Tar Ointment, 378 
Cobalt, Alloys of, 637 
Chemical Properties of, 636 
Compounds of, 638 
History and Occurrence of, 636 
Manufacture of. Commercial, 637 
Physical Properties of, 636 
Uranyl Acetate, 146 
Uses of, 637 

Vogel’s Reaction for, 637 
Cobalt Aluminate, 637 
Bloom, 636 
Bromide, 639 
Chloride, 638 
Cyanides, 639 
Ferrocyanide, 640 
Glance, 511, 636 
Hydroxides, 638 
I(Kiid(^639 

Ions, Pharmacological action of, 6i 
Tests for, 636 
Metaborate, 637 
Nitrate, 639 
Oxides, 638 
Sulfate, 639 
Sulfide, 639 
Uranyl Acetate, 146 
Cobaltic Hydroxide, 638 
Oxide, 638 
Cobaltite, 636 
Cobalto-cobaltic Oxide, 638 
Cobaltous Bromide, 639 
Chloride, 638 
Ferrocyanide, 640 
Hydroxide, 638 
Iodide, 639 


Cobaltous Nitrate, 639 
Oxide, 638 
Sulfate, 639 
Sulfide, 639 

Cochineal Color, 232, 236, 444 
Solution, 232, 236, 444 
Cockroft, J. D., 658 
Cohn, A. E., 347 
Coin, Gold, 283 
Nickel, 283 
Silver, 283 

Coinage Metals, Introduction to, 276 
Coindet, 92 
Coke, 458 

Colemanite, 100, 162, 424 
Collet-Descotils, 553 
Collie, J. W., 655 

Colloidal Aluminum Hydroxide, 435 
Silver Chloride, 299 
Iodide, 300 

Cologne Yellow, 499, 584 
Columbium, Chemical Properties of 
555 

Compounds of, 555 
Fluorides of, 555 
History of, 554 

Manufacture of. Commercial, 555 
Occurrence of, 554 
Oxides of, 555 
Oxyfluorides of, 555 
Physical Properties of, 555 
Uses of, 555 

Combined Solution, 179 
Comparators, Hellige, 41 
La Motte, 40 

Compound Acetanilid Powder, 156 
Calamine Lotion, 378 
Cathartic Pills, 416 
Chalk Powder, 321 
Cinchona Tincture, 113 
Cresol Solution, 245 
Effervescent Powders, 155, 257 
Elixir of Glycerophosphates, 188, 
327, 597, 621 

Glycerophosphates Elixir, 188, 327, 
597, 621 

Solution, 188, 327, 597, 621 
Hypophosphites Syrup, 118, 1N5, 
197, 248, 332, 598, 622 
Iodine Solution, 96 
Jalap Powder, 232 
Licorice Powder, 565 
Lotion of Calamine, 329, 378. 438 
Mild Mercurous Chloride Pills, 416 
Mixture of Opium and Glycyrrhiza, 
535 

of Rhubarb and Soda, 157 
Ointment of Sulfur, 320 
of Tar, 379 

Opium and Glycyrrhiza Mixture, 535 
Puls of Mild Mercurous Chloride, 416 
Powder of Acetanilid, 156 
of Jalap, 232 
of Rhubarb, 362 
of Senna, 565 
of Zinc Sulfate, 104, 384 
Resorcinol Ointment, 379, 548 
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Compound Rhubarb Powder, 362 
Senna Powder, 565 
Sodium Borate Solution, 158, 164 
Salicylate and Gelscmium Elixir, 
250 

Solution of Cresol, 191 
of Sodium Borate, 164 
Phosphate, 210 
Squill Syrup, 535 
Sulphur Ointment, 320 
Syrup of Hypophosphites, 118, 185, 
197, 248, 332, 598, 621 
of Squill, 535 
Tar Ointment, 379 
Zinc Sulfate Powder, 104, 384 
Compounds, Tracer, 47 
Conical Drops, 321 

Contact Process for Sulfuric Acid, 136 
Copaiba Mixture, 204, 246 
Copper, Alloys of, 283 
Blister, 281 

Compounds, Non-official, 287 
Official, 283 

Electrolytic Refining of, 281 
History of, 277 

Manufacture of. Commercial, 280 

Occurrence of, 277 

Physical and Chemical Properties of, 

277 

Poled, 281 
Uses of, 282 
Copper Acetate, 289 
Basic, 280 
Bromides, 289 
Chlorides, 289 
Citrate, 283 

Hydrogen Arsenite, 289, 514 
Hydroxide, 287 
Iodides, 95, 288 
Ion, Official Tests for, 280 
Pharmacological Action of, 282 
Oxides, 287 
Pyrites, 557 
Sulfate, 285 ^ 

Tungstate, 589 
Copperas, 631 

Corrosion Process for White Lead, 498 
Corrosiron, 468 

Corrosive Mercuric Chloride, 401 
Sublimate, 401 
Tablets of, Large, 401 
Small, 402 
Corundum, 427, 445 
Cotunnite, 498 
Courtois, B., 92 
Cox’s Hive Syrup, 535 
Cream of Bismuth, 270, 548 
of Tartar, 231 
Creta Praeparata, 321 
Crimor Solis, N. F., 379, 476, 624 
Cristobalite, 469 

Critical Pressure, Definition of, 20 
Temperature, Definition of, 20 
Crocoite, 576 
Cronstedt, A. F., 587, 641 
Crookes, Sir Wm., 450, 656 
Crooksite, 450 
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I Crucible Steel, 610 
! Crucibles, Platinum, 650 
Plumbago, 455 

Cryolite, 79, 144, 169, 427, 444 
Cryolite-Soda Process, 170 
CrystalJuria, 154 
I Cupellation, 295 
I Cupri Citras, 284 
Sulfas, 287 
Cupric Acetate, 289 
Basic, 289 
Acetoarsenite, 289 
Bromide, 289 
Chloride, 289 
Citrate, 283, 284 
Ointment, 284 
Ferrocyanide, 280 
Hydrogen Arsenite, 289, 514 
Hydroxide, 287 
Oxide, 287 

Ammoniated, Test Solution of, 288 
Sulfate, 287 
Cuprite, 277, 287 
Cuprous Bromide, 288 
Chloride, 288 
Hydride, 115 
Hydroxide, 287 
Iodide, 95, 288 
Oxide, 287 
Cuprum, 277 

Curie, Mme., 656, 658, 659 
Pierre, 659 
Curies, 661 
Micro-, 661 
Milli-, 661 

Cyanamides. See Respective elements. 
Cyanite, 446 
Cyclotron, 661 

D 

19aisite 432 

Dakin’s Solution, Modified, 86, 159, 194 
Dalby’s Carminative, 237, 359 
Davy, Sir H., 68, 83, 108, 144, 222, 312, 
342, 345, 353, 508 
Dechenite, 553 

Decolorized Tincture of Iodine, 96 
Decrepitation, 251 

Dehydration, Intermolecular, 127, 513 
Intramolecular, 513 
D’Elhujar, D. F. and D. J. J., 589 
Del Rio, A. M., 553 
Deniges Reagent, 182 
Dental Anesthetic Solution, 1 80 
Dentifrice, N. F., 320 
Dentifricium, N. F., 320 
Dephlogisticated Air, 19 
Depolarizer, 599 
Dermatol, 546 
Descloizite, 553 
Desormes, C. B., 104 
Deuterium, 45 
Oxide, 46 

! Deutro-trisilicic Acid, 366 
I Developed 302 

I Deville, H. St Claire, 353, 430 
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Dextrose and Sodium Chloride Injec- 
tion, 177 

Diachylon Plaster, 497 
Dialyzed Iron, 634 
Diamond, 454 
Artificial, 454 
Black, 454 

Diantimonic Acid, 536 
Diaspore, 427 

Dibasic Calcium Phosphate, 336 
Sodium Phosphate, 208 
Dicalcium Orthophosphate, 337 
Phosphate, 336 
Dichromates, 577-585 
Dichromic Acid, 579, 585 
Dickite, 439 

Dihydrogen Phosphide, 509 
Dilatin, 91 

Diluted Ammonium Hydroxide Solu- 1 
tion, 74 

Hydriodic Acid, 103 
Hydrochloric Acid, 112 
Lead Subacetate Solution, 495 
Mercurial Ointment, 397 
Nitrohydrochloric Acid, 125 
Nitromuriatic Acid, 125 
Phosphoric Acid, 130 
Sodium Hypochlorite Solution, 86, 
159, 194 

Sulfuric Acid, 137 
Talbot’s Solution, 97, 377 
Dioscorides, 312, 390, 488 
Diphenylamine, 121 
Dippel’s Oil, 457 
Disilane, 471 

Disodium Hydrogen Orthoarsenate, 
525 

Hydrogen Phosphate, 208 
Orthophosphate, 208 
Pyroantimonate, 146 
Distilled Water, 54 
Disulfuric Acid, 134 
Dithionic Acid, 572 
Diuranates, 592 
Dobell's Solution, 164 
Dolomite, 313, 353, 454 
Dolomitic Limestone, 353 
Donovan's Solution, 156, 406, 523 
Dorn, Ernst, 655, 660 
Down’s Cell, 147 
Downs, J. C., 144, 147 
Dried Alum, 444 
Aluminum Hydroxide Gel, 436 
Ferrous Sulfate, 632 
Sodium Arsenate, 527 
Phosphate, 210 
Driers, 497 
Drop Chalk, 321 
Drops, Conical, 321 
Dry Ice, 461 
Duckworth, 19 
Dulong, P. L., 114 
Duriron, 468 
Dust, Chromate, 578 
Zinc, 372 

Dutch Process for White Lead, 498 
Dyar, H. G., 170 


Dynamite, 469 
Dysprosium, 452 


E 

Eau forte, 118 
Effervescence, 152, 167 
Effervescent Citrate, 156, 243 
Eisenzucker, t 34 
Sodium Phosphate, 156, 210 
Eka-aluminum, 449 
Elka-boron, 447 
Elka-silicon, 486 
Ekeberg, A. G., 554 
Elaidin, 397 

“Electric Rat Paste,” 508 
Electrolytic Mud, 282 
Electromotive Series of the Metals, 665 
Electroplating, Cadmium, 387 
Chromium, 579 
Silver, 293 

Element, Phosphatide, 114 
Elixir Ammonii Bromidi, 266 
Valeratis, 75 

Bromidorum Quinque, 141, 166, 234, 
267, 318 
Trium, 234, 267 

Buchu et Juniperi et Potassii Aceta- 
tis, 227 

Calcii et Sodii Glycerophosphatum, 
130, 187, 327 
Catariae et Foeniculi, 156 
Ferri, Quininie et Strychninse, 620 
Phosphatum, 626 
Gentianse, 185 
Glycerinatum, 131 
Glycerophosphatum Compositum, 
188, 327, 597, 621 
L Q. & S., 620 
I Phosphates, 626 
! Pcntobarbitali, 114 
Pepsi ni, 210 
Potassii Bromidi, 235 
Rhci Alkalinum, 236 
Sodii Bromidi, 166 
Salicylatis et Gelsemii Composi- 
tum, 250 
Thiocyaiiatis, 211 
Elixir of Ammonium Bromide, 266 
Valerate, 75 
Valerianate, 75 

of Buchu, Juniper and Potassium 
Acetate, 227 

of Calcium and Sodium Glycerophos- 
phates, 130, 187 
of Catnep and Fennel, 156 
of Five Bromides, 141, 166, 234 
of Gentian, 185 
Glycerinated, 131 
of Glycerophosphates, 188, 327 
Compound, 597 
I. Q. & S. Phosphates, 626 
of Iron, Quinine and Strychnine, 620 
Phosphates, 626 
of Pepsin, 210 
of Potassium Bromide, 235 
of Rhubarb, Alkaline, 236 
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Elixir of Sodium Bromide, 166 
Sulfocyanate, 215 
Thiocyanate, 211, 215 
of Sulfanilamide, 313 
of Three Bromides, 166 
Elutriation, 321 
Emerald Green, 582 
Emeralds, 351 
Emery, 427, 445 

Emplastrum Plumbi Oleatis, 497 
Empyreal Air, 19 
Enargite, 511 
Enstatite, 473 
Enziflur Lozenges, 82 
Ephedrine Sulfate Solution, 180 
Epsom Salt, 353, 365 
Erbium, 452 
Ergot Extract, 113 
Fluidextract, 113 
Erucic Acid, 99 
Erythrite, 636 
Erythronium, 553 
Ethyl Orthoborate, 100 
2-Ethyl Antliraquinone, 59 
Europium, 452 
Euxenite, 447, 481 
Exchangers, Resinous-ion, 51 
Expectorant Mixture, 270 
Exsiccated Alum, 444 
Ferrous Sulfate, 632 
Sodium Arsenate, 527 
Phosphate, 210 
Sulfite, 213 

Extract, Goulard’s, 495 
of Golden Seal, 362 

Extractum Ergo tie, 113 ^ 

Hydrastis, 362 

Secalis Cornuti Fluidurn Acidum, 
P. L, 113 


F 

Faraday, Michael, 84 
Fehling’s Solution, 285 
Feigl, F., 430 
Feldspar, 222, 438 
Soda, 144 
Felting, 610 
Feosol, 632 
Fergon, 630 
Fermi, 661 

✓Ferri Ammonii Citras, 615 
Viridis, 617 
Cacodylas, 618 

Carbonas Saccharatus, 137, 157, 629 
Gluconas, 630 
Glycerophosphas, 621 
Hypophosphis, 621 
Oxidum Fiavum, 625 
Rubrum, 623 
Saccharatum, 634 
Phosphas Solubilis, 626 
Pyrophosphas Solubilis, 634 
Sulfas, 631 
Exsiccatus, 632 


Ferric Acetate, 149 

Ammon iu m Citrate. 61 4 
Capsules, 616 
Cacodylate, 617 
Ampuls, 618 
Injection, 618 
Chloride, 618 
Solution of, 619 
Tincture of, 185, 619 
Citrochloride, Tincture of, 185, 619 
Glycerophosphate, 620 
Hydroxide, 633 
Hypophosphite, 621 
Ion, Official Tests for, 606 
Pharmacological Action of, 611 
Orthophosphate, 625 
Oxide, 622, 624 
Rod, 622 
Saccharated, 634 
Yellow, 624 

Peptonate and Manganese, Solution 
of, 596 

Phosphate, 625 
with Sodium Citrate, 626 
Pyrophosphate, 634 
Salts, Unofficial. See Iron. 
Subsulfate Solution, 124, 137, 632 
Sulfate, 626 
Solution of, 627 
Sulfide, 604 
Ferricyanides, 606 
Browning-Palmer Test for, 388 
Ferrochrome, 578 
Ferrosilicon, 30, 468 
Ferroso-ferric Oxide, 427, 453, 604, 605 
•Ferrous Ammonium Sulfate, 631 
Carbonate, 627 . 

Mass of, 172, 628, 633 
Pills of, 237, 629, 633 
Saccharated, 137, 157, 629 
Chloride, 635 
I'errite, 605 
Gluconate, 630 
Hydroxide, 605 
Iodide, 613 
Syrup, 99, 117, 613 
Ion, Official Tests for, 606 

Pharmacological Action of, 61 1 
Lactate, 635 
Sulfate, 631 
Dried, 632 
Exsiccated, 632 
Syrup, 633 
Tablets, 632 
Ferrovanadium, 554 
Ferruginous Pills, 237, 629, 633 
Ferrum, 613 

Oxy datum Saccharatum, 634 
Peptonatum, 185, 623 
Rcductum, 613 
Fire Extinguishers, 460 
Fire, Blue, 529 
Green, 350 
Red, 344 

Five Bromides Elixir, 141, 166, 234,’ 
267, 318 
Flake Lead, 497 
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Flame, Atomic Hydrogen, 47 
Flint, 469 

Flotation Process for Low-grade Ores, 
280 

Flowers of Phosphorus, 510 
of Sulfur, 560, 565 
Fluidextract of Seneca-snakeroot, 76 
of Senega, 76 

Fluidextractum Aconiti, 112 
Cascarae Sagradaj Aromaticum, 362 
Ipecacuanha?, 112 
Senegae, 76 
Fluoboric Acid, 425 
Fluorapatite, 82 

Fluoride Ion, Pharmacological Action 
of, 82 

Fluorides. See Respective elements. 

Effect on Teeth, 82 
Fluorine, Chemical Properties of, 79 
History of, 79 

Manufacture of, Commercial, 80 
Non-official Compounds of, 80 
Occurrence of, 79 
Physical Properties of, 79 
Uses of, 80 
Fluorite, 79, 313 
Fluorocarbons, 80 
Fluorspar, 79, 313 

FluosLlicate. See Respective elements. 

Fluosilicic Acid, 472 

Fool’s Gold, 604 

Foraminifera, 320 

Fowler’s Solution, 525 

Francium, 662 

Frank and Caro Cyanamide Process for 
Nitrogen Fixation, 67 
Franke, B., 600 
Franklinite, 370, 427 
Frasch, Herman, 561 
French, C. L., 215 
French Mixture, 98 
Freon, 80 
Frey, E., 91 
Fuller’s Earth, 446 
Fuming Spirit of Libavius, 486 
Sulfuric Acid, 569 
Furnace Zinc, 386 
Fused Silver Nitrate, 297 
Fusible Alloys, 386, 542 


G 

Gadolin, 447 
Gadolinium, 452 
Gadolinite, 447, 452 
Gahn, J. G., 503, 593 
Gahnite, 427 
Galena, 488, 557 
Gallium Alum, 449 
Aluminum Alloy of, 449 
Chemical Properties of, 449 
Compounds of, 449 
History of, 449 

Manufacture of. Commercial, 449 
Occurrence of, 449 
Uses of, 449 


Galvanizing, 373 
Gamma Rays, 658 
Gangue, 608 
Gans, R., 51 

Gargarisma Potassii Chloratis cum 
Ferro, 240 
Gargle, Golden, 240 
of Potassium Chlorate with Iron, 240 
Garnet, 473 
Garnier, J., 641 
Garnierite, 641 
Gas, Blue Water, 31 
Carbonic Acid, 463 
Coal, 464 

Illuminating, 459, 464 
Laughing, 69 
Modified Producer, 465 
Mustard, 573 
Producer, 465 
Semi-water, 465 
Sewer, 566 
Water, 465 
Gas Carbon, 459 
Mantles, 663 

Gases, Occlusion of, 29, 647 
Gay-Lussac, L. J., 48, 80, 92, 100. 105, 
144 222 423 

Geber, 70,'ll8, 390, 488, 531 
Geiger-Miiller Electrical Counter, 661 
Gelatum Alumini Hydroxidi, 435 
Siccum, 436 
Phosphatis, 437 

Methylrosanilinae Chloridi, 210 
Gels, 473 
Gengembre, 508 
Gentian Elixir, 185 
Violet Jelly, 210 
Gerland, W. B., 553 
German Silver, 283, 643 
Germanium, Chemical Properties of, 
481 

Chlorides of, 481 
History and Occurrence of, 481 
Manufacture of. Commercial, 481 
Oxides of, 481 
Physical Properties of, 481 
Reactions of, 481 
Uses of, 482 
Gibbsite, 427 
Giesel, F. 0., 658 
Ginger Syrup, 359 
Gisvold, O., 611 
Glacial Phosphoric Acid. 127 
Glance, Antimony, 531 
Bismuth, 540, 552 
Cobalt, 511, 636 
Nickel, 511 
Glass, Crown, 470 
Etching of, 81 
Flint, 470, 497 
Frosted, 81 
Green, 582 
Hard, 470 
Norman, 366 
Pyrex, 470 
Red Arsenic, 529 
Silvering of, 293 
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Glass, Soft, 470 

Test for Solubility and Reaction of 
Ampul, 470 
Water, 468, 473 
Glauber, J. R., 108, 118 
Glauberite, 212 
Glauber’s Salt, 212 
Glucinum, 351 
Glutamic Acid, 112 
Glutathione, 521 
Glycerinated Gentian Elixir, 131 
Glycerite of Boroglycerin, 103 
of Carbolic Acid, 185 
of Iodine and Zinc Iodide, 97, 377 
of Phenol, 185 
of Tannin, 185 

Glyceritum Acidi Tannici, 185, 214 
Boroglycerini, 103 
lodi et Zinci lodidi, 97, 377 
Phenolis, 185 
Glycerogelatina, 379 
Glycerophosphates Elixir, 327 
Compound, 327 

Glycerophosphoric Acid, 187, 327 
Glycothymoline, 103 
Goethite, 623 
Gold, Artificial, 487 
Cyanides of, 311 
Fool’s, 604 

Halogen Compounds of, 310 
History and Occurrence of, 305 
Hydroxide of, 310 
King’s, 530 

Manufacture of, Commercial, 307 
Non-official Compounds of, 309 
Official Compounds of, 308 
Oxides of, 310 

Physical and Chemical Properties of, 

^5 

Sodium Thiosulfate, 308 
Uses of, 308 
Gold Coin, 283 
Ion, Official Tests for, 307 

Pharmacological Action of, 307 
Selenate, 305 

Golden Antimony Sulfide, 539 
Gargle, 240 

Sulfuret of Antimony, 539 
Goldenseal Extract, 362 
Goldschmidt, H., 432 
Goldschmidt Thermit Reduction Pro- 
cess, 432 
Gore, G., 79 
Goslarite, 370 
Goulard’s Cerate, 495 
Extract, 495 
Goyan, F. M., 177 
Graham, Thomas, 125, 633 
Grainers, 175 
Grand, Albert le, 1 18 
Graphite, 454, 455 
Scales, 609 
Grass-cloth, 663 
Gray, J. A., 660 
Gray, R. W., 660 
Gray Cast Iron, 609 
Green, M. W., 209 


Green, Arnaudon’s, 583 
Chrome, 582 
Emerald, 582 

Ferric and Ammonium Citrate, 616 
Ampuls, 617 
Injection, 617 
Fire, 350 
Glass, 582 
Imperial, 290 
Paris, 290 
Parrot, 290 
Plessey’s, 583 
Rinman’s, 638 
Scheele’s, 289, 514 
Schweinfurt’s, 290 
Soap, 245 
Swedish, 289 
Verdigris, 289 
Vienna, 290 
Vitriol, 631 
Greenock ite, 386, 389 
Gregor, Wm., 475 
Gregory’s Powder, 362 
Grew, N., 353 
Gun Metal, 283, 483 
Gutzeit Test for Arsenic, 517 
Gypsite, 339 
Gypsum, 313, 339, 557 
Gypsy Moth, 529 


H 

Haber Process for Ammonia, 67, 72 

Hahn, O., 661 

Halazone, 87 

Half-change Period, 659 

Hales, Steven, 19 

Hall, Charles, 430 

Halogen Family, Introduction to, 78 
Hammett, L. P., 429 
I Hard Paste of Zinc Oxide, 379 
Hardystonite, 473 
Hart, E. B., 282 
Hartmann, Alexis F., 179 
Hartshorn, 268 
Hartshorn Liniment, 75 
Hartshorn, Spirit of, 70 
Hatchett, C., 554 
Hauerite, 601 
Haury, V. G., 356 
Hausmannite, 593, 598 
Heat of Vaporization, 49 
Heavy Magnesia, 362 
^ar, 345 
Water, 46 

Physical Properties of, 49 
Hebra’s Itch Ointment, 320, 565 
Helium, 652, 653 
Hellige Comparator, 41 
Hematite, 604 
Ore, Red, 623 
Hemming, J., 170 
Henckel, 370 
Henry’s Law, 460 
H^ar Calcis, 340 
Sulfuris, 2^ 
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Hermann, K. S. L., 386, 554 
Herodotus, 482 
Heroult, P. L. T., 430 
Herschel, Sir F. W., 591 
Hertz, H. R., 504 
Hessite, 291 

Hexachloride of Silicon, 472 
Hexavanadic Acid, 554 
Hildebrand, J. H., 81 
Hilex, 194 
Hill, W. L., 429 
Hind, H. W., 177 
Hirschfelder, A. D., 356 
Hisinger, W. von, 477 
Hittorf, 505 
Hive Syrup, 535 
Hjelm, P. J., 587 
Hollendus, Isaac, 322 
Holmium, 452 
Homberg, Wm., 100 
Homologous Series, 459 
Hopcalite, 303 
Horn-Silver, 291 
Household Ammonia, 77 
Humboldt, 48 
Humpidge, 351 
Husa, W. J., 156, 667 
Hyclorite, 86 
Hydrargyri Benzoas, 419 
Hichloridum, 401 
Chloridum Mite, 415 
Cyaiiidum, 403 
lodidum Flavum, 418 
Rubrum, 405 
Oxidum Flavum, 408 
Rubrum, 409 
Oxycyanidum, 420 
Salicylas, 411 
Subsulfas Fla V us, 420 
Succinimidum, 412 
Hydrargyrum, 390, 396 
Ammoniatum, 399 
Benzoicum, 419 
Cum Greta, 321, 398 
Oxycyanatum, 420 
Hydrastis Extract, 362 
Hydrated Lime, 328 
Hydrazine, 64 
Ilydrazoic Acid, 64 
Hydrides of Silicon, 471 
Hydriodic Acid, 104 
Diluted, 107 

History and Occurrence of, 104 
Laboratory Preparation of, 107 
Manufacture of. Commercial, 106 
Pharmaceutical P»’eparations and 
Uses of, 107 

Physical and Chemical Properties 
of, 105 

Preparation of. Laboratory, 107 
Syrup, 107 I 

Hydrocarbons, Saturated, 459 
Unsaturated, 459 
Hydrochloric Acid, 108, 111 
Diluted, 112 

Solution of Arsenic, 1 12, 525 
Hydrofluoric Acid, 80 


Hydrogel, 473 
Hydrogen, 29 
Activated, 30 
Chemical Properties of, 30 
History of, 29 
Isotopes of, 45 

Manufacture of. Commercial, 30 
Occlusion by Metals of, 29 
Occurrence of, 29 
Physical Properties of, 29 
Sulfuretted, 565 
Uses of, 47 

Hydrogen Arsenide, 529 
Chloride, 108 
Dry, 111 
Dioxide, 56 
Solution of, 61 
Disulfide, 568 
Fluoride, 80 
Preparation of, 81 
Iodide, 104 

Chemical Prcmerties, 105 
History and Occurrence of, 104 
Physical Properties of, 105 
Tests for Identity of. Official, 105 
Ion Concentration, 33 

Determination of, 36, 38 
Problems, 37, 38 
Nitrate, 118 
Pentasulfide, 568 
Peroxide, 55» 

Antiseptic Properties of, 61 •V' 
Chemical Properties of, 56 ' 
Direct Synthesis of, 59 
History of, 55 

Laboratory Preparation of, 60 
Manufacture of, Commercial, 57 
Occurrence of, 56 
Official Tests for Identity of, 57 
Oxidizing Action of, 56 . 

Pharmaceutical Preparations and 
Uses of, 61 

Physical Properties of, 56 
Reducing Action of, 57^.—--^'^ 

Solution of, 61 * 

Phosphide, Solid, 509 
Polysulfides, 568 
Selenide, 574 
Sulfate, 131 

Sulfide, Chemical Properties of, 566 
Detection of, 567 
Dissociation of, 566 
Occurrence of, 565 
Pharmaceutical Preparations and 
Uses of, 568 

Pharmacological Action of, 567 
Physical Properties of, 566 
Preparation of, 567 
Telluride, 574 
Trisulfide, 568 
Hydrolite, 33 
Hydrolysis, 53, 71 
Hydrone, 33 
Hydronium Ion, 33 

Calculation of pH from Concentra- 
tion of, 36 
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Hvdronium Ion, Concentration, Meas- , Iodides. See Bespective elements. 


urement of, 38 I Imcture 

Calorimetric, 40 I Iodine, Am 

Chemical, 43 | and Zinc 

Electrometric, 41 , Carbolize 

Problems, 36 ; Chenuca) 

Hydrosol, 473 ! H'storv c 

Hydrosulfuric Acid, 565 ' Manuiaci 

Hydrozincite, 370, 384 

Hypertonic Solution of Sodium Clilo- Oincial h 

Vide, 179 Pharmace 

Hy-lo, 194 Uses of, 

Hypo, 218 Physical I 

Hypobromites. See Respective cle- Radioacti' 

ments. Resubliras 

Hypobromous Acid, 90 Solution o 

Hypochlorites. See Respective ele- Tincture c 

ments. Decolori 

Hypochlorous Acid, 84 Mild, 9C 

Hypophosphites Syrup, 118, 197, 248, Strong, 

332 Iodine, 92 

Hypophosphorous Acid, 114, 117 Ointment, 

Hyposulfites. See Respective elements. Stainlesj 

Hyposulfurous Acid, 572 j Swabs, 97 

Hypotonic Solution of Sodium Chlo- lodism, 199 


j Tincture, 76 
j Iodine, Ampuls of, §7, 199 
j and Zinc Iodide Glycerite, 97, 377 
Carbolized Solution of. 98 
j Chemical Properties of, 93 
j History of, 92 

i Manufacture of. Commercial, 93 
Occurrence of, 92 
Official Tests for Identity of, 93 
Pharmaceutical Preparations and 
Uses of, 96 

Physical Properties of, 92-95 
Radioactive, 659 
Resubliraation of, 94 
Solution of, 96, 199 
Tincture of, 96, 199 
Decolorized, 96 
Mild, 96 
Strong, 98 
Iodine, 92 
Ointment, 97 
Stainless, 97 
Swabs, 97 


ride, 179 


Ice, Artificial, 77 
Dry, 461 

Heat of Fusion of, 49 
Ignis fatuus, 508 
lUinium, 452 
Ilmenite, 475 
Imperial Green, 290 
Indicators, Scale of, 39 
Indium Alum, 450 
Indium, Compounds of, 450 
History of, 449 
Manufacture of, 450 
Occurrence of, 450 
Properties of, 450 
Uses of, 450 
Inert Gases, 652 
Infusorial Earth (Purified), 469 
Injectio Bismuthi Potassii Tartratis, 
544 

Bismuthi Subsalicylatis, 549 
Calcii Gluconatis, 325 
Dextrosi et Sodii Chloridi, 177 
Hydrargyri Salicylatis, 411 
Phenolsidfonphthaleini, 156, 178, 192 
Sodii Lactatis, 201 
Injection, Calcium Levulinate, 334 
Green Ferric Ammonium Citrate, 
617 

mercuric salicvlate, 411 
Sodium Cacodylate, 528 
Salicylate and Iodide, 199 
Ink, Invisible, 638 
Sympathetic, 638 
Instatite, 367 

Inter molecular Dehydration, 513 
Intramolecular Dehydration, 127, 513 
Iodide Ion, Official Tests for, 197 
Pharmacological Action of, 95 


Iodized Oil, 96 
lodobehenic Acid, 99 
lodum, 96 
lodyrite, 291 

Ion, Acetate, Official Tests for, 149 
Pharmacological Action of, 150 
Aluminum, Pharmacological Action 
of, 431 

Tests for, 428 

Ammonium, Official Tests for, 264 
Pharmacological Action of, 264 
Antimony, Official Tests for, 532, 533 
Pharmacological Action of, 533 
Arsenate, Tests for, 515 
Arsenic, Official Tests for, 513 
Pharmacological Action of, 521 
Arsenite, Tests for, 515 
Barium, Pharmacological Action of, 
346 

Tests for, 345 

Beryllium, Pharmacological Action 
of, 352 

Bismuth, Pharmacological Action of, 
542 

Tests for, 541 
Bitartrate, Tests for, 230 
Bromide, Official Tests for, 165 
Pharmacological Action of, 91 
Cadmium, Pharmacological Action 
of, 387 

Tests for, 386 

Calcium, Official Tests for, 314 
Pharmacological Action of, 314 
Carbonate, Tests for, 169 
Cerium, Pharmacological Action of, 
478 

Tests for, 479 

Chlorate, Pharmacological Action of, 
240 

Tests for, 238 

Chloride, Official Tests for, 174 
Pharmacological Action of, 86 
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Ton, Chromate, Official Tests for, 577 i Ion, Silver, Official Tests for. 293 


Pharmacological Action of, 578 | 

Chromium, Official Tests for, 578 j 
Pharmacological Action of, 578 i 
Citrate, Official Tests for, 182 | 

Cobalt, Pharmacological Action of, 
637 

Tests for, 636 

Copper, Official Tests for, 280 
Pharmacological Action of, 282 
T3ichromate, Tests for, 577 
Dihydrogen Phosphate, Tests for, 
160 

Ferric, Pharmacological Action of, 
611 

Tests for, 606 

Ferrous, Pharmacological Action of, 
611 

Tests for, 605 

Fluoride, Pharmacological Action of, 
82 

Germanium, Tests for, 481 
Glycerophosphate, Official Tests for, 
186 

Gold, Official Tests for, 307 
Pharmacological Action of, 307 
Hydrogen, 33 
Hydronium, 33 

Hypophosphite, Official Tests for, 
196 

Pharmacological Action of, 117 
Iodide, Pharmacological Action of, 
95 

Tests for, 197 
Iron, Official Tests for, 606 
Pharmacological Action of, 611 
r.ead, Official Tests for, 490 
Pharmacological Action of, 491 
Lithium, Official Tests for, 139 
Pharmacological Action of, 140 
Magnesium, Official Tests for, 354 
Pharmacological Action of, 356 
Manganese, Pharmacological Action 
of, 594 

Tests for, 593 

Mercuric, Official Tests for, 394 
Pharmacological Action of, 395 
Mercurous, Tests for, 394 
Molybdenum, Tests for, 587 
Nickel, Pharmacological Action of, 
637 

Tests for, 641 

Nitrate, Official Tests for, 120 
Pharmacological Action of, 252 
Nitrite, Official Tests for, 203 
Pharmacological Action of, 204 
Palladium, Tests for, 649 
Perborate, Official Tests for, 205 
Permanganate, Official Tests for, 254 
Pharmacological Action of, 255 
Phosphate, Official Tests for, 127 
Potassium, Official Tests for, 232 
Pharmacological Action of, 225 
Selenium, Pharmacological Action 
of, 574 . . r 

Silicate, Pharmacological Action of, 
46 $ 


Pharmacological Action of, 295 
Sodium, Official Tests for, 146 
Pharmacological Action of, 147 
Strontium, Official Tests for, 342 
Pharmacological Action of, 343 
Sulfate, Official Tests for, 212 
Suffide, Official Tests for, 566 
Sulfite, Official Tests for, 213 
Tartrate, Official Tests for, 256 
Tellurium, Pharmacological Action 
of, 574 

Thiocyanate, Tests for, 215 
Thiosulfate, Tests for, 217 
Tin, Pharmacological Action of, 484 
Tests for, 483 
Tungsten, Tests for, 595 
Uranyl, Tests for, 592 
Vanadates, Tests for, 553 
Zinc, Official Tests for, 370 
Pharmacological Action of, 373 
Ipecac Fluidex tract, 112 
I Tincture, 113 
Iridium, 648 
Iron, 603 
Cast, 609 
Gray, 609 
White, 609 
Dialyzed, 634 
Galvanized, 373 
History of, 603 

Magnetic Oxide of, 427, 453, 604, 605 
Manufacture of, Commercial, 608 
Non-official Compounds of, 633 
Occurrence of, 603 
Official Compounds of, 614 
Peptonate, 623 

Pharmaceutical Preparations and 
Uses of, 613 

Physical and Chemical Properties of, 
604 

Pig, 609 

Reduced, 604, 610 
Tincture of, 619 
Tasteless, 185, 619 
Wrought, 609 
Iron Age, 603 
Alums, 626 

and Ammonium Acetate Solution, 
620 

Citrates, 615 
Capsules, 616 
Sulfate, 626 

and Potassium Sulfate, 626 
by Hydrogen, 613 
Cacodylate, 618 
Ampuls, 618 
Carbonate, 627 
Mass of, 628 
Pills of, 629 
Saccharated, 629 
Chlorides, 635 
Ferricyanides, 606 
Ferrocyanides, 606 
1 Glycerophosphate, 620 
Hydroxides, 633 
I Hypophosphite, 621 
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Iron Ions, Official Tests for Identity of, 
606 

Pharmacological Action of, 611 
Iodide, Syrup of, 613 
Orthophosphate, 625 
Oxides, 622, 624 
Peptonate, 623 
Perchloride, Solution of, 619 
Pyrites, 604 
Pyrophosphate, 634 
Quinine and Strychnine Elixir, 620, 
626 

Stone, 604 

Subsulfate, Solution of, 124, 632 
Sulfates, 631 
Tannate, 620 

Tersulfate, Solution of, 627 
Tincture, 619 
Isen, 603 

Isotonic Collyria, Sodium Chloride 
Concentrations for, 667 
Equivalents for, 665 
Saline Solution, 179 
Solution of Sodium Chloride, 179 
No. 1— -Non-sterile Isotonic 
Chloride Solution, 179 
No. 2— Sterile Isotonic Sodium 
Chloride Solution Not for 
Parenteral Use, 179 
No. 3— Sterile Isotonic Sodium 
Chloride Solution for Paren- 
teral Use, 179 

Method of Calculation for, 665 
of Three Chlorides, 178, 242, 323 
Isotopes, Definition of, 45 
Isotopes of Hydrogen, 45 
of Sodium, 45 


J 

Jalap Powder, Compound, 232 
Jannsen, Pierre J. C., 655 
Jasper, 469 

Jaubert’s Method for Sodium Perbor- 
ate, 205 

Jaune Brilliant, 389 
Jelly, Gentian Violet 210 

Methylrosaniline Chloride, 210 
Jeweler’s Rouge, 623 
Joliot, F., 658 
Jos4, J., 589 
Joss, J. R., 89 


K 

Kainite, 222, 259 
Kammerer, H., 284 
Kaolin, 427, 438 
Cataplasm of, 103, 439 
Kaolinite, 438, 439, 473 
Kaolinum, 439 
Kaufmann, W., 658 
Keith, N. M., 275 
Kelp, 92 

Kermes Mineral, 539 
Kieselguhr, Purified, 469, 


Kieserite, 212, 241, 353, 365, 557 
Kilo-calorie, Definition of, 50 
King’s Gold, 530 
Yellow, 499, 529, 584 
Kirchhoff, G. R., 261 
Kirsner, J. B., 319 

Klaproth, M. H., 19, 475, 476, 573, 576, 
590 

Knox, L., 338 
Kobalt-rex, 636 
Koch, Robert, 307 
Kohl, 531 

Kolthoff, I. M., 146 
Krafft, J. D., 503 
Krahulik, E. J., 343 
Krypton, 654 
Kunckel, Johann, 370, 503 
Kupfernickel, 641 


L 

Lactated Ringer’s Solution, 178, 201, 
242 324 

Lafayette Mixture, 204, 216 
Lagoni, 102 
Lakes, 232, 434 
LaMotte Comparator, 40 
Lamp Black, 32, 458 
Langmuir, Irwin, 47 
Lanthanum, 452 
Lany, C., 450 
Lapis Calaminaris, 384 
Large Bichloride Tablets, 401 
Corrosive Sublimate Tablets, 401 
Poison Tablets of Mercury Bichlor- 
ide, 401 

Lassar’s Mild Resorcinol Paste, 379 
Stronger Resorcinol Paste, 379 
Plain Zinc Paste, 379 
Zinc Paste with Salicylic Acid, 379 
Laughing Gas, 69 

Lavoisier, A. L., 19, 48, 63, 118, 131 
557, 569 
Lawrencite, 635 

Laxatives, Classification of, 209 
Lead, Action of Water upon, 489 
Chemical Properties of, 489 
Flake, 497 
Hard, 491 
History of, 488 

Manufacture of. Commercial, 490 
Non-official Compounds of, 497 
Occurrence of, 488 
Official Compounds of, 493 
Physical Properties of, 488 
Poisoning by, 492 
Treatment of, 492 
Red, 500 
Refining of, 491 
Sugar of, 495 
Uses of, 492 
White, 497 

Carter Process for, 498 
Dutch Process for, 498 
Paste of, 498 
Sublimed, 501 
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Lead Acetate, 493 i 

and Opium Lotion, 495 
Wash, 495 
Arsenate, 529 
Buckles, 498 
Carbonate, 497 
Basic, 497 

Chamber Process for Sulfuric Acid, 
135 

Chloride, 498 
Chromate, 498, 499, 584 
Dioxide, 500 
Iodide, 499 

Ion, Official Tests for, 490 
Pharmacological Action of, 491 
Metantimonate, 536 
Monoxide, 496 
Nitrate, 500 
Oleate, 497 
Ointment, 497 
Plaster of, 497 
Orthoplumbate, 500 
Oxide, Red, 513 

Pencils, 455 j 

Peroxide, 492 I 

Plaster, 497 
Storage Batter}^ 492 
Subacetate Cerate, 495 
Solution, 495 
Sulfate, 500 
Basic, 500 
Sulfide, 490 
Tungstate, 589 
Water, 495 
Le Blanc, Nicola, 169 
Le Blanc Process for Sodium Carbon- 
ate, 169 

Lecithin, 326, 327 
Lehman, Johann G., 576 
Leipzig Yellow, 499, 584 
Lemery, N., 29, 568 
Lencite, 438 
Lepidocrocitc, 623 
Lepidolite, 139 
LeVerrier, Urbain J. J., 508 
Levine, S. A., 347 
Levulinic Acid, 334 
Lewis, G. N., 46 
Liebig, Justus von, 89 
Light, Calcium, 30 
Lime, 30 

Light Magnesia, 362 
Lignolite, 369 
Lime, 335 
Air-slaked, 335 
Burnt, 335 
Chloride of, 338 
Chlorinated, 338, 339 
Hydrated, 328 
Light, 30 
Liniment, 330 
Milk of, 327, 335 
Nitro-, 67 
Overburnt, 335 
Slaked, 328 
Soda, 330 


Lime, Sulfurated, 340 
Water, 329 
Limestone, 313, 318 
Dolomitic, 353 
Limonite, 604, 623 
Linde Liquefier and Separator, 24 
Process for Oxygen, 23 
System for Liquid Air, 24 
Liniment, Ammonia, 75 
Calamine, 330, 378 
Camphorated Soap, 76, 172 
Hartshorn, 75 
Lime, 330 
Soft Soap, 245 
Volatile, 75 
White, 75 

Linimentum Ammoniac, 75 
Calaminac, 330, 378 
Calcis, 330 

Neocalaminse, 330, 378, 623, 625 
Saponis Mollis, 245 
Saponis Spissum, 67, 172 
Linnaeite, 636 
Lipowitz Alloy, 543 
Liquation, 484 

Liquefied Sodium Phosphate, 210 
Liquid Air, Fractionation of, 23 
Petrox, 76 
Petroxolin, 76 
Silver, 390 
Sulfur, 558 

Liquor Acidi Cetratis Dcxtrosi Anti- 
coagulans, 185 
Acidi Arseniosi, 112, 525 
Borici, 103 

Alumini Acetatis, 442 
Chloridi, 433 
I Subacetatis, 441 
Ammoniacal Gas, 72 
Ammoniac Anisatus, 76 
Dilutus, 74 
Fortis, 73 

Ammonii Acetatis, 270 
Antisepticus, N. F., 104 
Argenti Nitratis Ammoniacalis, 75, 
297 

Aromaticus Alkalinus, 163, 229 
Arseni ct Hydrargyri lodidorum, 1 56, 
406, 523 
Burowii, 442 
Calcii Hydroxidi, 329 
Calcis, 329 

Calcis Sulfuratae, 336, 565 
Carmini, 76 

Chloridorum Trium Isotonicus, 178, 
180 

Chloroazodini, 87 
Cocci, 232, 236, 444 
Cresolis Saponatus, 191, 245 
Ephedrinac Sulfatis, 180 
Ferri Chloridi, 619 
Ferri et Ammonii Acetatis, 620 
Peptonati, 185 
Peptonati et Mangani, 596 
Subsulfatis, 124, 632 
Tersulfatis, 627 
Hydrogenii Peroxidi, 61 
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Liquor lodi, 98, 199 
Fortis, 96 
Phenolatus, 98 
Magnesii Citratis, 229, 358 
Nitromersolis, 172, 192 
Plumbi Subacetatis, 495 
Dilutus, 495 

Potassii Arsenitis, 229, 525 
Citratis, 244 
Hydroxidi, 246 
lodidi, 219, 249 
Procainffi Plydrochloridi, 180 
Ringeri, 178, 242, 323 
Lacticus, 178, 201, 242, 324 
Soda? Chirurgicalis, 86, 159, 194 
et Menthae, 76, 151 
Sodii Arsenatis, 527 
Boratis Compositus, 158, 164 
Chloridi Isotonicus, 179 
Physiologic us, 179 
Citratis, 158, 185 
Anticoagulans, 179 
Hypochloritis, 86, 194 
Dilutus, 86, 159 
Phosphatis, 210 
Lister’s Solution, 104 
Litharge, 497 
Lithia Waters, 49 
Lithii Bromidum, 141 
Carbonas, 142 
Citras, 143 
Lithium, Chemical Properties of, 139 
History and Occurrence of, 138 
Ion, Official Tests for, 139 
Pharmacological Action of, 140 
Manufacture of. Commercial, 139 
Physical Properties of, 139 
Lithium Bromide, 140 
Carbonate, 141 
Citrate, 142 
Hydride, 139 
Silicide, 467 
Witride, 139 
lathopone, 350, 383 
Liver of Sulfur, 257 
Calcic, 340 
T^orandite, 450 
T^otio Alba, 258, 383 
Calaminse, 329, 378, 438 
Phenolata, 378 
Flava, 330, 402 
Neocalaminse, 379, 624 
Phenolata, 379, 624 
Nigra, 330, 415 
Plumbi et Opii, 495 
Siilfurata, 258, 383 
Lotion, Black, 330 
Calamine, 329 
Phenolated, 378 
of Lead and Opium, 495 
of Neocalamine, 624, 625 
Vleminckx’s, 336, 565 
White, 383 
Yellow, 330, 402 
Lowry-Bronsted, 263 
Lugol’s Solution, 96 
Lull, Raymond, 118 


I Lunar Caustic, 297 
Pencils of, 297 
i Lunge Test, -2% 
Lunosol, 300 
I Lutecium, 452 
Lysol, 191, 245 


M 

Mache Unit, 661 
Magma Bentoniti, 438 
Bismuthi, 76, 123, 270, 548 
Magnesise, 360 
Magnalium, 353 
Magnesia, 362 
Alba, 357 

Magnesia Cement, 361 
Magma, 360 
Mixture T. S., 359 
Magnesia, Calcined, 361 
Heavy, 362 
Light, 362 
Mixture, 515 
Magnesii Carbonas, 357 
Chloridum, N. F. V., 368 
Hydroxidum, 360 
Oxidum, 362 

Ponderosum, 362 
Phosphas Tribasicus, 363 
Sulfas, 365 
Trisilicas, 366 
Magnesite, 353 

Magnesium, Chemical Properties of, 
354 

History and Occurrence of, 353 
Manufacture of, Commercial, 355 
Non-official Compounds of, 368 
Official Compounds of, 356 
Physical Properties of, 353 
Uses of, 356 

Magnesium Ammonium Phosphab*, 
128, 354 
Carbonate, 356 
Chloride, 368 
Citrate Solution, 229, 358 
Hydroxide, 359 
Tablets, 360 

Ion, Pharmacological A(;tion of, 356 
Tests for, 354 
Lake, 355 
Nitride, 64, 354 
Oxide, 361 

Phosphate, Tribjisic, 363 
Polysilicate, 473 
Pyrophosphate, 355 
Silicate, 365 
Sulfate, 364 
Ampuls, 365 
Injection, 365 
Trisilicate, 365 
Tablets, 366 
Uranyl Acetate, 146 
Magnetite, 427, 453, 604, 605 
Malachite, 277 
Mallardite, 593 
Manganates, 602 
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Man^nese, Halogen Compounds of, 
History of, 593 

Manufacture of. Commercial, 594 
Non-official Compounds of, 598 
Occurrence of, 593 
Official Compounds of, 595 
Oxides and Hydroxides of, 598 
Physical and Chemical Properties 
of, 593 
Uses of, 595 

Manganese and Sodium Citrate, 596 
Butyrate, 602 
Citrate, 595 
Dioxide, 599 
Disulfide, 601 
Glycerophosphate, 596 
Hypophosphite, 597 
Ions, Pharmacological Action of, 594 
Tests for, 593 
Nitrate, 600 
Oxyacids, Salts of, 600 
Phosphate, 601 
Sulfates, 601 
Sulfides, 601 
Trioxide, 600 

Mangani Citras Solubilis, 596 
Dioxidum Prjecipitatum, S. P. 
IX, 599 

Glycerophosphas, 597 
Hypophosphis*, 598 
Manganic Acid, 602 
Anhydride, 600 
Hydroxide, 599 
Oxide, 599 
Sulfate, 601 
Mangani te, 593, 599 
Manganites. See Respective elements. 
Manganomanganic Oxide, 598 
Manganous Bromide, 600 
Carbonate, 600 
Chloride, 600 
Citrate, 595 
Fluoride, 600 
Hydroxide, 598 
Hypophosphite, 597 
Iodide, 600 
Nitrate, 600 
Oxide, 598 
Phosphate, 600 
Sulfate, 601 
Sulfide, 601 
Marble, 313, 318 
Marcovitch, S., 473 
Marggraf, Andreas S., 125, 340, 427, 
649 

Marignac, J. C. G. de, 554 
Marl, 313 

Marsh's Test for Arsenic, 515 
Mass of Ferrous Carbonate, 628, 633 
of Mercup^, 397 

Massa Ferri Carbonatis, 1 72, 628 
Hydrargyri, 397 
Massicot, 496 
Matthiessen, A , 138 
Mayenne, Turquet de, 29 
, Mayer's Reagent, 393, 404 

' ■ 44 


Mayow, John, 19 
Medicinal Soft Soap, 245 
Zinc Peroxide, 381 
Meerschaum, 353, 473 
Meleney, F. L., 380 
Melilithe, 473 
Meltzer, S. J., 356 
Mendel4eff, Dmitri L, 447, 449, 481 
Mendel6eff's Periodic Table of Ele- 
ments, 664 
Mephitic Air, 63 
Merceron, 517 
Mercupurin, 395 
Mercurammonium Chloride, 399 
Mercurial Ointment, Mild, 397 
Strong, 397 

Mercuric Benzoate, 419 
Chloride, 400 

Poison Tablets of, Large, 401 
Small, 402 
Polymers of, 401 
Cyanide, 402 
Iodide, 404 
Tablets, 406 
Nitrate, 419 
Ointment of, 1 24, 397 
Oxide, 406 
Red, 406 
Ointment of, 409 
Yellow, 406 

Ointment of, 408 ^ 

Oxy cyanide, 420 
Salicylate, 409 
Ampuls, 411 
Injection, 411 
Succinimide, 411 
Ampuls, 413 
Sulfate, 420 
Sulfide, 420 
Mercurin, 395 
Mercurous Chloride, 413 
Compound Pills of, 416 
Ointment of, 416 
Tablets, 419 
Iodide, 417 
Tablets, 419 
Nitrate, 421 
Subnitrate, 421 
Mercury, 390 
Ammoniated, 398 
Bichloride of, 401 
Poison Tablets of. Large, 401 
Small, 402 

I Chemical Properties of, 391 
j History of, 3^ 

Manufacture of, Commercial, 394 
I Non-official Compounds of, 419 
I Occurrence of, 3^ 

I Official Compounds of, 398 
! Tests for Identity, 394 
; Pharmaceutical Preparations and 
Uses of, 396 

Physical Properties of, 3% 

Mercury Ammonium Chloride, 399 
Bichloride, 401 
Large Poison Tablets, 401 
Small Poison Tablets, 402 


Jommei\ 

*^repare*^ 
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Mercuiy Chlorides, 400, 413 
Iodides, 404, 417 
Ions, Official Tests for, 394 
Pharmacological Action of, 395 
Mass, 397 
Nitrates, 419, 421 
Oleate, 409 
Oxides, 406 
Oxycyanide, 420 
Protoiodide, 417 
Sulfate, 420 
Sulfide, 420 
with Chalk, 321, 398 
Meso-trisilicic Acid, 366 
Messerschmidt Process for Hydrogen, 
31 

Metabismuthic Acid, 551 
Metaborates. See Respective elements. 
Metaboric Acid, 101 
Metal, Ammonium, 263 
Antifriction, 534 


Babbitt, 489, 534 
Bell, 283, 483 
Britannia, 483 
Gun, 283, 483 
Misch, 478 
Monel, 642 

Rose’s, 388, 483, 489, 543 
Scavenger, 431 
Type, 483, 489, 534, 542 
Widia//% 

Woo /, 


Mett- Oc- 'otive Scries of, 665 
/ialTes ^28 
Meta^ ''oloc* '^6 
Metantx. 35 


Metaphosp * .27 

Metarsenous j^*oid, oi3 
Metasilicic Acid, 473 
Meta-stannic Acid, 483 
Metathesis, 53 
Metauric Acid, 311 
Metavanadic Acid, 553 
Methane, 459 

Methenamine and Sodium Biphosphate 
Tablets, 160 

Methylrosaniline Chloride Jelly, 210 


Meyer, V., 504 
Mica, Lithium, 139 
Potash, 222 
Microcuries, 661 
Mild Mercurial Ointment, 397 
Mercurous Chloride, 415 

and Sodium Bicarbonate Tab- 
lets, 157, 415 
Ointment, 416 
Tablets, 416 
Resorcinol Paste, 379 
Protargin, 299 
Silver Protein, 298 
Tincture of Iodine, 96, 199 
Milk Fever, 325 
of Bismuth, 76, 123, 270, 548 
of Lime, 327, 335 
of Magnesia, 360 
“Tablets,” 360 
Millerite, 644 


Millicuries, 661 
Millon^s Reagent, 422 
Mindererus, Spirit of, 270 
Mineral, Butter, 536 
Kermes, 539 
Scheele’s, 289 
Turpeth, 420 
Waters, 48 
Minium, 488, 500 
Mirabilite, 212 
Mirrors, Silvering of, 293 
Misch Metal, 478 
Mispickcl, 511, 529 
Mistura Carminativa, 237, 359 
Copaibse, 204, 246 
CretSD, 321 

Opii ct Glycyrrhizae Composita, 535 
Pcctoralis, 270 
Rhei et Sodse, 157 
SodsB et Mentha), 76, 157 
Sodii Citratis, 158, 620 
Mixture, Basham’s, 620 
Bordeaux, 288 
Brown, 535 
Carminative, 237 
Chalk, 321 
Expectorant, 270 
French, 98 
Lafayette, 204, 246 
of Copaiba, 204 

of Opium and Glycyrrhiza, Com- 
pound, 535 

of Rhubarb and Soda, 157 
Modified Dakin’s Solution, 86, 159, 194 
Gutzeit Test for Arsenic, 517 
Mohr’s Salt, 631 
Moissan, IL, 79, 424, 454, 578 
Moissan’s Proces*s for Aluminum Car- 
bide, 445 

Molality, Definition of, 35 
Molarity, Definition of, 35 
Molybdate Ocher, 587 
Molybdates. Respective elements. 
Molybdenite, 587 
Molybdenum, Compounds of, 588 
Halides of, 588 

History and Occurrence of, 587 
Manufacture of. Commercial, 588 
Oxides of, 588 

Physical and Chemical Properties of. 
587 

Sulfides of, 588 
Uses of, 589 

Molybdenum Disulfide, 588 
Ion, Tests for, 587 
Trioxide, 588 
Trisulfide, 589 
Molybdic Acid, 588 
Anhydride, 588 
Oxide, 588 
Molybdite, 587 
Monazite, 452, 477 
Mond Process for Nickel, 642 
Monel Metal, 642 
Monochloride of Mercury, 413 
Monosilane, 471 
Monosite Sand, 453 
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Monosodium Orthophosphate, 160 

Monsanto Chemical Co., 129, 507 

MonseVs Solution, 137, 632 

Montmorillonite, 437 

Morin Solution, 430 

Morin Test for Aluminum, 430 

Mortar, 336 

Mosaiider, 477 

Moulded Silver Nitrate, 297 

Moulton, F. C., 529 

Mud, Electrolytic, 282 

Munch, J. C., 451 

Muriate of Ammonia, 271 

Muriatic Acid, 108 

Dephlogisticated, 83 
Oxygenized, 83 
Mustard Gas, 573 


N 

Xacrite, 439 
Naples Yellow, 536 
Negative Film, 303 
Neocalamina Praeparata, 378, 624, 625 
Neocalamine Liniment, 330, 378, 623, 
625 

Lotion, 379, 624, 625 
Ointment, 379, 624, 625 
Neodymium, 452 
Neon, 653 

Nessler’s Reagent, 404 

Neutralization Reactions, 109 

Neutralizing Cordial, 236 

Newton’s Alloy, 543 

N. F. Antiseptic Solution, 104 

N. F. Aromatic Sodium Perborate, 206 

N. F. Dentifrice, 320 

N. F. Sun Cream, 379, 476, 624 

Niccolito, 641 

Nichrome, 579 

Nickel, History and Occurrence of, 641 
Manufacture of, by Browne Process, 
642 

by Mond Process, 643 
Physical and Chemical Properties of, 
641 

Uses of, 643 
Nickel Chloride, 643 
Coin, 283 
Glance, 511 
Hydroxides, 643 

Ion, Pharmacological Action of, 637 
Tests for, 641 
Monoxide, 643 
Peroxide, 643 
Sesguioxide, 613 
Sulfate, 644 
Sulfide, 644 
Tetracarbonyl, 643 
Nickelic Hydroxide, 643 
Oxide, 643 

Nickelous Chloride, 643 
Hydroxide, 643 
Oxide, 643 
Sulfate, 644 
Nicolas, F., 503 


Nier, A., 661 
Nilson, L. F., 447 
Niton, 655 

Nitrates. See Respective elements. 
“Nitrazine” Paper, 43 
Nitre, 250 

Nitric Acid, 118, 123 
Nitrides. See Respective elements. 
Nitrites. See Respective elements. 
Nitrobarite, 350 
Nitro Group, 120 

Nitrogen, Chemical Properties of, 63 
Fixation of, Atmospheric, 65 
History of, 63 

Manufacture of, Commercial, 64 
Occurrence of, 63 
Oxides, 64 

Physical Properties of, 63 
Preparation of, 64 
Trichloride, 64 
Uses of, 68 

Nitrogen Monoxide, 69 
Nitrohydrochloric Acid, 124 
Diluted, 125 
Nitro-lime, 67 

Nitromersol Solution, 172, 192 
Tincture, 192 
Nitromuriatic Acid, 125 
Nitrosyl Chloride, 113 
Sulfuric Acid, 135 
Nitrous Oxide, 68 

Chemical Properties of, 69 
History of, 68 

Manufacture of. Commercial, 69 
Pharmaceutical Preparation and 
Uses, 69 

Physical Properties of, 69 
Official Testa for Parity of, 69 
Uses of, 69 

Non-sterile Isotonic Solution of Three 
Chlorides, 178 
Nordhausen Acid, 134 
Normal Calcium Phosphate, 338 
Saline Solution, 179 
Sodium Phoyhate, 219 
Normality, Definition of, 35 
Nux Vomica Tincture, 114 


O 

Ocher, Antimony, 538 
Bismuth, 540, 551 
Chrome, 582 
Molybdate, 587 
Wolfram, 589 
Oersted, H. C., 427 
Official Arsenic Antidote, 634 
Oil, Bone, 457 
Dippers, 457 
Rectified Turpentine, 192 
of Vitriol, 131 

Ointment, Alkaline Sulfur, 237, 565 
Ammoniated Mercury, 400 
Blue, 397 
Boric Acid, 104 
Citrine, 397 
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Ointment, Compound, of Tar, 379 
Resorcinol, 379, 548 
Sulfur, 320, 565 
Hebra^s Itch, 320 
Iodine, 97 
Stainless, 97 
Mercurial, Mild, 397 
Strong, 397 

Mild Mercurous Chloride, 416 
of Lead Oleate, 497 
of Mercuric Nitrate, 124, 397 
of Neocalamine, 379, 624 
of Resorcinol, Compound, 379, 548 
of Zinc Oxide, 378 
Prophylactic, 416 
Red Mercuric Oxide, 409 
Rose Water, 163 
Stained Iodized, 97 
Sulfur Alkaline, 237, 565 
Wilkinson’s, 320 
Yellow Mercuric Oxide, 408 
Oleate of Mercury, 409 
Oleatum Hydrargyri, 409 
Oleum, 134, 569 
lodatum, 96 
Tartari, 235 

Tcrebinthinse Re(!tificatum, 192 
Olympiadorus, oil 
Onnes, H. K., 653 
Opal, 469 

Ophthalmia Neonatorum, 297 
Opodeldoc, Solid, 172 
Ore, Chrome-iron, 576 
Red Hematite, 623 
Orpiment, 511, 529 
Red, 529 

Orthoantimonic Acid, 146, 536 
Orthoantimonous Acid, 535 
Orthoarsenates. Respective el(3- 

ments. 

Orthoarsenic Acid, 514 
Orthoarsenous Acid, 514 
Orthoclase, 222, 473 
Orthophosphoric Acid, 125 
Orthovanadic Acid, 554 
Osmic Acid, 648 
Osmiridium, 648 
Osmium, 647 

Ostwald Process for Nitric Acid, ()8, 
122 

Oxides. See Ris pective elements. 
Oxidum Nitrosura, 69 
Oxychloride Cement, 361 
Oxygen, Chemical Properties of, 20 
History of, 19 
Occurrence of, 20 
Official Tests for Identity of, 20 
for Purity of, 20 
Physical Properties of, 20 
Physiological Properties and Med- 
icinal Uses of, 25 
Preparation of. Commercial, 20 
Tent, 25 
Oxygenium, 21 
OjQf^hydrogen Flame, 30 
Torch, 30 




I Ozone, Chemical Properties of, 26 
History of, 26 
Occurrence of, 26 
Physical Properties of, 26 
Preparation of, 27 
Tests for Identity of, 27 
Uses of, 28 
Ozonides, 26 
Ozonizer, Tindal, 27 


P 

P.\iNT, Lithopone, 383 
Pakfong, 641 
Palau, 647 
Palladium, 646 
Sponge, 647 
Palmer, W. L., 319 
Pan Acid, 110 
Paracelsus, 29, 370, 540 
Paracyanogen, 403 
Paraffinum Chlorinatum, 86 
Paris Green, 290 
Yellow, 490, 584 

Parke’s Process for Gold and Silver, 491 
Parrot Green, 290 
Partheil, A. von, 520 
Partition, 294 
Pasquales, G., 326 
Pasta Bismuth i, 548 
Pectin, 324 
Pectini, 180, 242, 324 
Pectiiii Tenuis, 180, 242, 324 
Resorcinolis Fortis, 379 
Mitis, 379 
Zinci Oxidi, 379 

cum Acido Salicylico, 379 
Dura, 379, 469 
Mollis, 321, 331, 379 
Paste, Beck’s Bismuth, 548 
Lassar’s Mild Resorcinol, 379 
Plain Zinc, 379 
Stronger Resorcinol, 379 
Resorcinol, Mild, 379 
Strong, 379 
Unna’s Hard Zinc, 379 
Soft Zinc, 321, 331, 379 
Paste of Bismuth, 548 
of Zinc Oxide, 379 
Soft, 379 

with Salicylic Acid, 379 
Patronite, 553 

Pattison’s Process for Gold and Silver, 
323, 491 
Pearcite, 291 
Pearl Ash, 236 
White, 551 
Pearls, Artificial, 551 
Pectin Paste, 180, 242, 324 
Thin, 180, 242, 324 
Peligot, E. M., 591 
Pelletier, B., 503 
Penicillin Tablets, 184, 320 
Pentabromides, Elixir of, 141 
Pentathionic Acid, 572 
I Pentlandite, 641 
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Pentobarbital Elixir, 114 
Pentoxides. See Respective elements. 
Pepsin Elixir, 210 
Peptonized Iron, 185, 623 
Peptonized Iron and Manganese Solu- 
tion, 596 

Perborates. See Respective elements, i 
Perchlorates, See Respective elements. 
Perchromic Acid, 57, 586 
Periodates. See Respective elements. 
Periodic .Table, 664 
Permanent White, 349 
Permanganates, 602. Also see Respec- 
tive elements. 

Permanganic Acid, GOO, 602 
Anhydride, 600 
Permonosulfuric Acid, 572 
Permutit, 51, 52 
Perofskite, 476 
Peroxidates, 56 
Peroxy sulfuric Acid, 572 
Persulfates. See Respective elements. 
Persulfuric Acid, (K), 572 
Petal ite, 138, 261 
Petrolatum Spissurn, 76 
Petroxolinum Spissurn, 76 
Petzite, 291, 305 
Pewter, 483, 489, 534 
Pfizir & Co., Chas., 630 
pH, 33 

Adjustment of, in Prescriptions, 44 
Scale of Indicators for, 39 
Pharmaceutical Preparations, Stability 
of, 44 

Phenakite, 352 
Phenol Glycerite, 185 
Phenolated Calamine Lotion, 378 
Iodine Solution, 98 
Neocalamine Lotion, 379, (524, 625 
Solution of Iodine, 98 
Phenolsulfonphthalein Injection, 156, 
178, 192 

Phlogiston, 29, 83, 557 
Phosphate Buffer System, 207 
Rock, 126, 313, 503 
Phosphates. See Respective elements. 
Phosphatide Element, 114 
Phosphides. See Respective elemerrts. 
Phosphine, 1 16, 508 
Phosphines, 508 

Phosphites. See Respective elements. 
Phosphomolybdates. See Respective 
elements. 

Phosphoproteins, 503 
Phosphorescence, 508 
Phosphoric Acid, 130 
Diluted, 130 

Phosphorite, 126, 261, 503 
Phosphorus, Acids of. See Acids. 
Allotropic Modifications of, 504 
Antidotes for, 507 
Black, 504 

Chemical Properties of, 505 
Compounds of, 508 
Flowers of, 510 
Halides of, 509 
History of, 503 
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Phosphorus, Manufacture of, Commer- 
cial, 506 
Metallic, 504 
Occurrence of, 503 
Oxides of, 510 

Pharmaceutical Preparations and 
Uses, 507 

Physical Properties of, 504 
Radioactive, 659 
Red, 504, 506, 507 
Manufacture of. Commercial, 507 
Scarlet, 504 
Sulfides of, 510 
Tests for Identity of, 506 
Violet, 505 
White, 504, 505, 506 
Manufacture of, Commercial, 506 
Yellow, 507 

j Phosphorus Family, Introduction to, 

! 502 

I Phosphorus Igneus, 503 
I Mirabilis, 503 
i Pentoxide, 510 

I Tetroxide, 510 

Tribromide, 509 
Trioxide, 510 

Phosphotungstic Acid, 590 • 
Photoelectric Cell, 574 
Photography, 302 
“pHydrion” paper, 43 
Physiological Salt Solution, 179 
Sodium Chloride Solution, 179 
Picragol, 304 
Picrotol, 304 
Pig Iron, 609 
Pilcher, H., 343 
Pills of Ferrous Carbonate, 629 
of Mild Mercurous Chloride, Com- 
pound, 416 

Pilul® Ferri Carbonatis, 237, 633 
Hydrargyri Chloridi Mitis Com- 
posit®, 416 
Pink Salt, 487 
Pitchblende, 590, 656 
Plaster-of-Paris, 339 
Platinized Asbestos, 651 
Platinum, 649 
Chemical Properties of, 649 
Compounds of, 650 
History and Occurrence, 649 
Manufacture of. Commercial, 650 
Physical Properties of, 649 
Spitting of, 649 
1 Spongy, 650 
Test for, 651 
Uses of, 650 
Platinum Black, 649 
Metals, Introduction to, 645 
Plessy’s Green, 583 
Pliny, 312, 390, 482, 488, 531 
Plumbago, 454 

Plumbates. See Respective elements. 
Plumbites. See Respective elements. 
Plumbi Acetas, 495 
lodidum, N. F. V., 499 
Monoxidum, 497 
Oxidum, 497 
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Plumbi Oxidum Rubrum, N. F. V., 500 
Plumbum Album, 482, 488 
Cinearium, 540 
Nigrum, 488 
Plutonium, 662 
Podophyllin, 114 
Podophyllum Resin, 114 
Podszus, E., 475 

Poison Tablets of Corrosive Mercuric 
Chloride, Large, 401 
Small, 402 
Polar Solvents, 33 
Pole Copper, 281 
Polianite, 593 
Pollucite, 262 
Polonium, 657 
Polybasite, 291 
Polyhalite, 222, 260 
Polysilicate of Aluminum, 440, 473 
of Magnesium, 473 
Polysilicic Acids, 474 
Porthetria Dispar, 529 
Potash, Caustic, 245 
Mica, 222 

Red Prussiate of, 605 
Yellow Prussiate of, 605 
Potashes, 236 
Potassa Sulfurata, 258 
Potassii Acetas, 226 
Bicarbonas, 228 
Bitartras, 231 
Bromidum, 234 
Carbonas, 236 
Chloras, 240 
Chloridum, 242 
Citras, 243 

Effervescens, 156, 243 
Hydrargyri lodidum, 250 
Hydroxidum, 245 
Hypophosphis, 247 
lodidum, 249 
Nitras, 252 
Permanganas, 255 
Sodii Tartras, 257 
Sulfus, 259 
Thiocyanas, 258 

Potassium, Chemical Properties of, 223 
History of, 222 

Manufacture of, Commercial, 224 
Occurrence of, 222 
Official Tests for Identity, 224 
Physical Properties of, 223 
Potassium Acetate, 225 
Amide, 223 
Antimonate, 146 
Arsenite, Solution of, 229, 525 
Bicarbonate, 227 
Bismuth Tartrate, 543 
Bismuthyl Tartrate, 543 
Bitartrate, 107, 229 
Borofluoride, 424 
Bromide, 233 
Elixir, 235 
Carbonate, 235 
Chlorate, 237 
Gargle with Iron, 240 
Tablets, 240 


Potassium Chloride, 240 
Tablets, 242 
Chloroplatinate, 223 
Chromate, 584 
Citrate, 242 
Effervescent, 243 
Solution, 229, 244 
Cobaltic Nitrite, 224 
Dichromate, 585 
Ferricyanide, 606 
Ferrocyanide, 605 
Fluoplumbate, 79 
Hydride, 223 
Hydrogen Carbonate, 227 
Fluoride, 81 
Tartrate, 231 
Hydroxide, 244 
Solution of, 246 
Hypophosphite, 246 
Iodide, 248 
Solution of, 219, 244 
Tablets, 250 

Ion, Official Tests for, 224 

Pharmacological Action of, 225 
Mercuric Iodide, 250 
Nitrate, 250 
Oxides, 223 
Oxymuriate, 237 
Perchlorate, 224 
Permanganate, 252 
Tablets, 255 
Picrate, 224 
Platinocyanide, 650 
Polysulfides, 257 
Rhodanate, 258 
Sodium Tartrate, 255 
Sulfate, 259 
Sulfocyanate, 2^8 
Tartrate Acid, 231 
Thiocyanate, 258 
Triiodide, 248 
Potio Riverii, 158, 185 
Pott, J. H., 540, 593 
Powder, Antiseptic, N. F. V., 338 
Bleaching, 338 
Compound Acetanilid, 156 
Chalk Compound, 321 
Gregory's, 362 
Seidlitz, 257 
Sippy, No. 1, 320 
Powder of Algaroth, 536 
of Chalk, Aromatic, 321 
of Jalap, Compound, 232 
of Rhubarb, Compound, 362 
of Zinc Sulfate, Compound, 104, 
384 

Powdered Hydrastis Extract, 362 
Powders, Compound Effervescent, 
155 

Praseodymium, 452 
Precipitate, Red, 408 
White, 399 
Yellow, 408 

Precipitated Calcium Carbonate, 319 
Phosphate, 338 
Chalk, 319 



INDEX 


()95 


Precipitated Sulfur, 562, 564 i 

Laboratory Preparation of, 563 
Zinc Carbonate, 384 ! 

Precipit6 Blanc, 414 j 

Prepared Chalk, 321 I 

Neocalamine, 378, 624, 625 | 

Pressure, Critical, 20 
Preston’s Salt, 268 
Priestley, J., 19, 68, 70, 108, 569 
Primary Sodium Orthophosphate, 159 
Procaine Hydrochloride Solution, 180 
Prophylactic Ointment, 416 
Protargin, Mild, 299 
Strong, 302 
Protein Silver, 302 
Mild, 299 
Strong, 302 

Protochloride of Mercury, 413 
Protoiodide of Mercury, 417 
Proustite, 291 
Prussian Blue, 606 
Prussiate of Potash, Red, 606 
Yellow, 605 

Psilomelane, 345, 593, 599 
Pulveres EfTervescentes Compositi, 155, 
257 

Pulvis Acetanilidi Compositus, 156 
Antisepticus, N. F. V., 104 
CretsD Aromaticus, 321 
Compositus, 321 
Jalapac Compositus, 232 
Purgans, 232 
Rhei Compositus, 362 
Senii'ce Compositus, 565 
Sodii Bicarbonatis et Calcii Car- 
bonatis, 157, 320 
et Magncsii Oxidi, 158, 362 
Zinci Sulfatis Compositus, 104, 384 
Pumex, 440 
Pumice, 440 
Purgative Waters, 49 
Purified Animal Charcoal, 457 
Infusorial Earth, 469 
Kieselguhr, 468 
Siliceous Earth, 468 
Talc, U. S. P. XII, 368 
Tripoli, 469 
Purple of Cassius, 306 
Pusey, W. A., 464 
Pyrargyrite, 291 
Pyrex, 470 
Pyrites, Iron, 604 
Pyroantimonic Acid, 536 
I^roarsenic Acid, 514 
Pyroarsenous Acid, 513 
Pyrochroite, 593 
Pyrogallol, 302 
Pyroligneous Acid, 149 
Pyrolusite, 593, 599 
Pyrophoric Alloys, 478 
Pyrophosphates. See Respective ele- 
ments. 

Pyrophosphoric Acid, 127 
Pyrovanadic Acid, 554 
Pyrrhotite, 641 
Nickel, 644 


Q 

Quartz, 453, 469 
Quick Lime, 335 
Process for White Lead, 498 
Quicksilver, 390, 396 


R 

Radioacti\e Changes, 657 
Phosphorus, 659 
Sodium, 46 
Substances, 657 
Radioactivity, 656 
Artihcial, 658 
Definition of, 657 
Induced, 658 
Measurement of, 660 
Units of, 661 
Radium, 559 
Emanation, 660 
Uses of, 660 
Radon, 655, 660 

Ramsay, Sir Wm., 63, 652, 653, 654, 
658, 660 

Rare Earth Metals, 452 
Rasorite, 100, 162 
“Rat Paste,” “F3cctnc,” 508 
Rayleigh, John W. S., 63, 652 
Rays, Alpha, 657 
Beta, 658 
Gamma, 658 
X-, 658 

Reactions, Neutralization, 109 
Realgar, 511, 529 
Rectified Turpentine Oil, 192 
Red, Chinese, 421 
Chrome, 499, 585 
Mercuric Iodide Tablets, 406 
Oxide Ointment, 409 
Venetian, 623 
Red Arsenic, 529 
Copper Ore, 277 
Ferric Oxide, 622 
Fire, 344 
Lead, 500 
Oxide, 500 
Mercuric Iodide, 405 
Oxide, 409 
Orpiment, 529 
Phosphorus, 504, 506, 507 
Precipitate, 408 
Prussiate of Potash, 6u.i 
Reduced Iron, 610, 613 
Capsules, 613 
Reich, F., 449 
Reichenstein, M. von, 573 
Reinsch’s Test for Arsenic, 515 
Resina Podophylli, 114 
Resinous-ion Exchangers, 51 
Resorcinol Ointment, Compound, 379, 
548 

Resublimation of Iodine, 94 
Rhodamide, 275 
Rhodium, 646 
Rhodochrosite, 593, 600 
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Rhodonite, 473, 593 
Rhubarb and Soda Mixture, 157 
Syrup, 237 

Ribbon, AJkacid Test, 43 
Richter, J. B., 131, 449 
Ringer^s Solution, 178, 180, 242, 323 
Lactatedf 324 

No. l—Nonsterile Ringer ^s Solu- 
tion, 178 

No. 2— Sterile Ringer’s Solution 
Not for Parenteral Use, 178 
No. 3— Sterile Ringer’s Solution 
for Parenteral Use, 178 
Rinman’s Green, 638 
Rivaite, 473 
Roaster Acid, 710 
Robin, L., 326 
Rochelle Salt, 257 
Rock Crystal, 470 
Phosphate, 126, 503 
Salt, 174 

Roebuck, John, 131 
Roentgen, W. von, 656 
Roentgen-ray, 349, 656 
Roman Alum, 444 
Rose, H., 114 
Rose Water Ointment, 163 
Rose’s Metal, 388, 483, 489. 543 
Rouge, Jeweler’s, 623 
Rubidium, History of, 261 
Occurrence of, 261 
Preparation of, 261 
Properties of, 261 
Uses of, 261 
Ruby, 445 
Arsenic, 529 
Artificial, 446 
Ruigh, Wm. L., 355 
Rust, 604 
Ruthenium, 645 

Rutherford, D., 63, 655, 656, 657, 
658 

Rutile, 452, 475 


S 

Saccharated Ferric Oxide, 634 
Ferrous Carbonate, 137, 157, 629 
Capsules, 629 

Sal Ammoniac, 272 

Sedativum Hombergi, 100 
Seignette, 256 
Soda, 167 
Volatile, 268 

Salicylates. See Respective elements. 

Saline Waters, 48 

Salt, Epsom, 365 
Glauber’s, 211 
Mohr’s, 631 
Pink, 487 
Preston’s, 268 
Rochelle, 257 
Rock, 174 
l^ij^pe’s, 539 


Salt Cake, 110 
Effect, 150 
Hunger, 177 
of Tartar, 236 
of Wormwood, 235 
Saltpetre, 252 
Chile, 121 
Nitre, 250 
Salts, Smelling, 268 
Salyrgan, 395 
Samarskite, 554 
Samarum, 452 
Sand, 467 
Alluvial, 307 
Monasite, 453 
Sandarace, 511 

Santonin and Calomel Tablets, 416 
and Mild Mercurous Chloride Tab- 
lets, 416 

Sapo Mollis Medicinalis, 245 
Saponated Cresol Solution, 191, 245 
Solution of Cresol, 191, 245 
Saponification, 189 
Sapphire, 445 

Saturated Boric Acid Solution, 103 
Potassium Iodide Solution, 219, 
249 

Scandium, Compounds of, 447 
History and Occurrence of, 447 
Scavenger Metals, 431 
Scheele, C., 565, 589, 593 
Scheele, K. W., 19, 63, 80, 83, 503, 587 
Scheele’s Green, 289, 514 
Mineral, 289 
Scheelite, 589 
Schenck, R., 504 
Schlippe’s Salt, 539 
Schlotterbeck, Julius O., 2, 4 
Schonbein, C. F., 26 
Schonherr Process for Nitrogen Fixa- 
tion, 66 
Schonite, 259 
Schroder, 511 
Schweinfurt’s Green, 290 
Schweitzer’s Reagent, 288 
Seaman, E. C., 352 
Searle, G. D., and Co., 309 
Searles Lake, 162, 222, 241 
Secondary Calcium Phosphate, 337 
Sodium Phosphate, 206 
Sefstrom, N. G., 553 
Seidlitz Powders, 155, 257 
Seignette, Pierre, 255 
Selenic Acid, 575 

Selenides. See Respective elements. 
Selenite, 313, 339 
Selenium, Compounds of, 574 
History of, 573 
Hydrides of, 574 

Ion, Pharmacological Action of, 574 
Occurrence of, 573 
Oxides of, 575 
Oxygen Acids of, 575 
Properties of, 573 
Selenous Acid, 575 
Semi-metal, 540 
Senarmontite, 531, 537 



INDEX 


097 


Senega Fluidextract, 76 
Syrup, 76 
Seo&or, 291 

Serpek Process for Nitrogen Fixation, 
66 

Serpentine, 367 
Sherardizing, 373 
Shoop Galvanizing Process, 373 
Sidente, 604, 628 
Silica, 469 
Silicate of Soda, 473 
Silicates. See Respective elements. 
Soluble, Pharmacological Action of, 
468 

Siliceous Earth, Purified, 468 
Waters, 49 

Silicic Acid, Ortho, 468 
Silicides, 467 
Silicoethane, 471 
Silicol Process, 32 
Silicon, Amorphous, 467, 468 
Carbide of, 471 
Chemical Properties of, 467 
Crystalline, 467, 468 
History and Occurrence of, 467 
Hydrides of, 471 

Manufacture of. Commercial, 468 
Non-official Compounds of, 469 
Official Compounds of, 468 
Physical Properties of, 467 
Tests for Identity of, 467 
Uses of, 468 
Silicon Bromoform, 472 
Bronze, 468 
Chloroform, 472 
Dioxide, 469 
Hexachloride, 472 
Iodoform, 472 
Tetrabromide, 472 
Tetrachloride, 471 
Te trail uoride, 472 
Tetraiodide, 472 
Silk, Artificial, 288 
Loading of, 486 
Weighting of, 486 
Sillimanite, 446 
Silver, J., 451 

Silver, Amalgamation Process for, 294 
Colloidal Preparations of, 295 
Cyanide Process for, 294 
German, 283, 641 
History and Occurrence of, 291 
Leaching Process for, 294 
Liquid, 390 

Lixiviation Process for, 294 
Manufacture of, Commercial, 294 
Non-official Compounds of, 302 
Official Compounds of, 296 
Parkers Process for, 294 
Physical and Chemical Properties of 
291 

Protein, 302 
Quick, 390 
Spitting of, 291 
Sprouting of, 291 
Silver, 304 

Ammonia Cation, 292 


Silver Arsenate, 304 
Arsenite, 304 
Bromide, 302 
Carbonate, 304 
Chloride, Colloidal, 299 
Chromate, 304 
Coin, 283 
Cyanide, 304 

Ion, Official Tests for, 293 
Pharmacological Action of, 295 
Metaborate, 161 
Metaphosphate, 304 
Nitrate, 296 
Fused, 297 
Moulded, 297 
Pencils, 297 
Toughened, 297 
Orthophosphate, 304 
Oxide, 303 
Picrate, 304 
Sulfide, 304 
Trinitrophenolate, 304 
Silvol, 299 
Simons, J. H., 81 
Sippy Powder No. 1, 157, 320 
No. 2, 158, 362 
Tablets No. 1, 158, 320, 362 
Tablets No. 2, 158, 362 
Sirupus Ferrosi lodidi Concentratus, 
P. L, 117 
Slaked Lime, 328 
Slaking, 328 

Small Bichloride Tablets, 402 
Corrosive Sublimate Tablets, 402 
Poison Tablets of Mercury Bichlor- 
ide, 402 
Smalt, 638 
Smaltite, 636 
Smelling Salts, 268 
Smith, A., 558 
Smoke Screen, 505 
Smithsonite, 370, 384 
Soap Liniment, Camphorated, 172 
Soft, 245 

Soft, Medicinal, 245 
Soda, 166 

and Mint Solution, 76 
Ash, 167, 217 
Baking, 153 
Caustic, 191 
Crystals, 167 
Mint Solution. 157 
Sal, 167 

Silicate of, 468, 473 
Washing, 167 
Soda Felspar, 144 
Lime, 192, 246, 330 
Mint, 76, 157 
Soddy, F., 655 
‘, Sodii Acetas, 150 

Arsenas Exsiccatus, 527 

Bicarbonaa, 153 

Biphosphas, 160 

Boras, 161 

Bromidum, 165 

Cacodylas, 528 

Carbonas Monohydratus, 172 
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Sodium Chloridum, 177 
Citras, 183 
Glycerophosphas, 187 
Hydroxidum, 191 
Hypophosphis, 196 
lodidum, 199 
Nitris, 204 
Perboras, 206 
Aromaticus, N. F., 206 
Peroxidum, 219 
Phosphas, 206, 208 
Enervescens, 156, 210 
Exsiccatus, 210 
Sulfas, 212 
Sulfis Exsiccatus, 214 
Thiocyanas, 215 
Thiosulfas, 218 

Sodium, Chemical Properties of, 145 
History of, 144 

Manufacture of, Commercial, 146 
Occurrence of, 144 
Physical Properties of, 144 
Radioactive, 46, 659 

Sodium Acetate, 148 
Acid Phosphate, 160 
Alpha Stannate, 486 
Aluminosilicate, 51 
Amalgam, 145 
Arsenate, Exsiccated, 527 
Solution of, 527 
Aurocyanide, 307 
Biborate, 163 
Bicarbonate, 151 

and Calcium Carbonate Powder, 

157, 320 

Tablets, 158, 320 

and Magnesium Oxide Powder, 

158, 362 

Tablets, 158, 362 
Tablets, 158 
Biphosphate, 159 
Bismuthyl Citrate, 550 
Borate, 161 

Compound Solution of, 158, 164 
Bromide, 164 
Elixir of, 166 
Tablets, 166 
Cacodylate, 166, 527 
Ampuls of, 528 /' 

Injection, 528 y 
Carbonate, 

Monohydrated, 172 
Chloraurate, 310 
Chloride, 173 
and Dextrose Tablets, 180 
Solution, Physiological, 179 
Tablets, 180 
Chloroiridate, 648 
Chloroplatinate, 651 
Chromate, 584 
Citrate, 181 
Solution of, 158, 185 
Cobaltic Nitrite, 224 
Dichromate, 586 
Dihydrogen Phosphate, 160 
Fluoride, 82 

Qlycerinophosphate, 186 


Sodium Glycerophosphate, 186 
Hydroxide, ife 
Hypochlorite, 193 
Elution of, 86, 194 
Diluted, 194 
Hypophosphite, 195 
Hyposulfite, 218 
Ampuls, 218 
lodate, 95 
Reduction of, 95 
Iodide, 197 
j Ampuls, 199 

I Injection, 199 

I lodobismiithite, 550 
I Ion, Official Tests for, 146 

Pharmacological Action of, 147 
Lactate, 200 
Injection, 201 
Metaborate, 161 
Metaluminate, 444 
Metaphosphato, 159 
Monoxide, 145 
Nitrite, 202 
Tablets, 204 
Orthoarsenate, 527 
Oxide, 145 
Perborate, 205 

Perborate, N. F. Aromatic, 206 
Peroxide, 219 
Phosphate, 206 
Dibasic, 206 
Dried, 210 
Effervescent, 210 
Exsiccated, 210 
Liquified, 210 
Monobasic, 15i) 

Normal, 219 
Secondary, 208 
Solution of, 210 
Tri basic, 219 

Use in Cheese Industry, 209 
Potassium Bismuthyl Tartrate, 550 
Pyroantimonate, 536 
Pyroborate, 163 
Pyrophosphate, 207 
Rhodanate, 214 
Rhodanide, 214 

Salicylate and Iodide Ampuls, 199 
and Iodide Injection, 199 
and Iodide with Colchicine Am- 
puls, 200 

Sesquicarbonate, 169 
Silicate, 473 
Silico-aluminate, 51 
Stannate, 485 
Sulfate, 211 

Sulfite, Exsiccated, 213 
Sulfocyanate, 215 
Sulphate Ampuls, 218 
Tetraborate, 163 
Compound Solution of, 164 
Tetrathionate, 220 
Thioantimonate, 539 
Thiocyanate, 214 
I Elixir. 211, 215 
Xhiosuliaj^ 216 
iSoffioni, 102 
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Soft Paste of Zinc Oxide, 321, 331, 379 
Soap Liniment, 245 
Medicinal, 245 
Softening of Water, 50 
Sol, 473 

Solargentum, 299 
Solder, 483, 489 
Solid Hydrogen Phosphide, 509 
Opodeldoc, 76, 172 
Petrox, 76 
Petroxolin, 76 
Soap Liniment, 76, 172 
Soluble Antiseptic Powder, 104 
Ferric Oxide, 634 
Phosphate, 625 
Pyrophosphate, 634 
Manganese Citrate, 595 
Solutio Arsenicalis seu Fowlcri P. L, 
525 

Solution, Alkaline Aromatic, 229 
Antiseptic, 104 
Benedict’s, 285 
Boulton’s, 98 
Burow’s, 442 
Combined, 179 
Diluted Talbot’s, 97 
Dobell’s, 158 
Donovan’s, 156, 406, 523 
Fehling’s, 285 
Fowler’s, 229, 525 
Labarraque’s, 194 
Lister’s, 104 
Lugol’s, 96 

Modified Dakin’s, 82, 194 
Monsel’s, 124, 137, 632 
Ringer’s, 178, 180, 323 
Schweitzer’s, 288 
Vleminckx’s, 336, 565 
Solution of Aluminum Acetate, 442 
Chloride, 432 
Subacetate, 441 
of Ammonia, Anisated, 76 
Diluted, 74 
Strong, 73 

of Ammonium Acetate, 270 
of Arsenic and Mercuric Iodides, 1 56, 
406, 523 
Chloride, 525 
of Arsenious Acid, 525 
of Basic Ferric Sulfate, 124, 632 
of Boric Acid, 103 
of Calcium Hydroxide, 329 
of Carmine, 288 
of Chlorinated Soda, 194 
Surgical, U. S. P. X. 194 
of Cochineal, 232, 236, 444 
of Cresol Compound, 191, 245 
Saponated, 191, 245 
of Ferric Chloride, 619 
Subsulfate, 124, 137, 632 
Sulfate, 627 

of Glycerophosphates, Compound, 
188, 327 

of Hydrogen Dioxide, 61 
Peroxide, 61 
of Iodine, 96, 199 


Solution of Iron and Ammonium Ace- 
tate, 620 
Peptonate, 596 
and Manganese, 596 
Perchloride, 619 
Tersulfate, 627 
of Lead Subacetate, 495 
Diluted, 495 

of Magnesium Citrate, 358 
of Peptonized Iron, 596 
of Potassium Arsenite, 229, 525 
Citrate, 229 
Hydroxide, 246 
Iodide, 219, 249 
of Procaine Hydrochloride, 180 
of Silver Nitrate, Ammoniacal, 75, 297 
of Soda and Mint, 157 
of Sodium Arsenate, 527 
Borate, Compound, 158, 164 
Chloride, Physiological, 179 
Citrate, 158, 185 
Anticoagulant, 184 
Hypochlorite, 194 
Diluted, 194 
Phosphate, 210 
of Sulfurated Lime, 336 
of Zinc Chloride, U. S. P. IX, 376 
Solvay Ammonia-Soda Process, 170 
Solvay, Ernest, 171 
Solvents, Aprotonic, 34 
Polar, 33 

Sorel’s Cement, 361 
Sorensen, 36 
Sottery, C. T., 429 
Spathic Iron Ore, 454, 628 
Specific Heat, Definition of, 50 
Speiss-cobalt, 636 
Spelter, 372 
Sphalerite, 370, 449 
Spinel, 427 

Spirit of Ammonia, Anisated, 76 
Aromatic, 269 
of Hartshorn, 70, 75 
of Mindererus, 270 
Spiritus Ammonise Anisatus, 76 
Aromaticus, 75, 269 
Spodumene, 139, 473 
Stahl, G. E., 83 
Stainless Iodized Ointment, 97 
Steels, 579 

Stannic Chloride, 486 

Ion, Pharmacological Action of, 484 
Tests for, 483 
Oxide, 485 
Sulfide, 487 

Stannous Chloride, 486 
Ion, Pharmacological Action of, 484 
Tests for, 483 
Oxide, 485 
Sulfide, 487 
Steel, Crucible, 610 
Elements, 5M 
High Carbon, 610 
Pickling of, 631 
Simple, 610 
Stainless, 579 
Tempering of, 611 
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Steenbock, H., 282 , „ 

Sterile Isotonic Solution of Sodium 
Chloride, 178 

of Three Chlorides for Parenteral 
Use, 178 

Not for Parenteral Use, 178 
Thiopental Sodium, 172 
Thiopentone Soluble, 172 
Sterling, 283 

Sterilized Distilled Water, 52 
Stibine, 537 
Stibium, 531 
Stibnite, 531, 538 
Stokes’ Expectorant, 270 
Stone, Alum, 443 
Blue, 287 
Iron, 604 
Strassman, 661 
Stromeyer, F., 386 
Strong Ammonia Solution, 73 
Iodine Tincture, 98 
Mercurial Ointment, 397 
Protargin, 302 
Protein Silver, 302 
Resorcinol Paste, 379 
Solution of Iodine, 96 
Tincture of Iodine, 98 
Stronger Ammonium Hydroxide Solu- 
tion, 73 

Strontianite, 342 
Strontii Bromidum, 343 
Strontium, Chemical Properties of, 342 
Halides of, 344 

Manufacture of. Commercial, 342 
Non-official Compounds, of, 344 
Occurrence of, 342 
Official Compounds of, 343 
Tests for Identity, 342 
Physical Properties of, 342 
Uses of, 343 

Strontium Bromide, 343 
Hydroxide, 344 
Ion, Official Tests for, 342 

Pharmacological Action of, 343 
Nitrate, 344 
Saccharates, 344 
Salicylate, 344 
Subchloride of Mercury, 415 
Sublimed Sulfur, 565 
White Lead, ^1 
Succinchlorimide, 87 
Tablets, 87 

Succinchlorimidum, 87 
Sugar of Lead, 495 
Sulfanilamide, Elixir of, 313 
Sulfates. See Respective elements. 
Sulfation, 134 
Sulfhemoglobin, 567 
Sulfhydryl, 218 
Group, 521 

Sulfides. See Respective elements. 
Sulfites. See Resj^ctive elements. 
Sulfonation, 134 

Sulfur, Allotropic Modifications of, 557 
Alpha, 557 
Amorphous, 558 
Beta, 558 

Chemical Properties of, 559 
Compounds of, 565 


Sulfur, Flowers of, 560 
Halogen Compounds of, 572 
History and Occurrence of, 557 
Hydrides of, 565 
Lambda, 558 
Liquid, 558 
Liver of, 257 
Monoclinic, 558 
Mu, 558 
Oxides of, 568 

Pharmacological Action of, 563 
Preparations and Uses of, 564 
Physical Properties of, 557 
Plastic, 558 
Precipitated, 562, 564 
Production of. Commercial, 560 
Rhombic, 557 
Roll, 558, 560 
Sublimed, 565 
Washed, 77, 563, 565 
Well, 561 

Sulfur Bromide, 573 
Candles, 564 
Dichloride, 573 

Dioxide, Chemical Properties of, 570 
Detection of, 571 
Physical Properties of, 570 
Preparation of, 570 
Uses of, 571 
Heptoxide, 568 
Hexafluoride, 80 
Iodides, 573 
Lotum, 77, 565 
Monochloride, 572 
Ointment, Alkaline, 565 
Compound, 320. 565 
Prajcipitatum, 564 
Sesquioxide, ^8 
Sublimatum, 565 
Tetrachloride, 573 

Trioxide, Chemical Properties of, 569 
Physical Properties of, 568 
Preparation of, 569 
Uses of, 569 
Waters, 49 
Sulfurated Lime, 340 
Solution, 336, 565 
Potash, 257 

Sulfuretted Hydrogen, 565 
Sulfuric Acid, 131 
Diluted, 137 
Fuming, 134, 569 
Nitrosyl, 135 
Sulfurous Acid, 571 
Sulfuryl Chloride, 570 
Sullivan, 242 

Sun Tan Ointment, 379, 476, 624 
Superconductors, 653 
Superphosphate, 128 
Suppositoria Boroglycerini, 103 
Swedish Green, 289 
Syepoorite, 636 
Sylvanite, 241, 291, 305 
Sylvite, 83, 222, 259 
Syrup of Eriodictyon, Aromatic, 246, 
359 

of Ferrous Iodide, 99, 117, 613 
Sulfate, 633 

of Hydriodic Acid, 107, 118 
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Syrup of Hypophosphites, 118, 197 
Compound, 118, 598 I 

of Rhubarb, 237 | 

Aromatic, 237 . 

of Senega, 76 ! 

of Spiced Rhubarb, 237 j 

of Squill, Compound, 535 I 

of the Bromides, 141, 166, 234 | 

of Thyme, 359 i 

of Tolu, 358 I 

of Yerba Santa, Aromatic, 246, 359 j 
Syrupus Acidi Hydriodici, 107, 118 i 
Baisami Tolutani, 358 
Bromidorura, 141, 166, 234, 267, 318 
Corrigens, 246, 359 
Eriodictyi Aromaticus, 246, 359 
Ferri lodidi, 99, 117, 613 
Sulfatis, 633 

Hypophosphitum, 118, 197, 248, 332 
Compositus, 118, 185, 197, 248, 
332, 598, 622 
Rhei, 237 
Aromaticus, 237 
Scillae Compositus, 535 
ScnegSD, 76 
Thymi, 359 
Zingiberis, 359 
Szckso, 144 

T 

TABELLiK, Ammonii Cliloridi, 272 
Arseni Trioxidi, 524 
Barii Chloridi, 347 
Bismuthi Subcarbonatis, 545 
Subgallatis, 546 
Subnitratis, 547 

Bromidorum Trium, 166, 234, 267 
Calcii Carbonatis, 320 
Gluconatis, 325 
Lactatis, 333 
Ferri Sulfatis, 632 
Hydrargyri Chloridi Mitis, 416 
Chloridi Mitis et Sodii Bicarbon- 
atis, 157, 415 
lodidi Flavi, 419 
Rubri, 406 

Magnesii Hydroxidi, 360 
Phosphatis Tribasici, 364 
Trisilicatis, 366 

Methenaminse et Sodii Biphosphatis, 
160 

Penicillini, 184, 320 
Potassii Chloratis, 240 
Chloridi, 242 
lodidi, 250 
Permanganatis, 255 
Santonin! et Hydrargyri Chloridi 
Mitis, 416 

Sodii Bicarbonatis, 158 

et Calcii Carbonatis, 158, 320 
et Magnesii Oxide, 158, 362 
Bromidi, 166 
Nitritis, 204 
Chloridi, 180 
et Dextrosi, 180 

Theophyllinsc et Sodii Acetatis, 151 
Tablets, Bichloride, I^arge, 401 
Small, 402 
Penicillin, 320 


Tablets of Ammonium Chloride, 272 
of Arsenic Trioxide, 524 
of Bismuth Subcarbonate, 545 
Subgallate, 546 
Subnitrate, 547 
of Calcium Carbonate, 320 
Gluconate, 325 
Lactate, 333 
of Ferrous Sulfate, 632 
of Methenamine and Acid Sodium 
Phosphate, 160 
and Sodium Biphosphate, 160 
of Mild Mercurous Chloride, 416 

and Sodium Bicarbonate, 157, 
415 

of Potassium Chlorate, 240 
Iodide, 250 
Permanganate, 255 
of Red Mercuric Iodide, 406 
of Sodium Bicarbonate, 158 

and Calcium Carbonate, 320 
Bromide, 166 
Nitrite, 204 

of Three Bromides, 166, 234, 267 
of Yellow Mercurous Iodide, 419 
Tachhydrite, 322 

Talbot’s Solution, Diluted, 97, 377 
Talc, 353, 367 
Talcum, 368 

Tannic Acid, Glycerite, 185, 214 
Ointment, 214 

Tantalum, Compounds of, 555 
Chemical Properties of, 555 
History of, 554 

Manufacture of, Commercial, 555 
Occurrence of, 554 
Physical Properties of, 555 
Tar Ointment, Compound, 379 
Tartar Emetic, 534 
Salt of, 236 

Tartrated Antimony, 534 
Tasteless Tincture of Ferric Chloride. 
619 

of Iron, 619 
Taylor, 46 

Taylor- White Steel, 590 
Technitium, 662 
Telluric Acid, 575 

Telluridcs. See Respective elements. 
Tellurium, Compounds of, 574 
History of, 573 
Hydrides of, 574 
Occurrence of, 573 
Oxides of, 575 
Oxygen Acids of, 575 
Properties of, 573 
Tellurous Acid, 575 
Temperature, Critical, 20 
Tennant, Smithson, 338, 648 
Tennantite, 511 
Terbium, 452 

Terra Siheea Purificata, 468 
Test, Brown Ring, 121 
Tetraborates. See Respective elements, 
Tetraboric Acid, 101 
Tetrachlormethane, 459 
Tetrachromates, 584 
Tetradymite, 540 
Tetrathione, 221 
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Tetrathionic Acid, 572 
Thallium, Chemical Properties of, 450 
Occurrence of, 450 
Histoiy of, 450 

Manufacture of, Commercial, 451 
Physical Properties of, 450 
Compoimds of, 451 
Uses of, 451 
Thenard Blue, 428 
Thenardite, 144, 212 
Thenard, L. J.,55, 80, 100, 144,222, 423 
Theobromine and Sodium Acetate Cap- 
sules, 151 

Theobromina et Sodii Acetas, 150 
Theobromine and Sodium Acetate, 150 
Theophrastus, 390, 511 
Theophyllina et Sodii Acetas, 151 
Theophylline and Sodium Acetate, 151 
Tablets, 151 

with Sodium Acetate, 151 
Thermit, 432, 594 
Thermophores, 150 

Thessie du Motay-Marechal Process 
for Oxygen, 25 

Thin Pectin Paste, 180, 242, 324 
Thiocyanates. See Respective elements. 
Thiogly colic Acid, 521 
Thiopentalum Sodicum Sterile, 172 
Thiosulfuric Acid, 572 
Thompson, T., 114 
Thomsen, Julius, 170 
Thorianite, 662 
Thorite, 452, 662 
Thorium, Properties of, 662 
Sources of, 662 
Uses of, 663 

Three Bromides Elixir, 166, 234, 267 
Tablets, 166, 234, 267 
Thulium, 452 
Thyme Syrup, 359 
Thyroid, 179 
Thyroideum, 179 
Thyroxin, 92 
Tin, Block, 485 
Butter of, 487 
Chemical Properties of, 483 
Compounds of, 485 
Cry of, 482 
Gray, 482 

Halogen Compounds of, 486 
History of, 482 

Manufacture of. Commercial, 484 
Mine, 482 
Occurrence of, 482 
Oxides of, 485 
Physical Properties of, 482 
Rhombic, 482 
Stream, 482 
Sulfides of, 487 
Tetragonal, 482 
Uses of, 485 
Vein, 482 
Tin Cans, 485 
Tin Disease, 483 

Ions, Pharmacological Action of, 484 
Tests for, 483 
Islands, 482 
Plague, 483 
Plate, 485 


Tin Proteinates, 486 
Salt, 486 
Stone, 482 
Tincal, 100, 424 
Tinctura Aconiti P. I., 112 
Cinchona Composita, 113 
Ferri Chloridi, 619 
Citrochloridi, 185, 619 ‘ 

Guaiaci Ammoniata, 75 
lodi, 96, 199 
Decolorata, 96 
Fortis, 98 
Mitis, 96 

lodidorum, 76, 96 
Ipecacuanha, 113 
Ipecacuanha P. I., 113 
Nitromersolis, 192 
Nucis Vomica, 114 
Strychni P. I., 114 
Valeriana Ammoniata, 75 
Tincture of Ferric Chloride, 619 
Citrochloride, 619 
of Green Soap, 245 
of Iodides, 96 
of Iodine, 96, 199 
Decolorized, 96 
Mild, 96 
Strong, 98 
of Iron, 619 
of Steel, 619 
Tindal Ozonizer, 27 
Tinfoil, 482 
Tinstone, 482 
Titanii Dioxidum, 476 
Titanium, 475 
Dioxide, 475 

Non-official Compounds of, 475 
Official Compounds.of, 475 
Tolu Balsam Syrup, 358 
Tooth Powder, N. F., 320 
Toughened Silver Nitrate, 297 
Toxitabella Hydrarg>Ti BichLoridi. 

Magna, 401 
Parva, 402 

Tracer Compounds, 47 
Travers, 652, 653, 654 
Tremolite, 367 

Tribasic Calcium Phosphate, 337 
Magnesium Phosphate, 363 
Tablets, 364 

Tri calcium Phosphate, 338 
Trichromates, 5^ 

Tridymite, 469 
Tri-iodo-phcnol, 98 
Triphyllite, 139 

Triple Bromides Tablets, 234, 267 
Tripoli, Purified, 353, 365, 469 
Trisodium Phosphate, 219 
Trithionic Acid, 572 
Trona, 167 
T. S. P., 220 
Tubal-cain, 603 
Tungsten, Compounds of, 590 
History of, 589 
Metallurgy of, 590 
Occurrence of, 589 
Properties of, 589 
Tests for Identity of, 589 
Uses of, 590 
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Tungstic Acid, 590 
Turnbull's Blue, 606 
Turner’s Patent Yellow, 499 
Turpeth, 420 
Tuyeres, 608 

Type Metal, 483, 489, 534 

u 

Unguentum Acidi Borici, 104 
Tannici, 214 
Aqu® Ros®, 163 
Cupri Citratis, 284 
Diachylon, 497 
Flavum, U. S. P. XII, 97 
Hydrargyri, 397 
Ammoniati, 400 
P I 397 

Chloridi Mitis, 416 
Forte, 397 
Mite, 397 
Nitnitis, 124, 397 
Oxidi Flavi, 408 
Rubri, 409 

lodatum Denigrescens, 97 
lodi, 97 

Neocalamin®, 379, 624, 625 
Picis Carbonis, 378 
Compositum, 379 
Plurnbi Oleatis, 497 
Resorcinolis Compositum, 379, 548 
Sulfuris, Alkalinum, 237, 565 
Compositum, 320, 565 
Zinci Oxidi, 378 

Universal pH Indicator Paper, 43 
Unna’s Hard Zinc Paste, 379, 469 
Soft Zinc Paste, 321, 331 
Uranates, 592 

Uranii Nitras, U. S. P. IX, 591 
Uranium, Compounds of, 591 
History of, 590 
Metallurgy of, 591 
Properties of, 591 
Uranyl Nitrate, 591 
Zinc Acetate, 146 
Urey, H. C., 45 

V 

Valentine, Basil, 79, 131, 531, 540, 568 
V^alentinite, 531, 537 
Vallet's Mass, 172, 628, 633 
Vanadic Acid, 554 
Vanadinite, 553 
Vanadium, 553 
Chemical Properties of, 553 
Compounds of, 553 
Detection of, 553 
Histoiw of, 553 

Manufacture of. Commercial, 554 
Occurrence ot, 553 
Physical Properties of, 553 
Uses of, 137, 554 
Vanadium Bronze, 553 
Van Marum, 26 
Vanquelin, L. B., 351, 576 
Van't Hoff's Law, 27 
Varec, 92 
Venetian Red, 623 
Verdigris, Green, 289 


Vermilion, 421 
Vienna Green, 290 
Villard, P., 657 
Vinci, Leonardo da, 19 
Vitreosil, 470 
Vitriol, Blue, 287 
Green, 631 
Nitrous, 135 
Oil of, 131 
White, 383 

Vleminckx’s Lotion, 336, 565 
Solution, 336, 665 
Volatile Liniment, 75 
Vrbaite, 450 

W 

Wad, 593, 636 
Walton, E. T. S , 658 
Ward, Joshua, 131 
Wash, Black, 330 
Yellow, 330 

Washed Sulfur, 77, 563, 565 
Washing Soda, 167 
Water, Allowable pH Range, 53 
Ampul, 53 
Baryta, 349 
Carbonated, 49, 463 
Chemical Properties of, 53 
Chlorine, 84 

Clark’s Scale for Hardness, 52 

De-ionization of, 51 

Distilled, 54 

Electrolysis of, 24 

for Injection, 55 

Glass, 468, 473 

Hardness of, 50 

Heat of Vaporization of, 49 

Heavy, 46 

History of, 48 

Lead, 495 

Lime, 329 

Medicinal Uses of, 55 
Occurrence of, 48 
Official Recognition of, 53 
Oxygenated, 55 
Physical Properties of, 49 
Redistilled, 53 
Softening of, 50 
Sterile Distilled, 55 
Strong, 118 
Tests for Purity of, 53 
Water Gas, 465 
Waters, Alkaline, 49 
Carbonated, 49 
Chalybeate, 49 
Lithia, 49 
Mineral, 48 
Purgative, 49 
Saline, 49 
Siliceous, 49 
Sulfur, 49 
Watson, W., 649 
Watt, J„ 29 
Weed Eradicator, 275 
Weintraub, E., 424 
Wells, J. M., 667 
Welsbach Mantle, 663 
Werner, A., 581 
1 Wessler, 4^ 
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Weston Cell, 388 
Whelan, M., 275 
White, Arsenic, 611 
Cast Iron, 609 
Lead, 497 
Paste, 498 
Sublimed, 501 
Liniment, 75 
Lotion, 258, 383 
Pearl, 551 

Phosphorus, 504, 505, 506 
Precipitate, 399 
Fusible, 398 
Non-fusible, 398 
Ointment, 400 
Vitriol, 383 
Whiting, 321 
Widia Metal, 590 
447 

Wilkinson’s Ointment, 320, 565 
Willemite, 370 
Will-o*-tiie-wisp, 508 
Willstaetler, W., 326 
Wines, Plastering of, 340 
Winkler, C., 481, 569 
Wismut, 540 
Wissmat, 540 
Wissmuth, 540 
Witherite, 345, 454 
Wohler, Friedrich, 351, 427 
Wolfram, 589 
Ocher, 589 
Wolframite, 589 
Wollaston, W. H., 554, 646 
Wollastonite, 473 
Wood Charcoal, 458 
Wood^s Metal, 388, 542 
Wrought Iron, 609 
Wulfenite, 587 
Wurtzite, 370 
Wyss, A. R, 44 

X 

XaNTHO PROTEIN, 121 
Xenon, 654 
Xylotite, 369 
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COMMON LOGARITHMS 


N 

0 

1 

2 
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6 
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0043 

0086 

0128 

0170 
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0253 

0294 

0334 

0374 

11 
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0453 

0492 

0531 

0569 
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0682 
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0864 
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1173 
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1303 
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1367 

1399 
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1492 
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2014 

16 

2041 
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2766 

19 

2788 

1 

2810 
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3243 

8263 

3284 

3304 

3324 

3345 
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3874 
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4249 
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4330 

4346 
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4409 
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28 
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29 

4624 

4639 
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4669 
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30 
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4786 
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4814 

4829 

4843 
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31 

4914 

4928 

4942 

4955 

4969 

4983 

4997 

5011 

5024 

5038 

32 
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5065 

5079 

5092 

5105 
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5132 

5145 

5159 
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33 

5185 

5198 
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5224 
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5250 

5283 

6276 

5289 

5302 

34 
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5328 

5340 
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5366 

6378 
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5403 

5416 
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5441 
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5465 
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5490 
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5514 

5527 

6539 
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36 

5563 

5576 

6587 

5599 

6611 

5623 

5635 

6647 

5668 

5670 

37 

5682 

5694 

6706 

6717 

6729 

6740 

5762 

6763 

6776 

578* 

38 

5798 

5809 

6821 

6832 

5843 

5855 

5866 

5877 

6888 
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39 

5911 

5922 

5933 

5944 

5955 

5966 

5977 

5988 

5999 
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40 

6021 

6031 

6042 

6053 

6064 

6075 

6085 

6096 

6107 

6117 

41 

6128 

6138 

6149 

6160 

6170 

6180 

6191 

6201 

6219 
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43 

6232 

6243 

6253 

6263 

6274 

6284 

6204 

6304 

6314 

6326 

48 

6335 

6345 

6355 

6365 

6375 

6385 

6396 

6405 

6415 

6426 

44 

6435 

6444 

6454 

6464 

6474 

6484 

6493 

6503 

6518 

6522 

45 

6582 

6642 

6661 

6561 

6571 

6580 

6590 

6699 

6609 

6618 

46 

6628 

6637 

6646 

6656 

6665 

6676 

6684 

6698 

6702 

mi 

47 

6721 

6730 

6739 

6749 

6768 

6767 

6776 
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6794 
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6857 
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69116 

6955 
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6990 

6998 
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7269 

7267 
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